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ABSTRACT 

 Transition metals play an important role in many biological processes. Iron is 

essential for almost every organism, but its bioavailability is limited due to the low 

solubility of Fe(III) in aqueous environments. Microbial siderophores help solubilize and 

sequester iron(III). In solution, siderophores like desferrioxamine B (DFOB) are also avid 

binders of Ti(IV). Ti(IV) is chemically similar to Fe(III), and the use of usually-inert TiO2 

is increasing in products such as sunscreens and paint. The surface of titanium metal in 

joint replacements and implants is oxidized to form TiO2.  Microbial siderophores bind to 

normally inert TiO2 and this binding can affect the solubility of Ti(IV). Dissolution might 

render Ti(IV) biologically available, and might interfere with Fe(III) biogeochemical 

cycling, as well as impact biofouling in marine, medicinal, and industrial applications. This 

research explores how siderophores interact with Ti(IV) in aqueous solutions and can 

solubilize Ti(IV) from the surface of solid TiO2. Spectrophotometric techniques and 

isothermal titration calorimetry were used to determine the speciation of Ti(IV)-DFOB and 

revealed a stability constant of log b ~ 40 for Ti(IV)-DFOB when in competition with 

EDTA. Complementary computational methods were employed to predict the structure of 

Ti(IV)-DFOB, because no crystal structure has been determined thus far. Dissolution 

studies of TiO2 in the presence of DFOB were monitored by UV/Vis and ICP-OES to 

determine the kinetics of Ti(IV)-DFOB formation, using many different crystalline forms 

of TiO2 at several pH values. Kinetic data confirmed that dissolution of Ti(IV) with DFOB 

is a two-step process, with one faster, less extensive step and a slower step involving 

additional Ti(IV). Introduction of small organic acid-derived ligands such as oxalate, 

citrate, ascorbate and succinate changed the dissolution kinetics, suggesting a synergistic 
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cooperation between oxalate-DFOB dissolution, while the others revealed inhibitory 

behavior. Exposure of sunscreen products that contained TiO2 to DFOB was also 

investigated to determine biological effects on siderophore binding. Further investigative 

studies were conducted using SEM and TEM to address the surface interactions of TiO2 

with DFOB. Understanding these interactions is necessary to determine the effects of 

binding, the interactions of these complexes in aqueous environments and how they behave 

chemically in biological systems.  

Varying concentrations of Fe(III) and Ti(IV) were introduced together with DFOB 

to determine by using UV/Vis spectroscopy what metal will bind preferentially. ESI-mass 

spectra were obtained of these solutions to further confirm metal binding. DFOB-mediated 

mineral dissolution studies were explored by spectrophotometry and ICP-OES to 

determine the amount of soluble metal released into solution from a-hematite Fe2O3, 

anatase TiO2 and pseudobrookite (Fe2TiO5) and the kinetics of dissolution. Finally, surface 

analysis was conducted using SEM and TEM to observe the effects of DFOB on the 

mineral phase.  

The demonstration that DFOB can bind Ti(IV) and solubilize TiO2 raised the 

question of whether other siderophores could potentially cause the same effects. Another 

biologically relevant siderophore is pyoverdine (PVD), found in Pseudomonas bacteria. It 

has been a strong focus since it was found to have many important roles ranging from 

virulence, cell to cell signaling, and quorum sensing for biofilm formation. Adhesion of 

these bacteria is often found on titanium surfaces. Biofilms form on biomedical titanium 

implants and biologically induced corrosion often occurs on TiO2 coated surfaces, such as 

on the sides of ships and the interior of pipes. PVD was isolated from bacterial culture and 
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characterized.  PVD was then exposed to Ti(IV) solutions and monitored by UV/Vis 

spectroscopy and fluorescence to characterize Ti-PVD formation and speciation, by using 

the same techniques as Ti-DFOB. Binding of Ti(IV) to PVD was determined using ITC to 

have a log b ~51. Treatment of TiO2 with PVD yielded different results from those 

observed with DFOB. In particular, putative adsorption of PVD to the surface was seen 

rather than dissolution of Ti(IV). Growth of Pseudomonas in the presence of TiO2 showed 

enhanced growth rates and using Ti(IV) complexes, the effects on biofilm growth were 

determined. Understanding these interactions is necessary to determine the effects of 

binding, the interaction of these complexes in aqueous environments and how they behave 

chemically in biological systems.  
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CHAPTER 1. 

INTRODUCTION 

  

1.1 Iron in the Environment  

Iron is known to be an essential element in biology for a variety of reasons. It is a 

required element for almost all forms of life as it is key for many biological processes 

including catalysis of enzymatic activity, amino acid synthesis, oxygen transport and 

respiration, DNA and RNA synthesis, electron transfer, and photosynthesis.1–3 Iron-

containing enzymes also participate in secondary metabolism and oxidative stress 

responses.4 Iron is essential for most bacteria and also acts in the signaling of biofilm 

formation.2,5 The metal exists in two primary forms – ferrous (+2) and ferric (+3) 

oxidation states – although other oxidation states can occur in enzymatic catalysis. Iron is 

the fourth most abundant element and the most abundant transition metal in the earth’s 

crust and exists there primarily as Fe(III) hydroxide.  

There is an apparent paradox with respect to Fe(III) – its essentiality requires 

large amounts of soluble iron; however, it is insoluble at physiological pH with a Ksp for 

Fe(OH)3 of 10-39.6 In addition to its insolubility, soluble Fe(III) is reactive due to its 

ability to cycle with Fe(II) via Fenton chemistry, generating reactive oxygen species 

(ROS) and degrading organic molecules.4 To circumvent its insolubility and reactivity, 

nature has derived mechanisms to solubilize, acquire, and sequester Fe(III). One such 

mechanism is through the use of iron chelators, in particular siderophores.  
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1.2 Siderophores  

Siderophores are low molecular weight organic ligands with a high affinity for 

Fe(III). They are synthesized by bacteria and plants in times of iron stress and mediate 

sequestering and transport of Fe(III) into cells.1,2,7 There are over 500 known 

siderophores and they are found primarily in terrestrial bacteria and plants, although 

marine siderophores have also been identified.1,2,7 Chelating ligands, including 

siderophores, are present in soil at concentrations ~ 0.1 - 100 nM8–10  and in water at 2 

pM - 1 nM.11–13 If these siderophores were fully complexed in seawater to iron, they 

would present approximately 0.2 – 4.6% of the iron pool.11  

The selectivity towards Fe(III) exhibited by siderophores is achieved by optimal 

binding sites, including the number of binding groups and the stereochemical 

arrangement for binding.7 Most siderophores incorporate similar functional groups to 

bind to Fe(III) including hydroxamates, catecholates, carboxylates, and a-

hydroxycarboxylic acids, and most bind in a hexadentate coordination to the metal center.  

Siderophores feature different architectures including linear, tripodal, endocyclic and 

exocyclic structures.7,14 Figure 1.1 depicts some examples. The primary focus of this 

thesis is the investigation of metal/siderophore solution interactions and mineral 

dissolution studies with the siderophores desferrioxamine B and pyoverdine. 
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Figure 1.1. Examples of siderophores found in terrestrial organisms and bacteria; Kf 

represents the stability constant for Fe(III) defined by Fe(III) + [siderophore] ⇌ Fe(III)-

siderophore; where siderophore is A) ent6- B) HDFOB2- C) aero3- D) HPVD3-.   
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The ferrioxamines are a well-characterized class of trishydroxamic siderophores. 

They typically contain alternating units of succinic acid residues and a monohydroxylated 

diamine.1 The siderophore desferrioxamine B (DFOB) is one of the trishydroxamic acid 

siderophores that are present in both terrestrial and marine systems.11,15 Other 

ferrioxamines include desferrioxamine E  (DFOE) and desferrioxamine G (DFOG). 

DFOE is the cyclic counterpart to DFOB and DFOG. DFOG is primarily a marine 

siderophore and contains an addition of a carboxylic acid to the end of DFOB.1 DFOB is 

produced by many bacterial strains including Streptomycetes species and is the main 

siderophore synthesized by this species.16,17 DFOB is produced in industry in relatively 

large quantities because of its use in chelation therapy for iron overload conditions; it is 

trademarked under the name of Desferal.18 Because DFOB is commercially available, it 

is often used as a siderophore model for both marine and terrestrial studies, and the metal 

binding ability of DFOB has been widely studied.19–23 DFOB coordinates Fe(III) in a 1:1 

hexadentate fashion. It is an H4L+ ligand with pKa values (25 °C, I = 0.1) of 8.32, 8.98, 

and 9.55 for the three hydroxamic acids, and 10.84 for the protonated pendant amine.19  

Pyoverdines, or PVDs, (formally referred to as pseudobactins) are a group of 

fluorescent compounds that are synthesized by Pseudomonas species. More than 100 

PVD compounds have been identified.24 Almost all of the PVD compounds contain three 

parts: a dihydroquinoline-type chromophore that is responsible for its fluorescent 

property, an acyl side chain bound to the amino group of the chromophore, and a variable 

peptide chain linked by an amide group to the C1 carboxyl group of the chromophore.25,26 

Metal binding occurs at the catechol group of the chromophore, and either with two a-
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hydroxycarboxylic or hydroxamic acids on the peptide chain, resulting in a 1:1 

hexadentate binding when bound with Fe.27,28 Interest in pyoverdines increased when it 

was discovered to have important roles beyond iron binding in Pseudomonas biology, 

including virulence and cell-to-cell signaling of the human pathogen P. aeruginosa.25  

The pyoverdine that has been the primary focus of this work was obtained from P. 

fluorescens (ATCC 13525). Many isoforms of this siderophore exist even in the same 

strain, with the difference occurring at the variable side chain. The canonical structure 

contains a pyoverdine chromophore and a succinic acid or succinic acid amide side chain, 

with a molecular weight of 1161 or 1160 g/mol, as shown in Figure 1.2.26 However, the 

succinic acid can be replaced by ketoglutaric acid or glutamic acid, but in relatively low 

quantities. None of these side chains participate in metal binding, and isolation of each 

isoform is often complicated.29  The archetype PVD structure isolated from Pseudomonas 

aeruginosa is an H6L+ ligand with pK5 ~ 5.7, pK4 ~ 7.6, pK3 ~ 8.6, and pK2 ~ 10.5 for the 

four sites of deprotonation for metal binding.30 The other sites of deprotonation 

correspond to the succinic acid (pK6 = 4.8) and the lysine (pK1~10.8-12.2), although the 

lysine pKa was unable to be measured directly so the literature value for free lysine amino 

acid is generally used.30 These deprotonation constants are often used other PVD 

structures since the binding sites remain relatively equivalent for all the different 

structures. The sites of deprotonation for PVD from ATCC 13525 are shown in Figure 

1.2. 
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Figure 1.2. Structure of pyoverdine isolated from Pseudomonas fluorescens ATCC 

13525. Hydroxamate and catechol groups in orange participate in iron binding while the 

side chains in blue can vary among different pyoverdines but do not coordinate to the 

metal; the fragments in green corresponds to the acyl side chain (succinic acid amide), 

the purple fragment is the dihydroquinoline-type chromophore (pyoverdin type), and the 

remaining structure in black corresponds to the variable peptide chain.  
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1.3 Siderophore Coordination with Transition Metals  

Recent studies have demonstrated that these high-affinity metal uptake systems 

bind metals other than iron. Avid ligands that coordinate other metals are more generally 

known as metallophores.31 Metals other than Fe are essential for sustaining life and are 

present in the earth’s crust and natural bodies of water. Transition metals are necessary 

for catalytic and structural proteins including ones involved in photosynthesis, certain 

dehydrogenases, superoxide dismutases, zinc-finger proteins, and many others. Metals in 

the environment can exist in different physical states, such as solid minerals, dissolved 

complexes and colloids. However, most metals exist primarily as insoluble metal oxides, 

clays or a part of minerals.32–35 Soluble transition metals in seawater and soil generally 

are chelated by organic ligands which control bioavailability and trace metal cycling.31 

Figure 1.3 highlights the concentration of common elements and metals in the 

environment. 

An important factor in considering siderophore binding to metals is Pearson’s 

principle of hard and soft acid base (HSAB) interaction.36 Traditional, hard metals with 

higher charge to radius ratios will be most stable with ligands containing hard ligand 

groups such as oxygen atoms. Soft metals generally have lower charge to radius ratios 

and are most stable with softer ligands such as nitrogen or sulfur containing groups. 

Siderophores typically are hard ligands containing hydroxamate or catecholate groups 

and they bind smaller, higher charged transition metals more tightly. The focus of this 

work will be on siderophore-mediated interactions with non-ferrous metals, in particular 

Ti(IV), and recent advancements in this field.  
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Figure 1.3. Concentration of elements and transition metals in common environmental 

settings37,38   
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1.4 Solution Chemistry of Desferrioxamine B 

Understanding the stability and coordination chemistry of siderophore-metal 

complexes in aqueous solution is essential to determine the fate of those complexes and 

to help elucidate the mechanism that facilitates their uptake in microbial systems. DFOB 

is a classic model for siderophore chemistry with non-ferrous metals. Recently DFOB 

was shown to have even stronger binding constants for some other metal ions than for 

Fe(III).39,40 These interactions with nonferrous metals can interfere with iron cycling in 

solution and these investigations will be discussed.  

Desferrioxamine B has been well characterized in solution with respect to other 

metals as shown in Figure 1.4. 21,23,40–51 According to HSAB theory, metals that tend to 

be harder acids should better lower the pKa of the coordinating ligands and thus facilitate 

stronger binding. DFOB can coordinate in several modes depending on the metal and 

conditions. Certain metals can be coordinated in a bidentate fashion by DFOB, while 

others tend to form tetra or hexadentate complexes. Hydrolysis constants for the metal 

ions can be plotted in a log-log plot versus stability constants to relate trends in metal 

binding (Figure 1.5). Harder metals tend to follow a linear trend when fully coordinated 

in a hexadentate fashion. Softer metals, however, often do not fully coordinate, and they 

tend to deviate from this correlation.22,31  
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Figure 1.4. Metals for which interactions with DFOB have been characterized.21,23,40–51   
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1.4.1. Hexadentate Coordination of DFOB 

Under physiological conditions, most metals are fully coordinated by all six 

binding sites of DFOB. Generally, hexadentate coordination of siderophores occurs at 

moderate pH values and is the primary speciation under biological conditions. A large 

amount of research has been conducted on the hexadentate DFOB-metal complexes. This 

coordination affords greater complex stability and exhibits stronger binding constants 

compared to the bi- or tetra-dentate coordination. Stability and selectivity of metal-DFOB 

binding is strongly correlated to interatomic distances between the ligand and the metal 

atom.39 The stability constant for its binding to an individual metal ion also correlates 

well with that ion’s Lewis acidity as benchmarked by its binding of OH- (Figure 1.5).  

Formation constants are typically expressed as K or b values and are the most 

fundamental way to express the strength of a metal ion-ligand interaction.52 When 

expressing equilibrium constants in aqueous solutions, proton participation must be 

included so that the binding is thus dependent on pH (equation 1) 

(1)  Mn+ + LHx � MLn-x + xH+  to yield K = 
!"#$% [']%
!#) ["'%]

 

Often then, the constant K represents the pH-dependent equilibrium constant. However, 

for hexadentate ligands, it is more useful to compare the pH-independent stability 

constant.14 Overall equilibria for metal-ligand stability are often expressed as b values.53 

This approach does not consider the competition between H+ and metal for ligand 

binding (equation 2).  

(2) Mn+ + DFOB3- � MDFOBn-3 to yield b110 = 
!*+,-#$.

!#) [*+,-.$] 
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Figure 1.5. Correlation for various metal ions between binding constant for HDFOB2- 

(log Kf where Kf = [M(HDFOB)(n-2)+]/[Mn+][HDFOB2-]) with binding constant for OH- 

(log K1(OH) where K1 = [M(OH)(n-1)+]/[Mn+][OH-],19,54 using published binding 

constants.19,21,23,41,43,55,56 Smaller ions tend to bind more tightly to DFOB than this 

correlation suggests, whereas larger ones tend to bind less tightly, in some cases with 

deviations > 5 in the value of log K. 23,40,41,43,47,49,56   
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The designation b110 follows the notation of bMLH where L corresponds to DFOB3- in this 

case. Using the notation of b110 in a theoretical sense is often useful when siderophores 

have different protonation constants so it gives a standard formation for comparison.  

 At low pH, the DFOB complex can protonate and the resulting equation is  

(3) MDFOBn-3 + H+ � MDFOBHn-2   to yield K = 
[!*+,-'#$/]
') [!*+,-#$.] 

Combining the independent stability constant b110 with the protonated M-DFOB complex 

K value can give an overall stability constant for the MLH complex often designated b111 

(equation 4) 

(4) Mn+ + DFOB3- + H+ � MDFOBHn-2  to yield b111 = 
!*+,-'#$/

!#) [*+,-.$][')]  

When then ligand is protonated in either its free or metal-bound state, as DFOB is often 

protonated at its pendant amine, then Kf can be used where: 

(5) Mn+ + HDFOB2- � MDFOBHn-2  to yield Kf = 
!*+,-'#$/

!#) ['*+,-/$]   

For comparison between different transition metal complexes, it is common to 

refer to the pH independent stability constant b110 (bMLH).14 Typically the amine tail of 

the DFOB remains protonated, and the metal binding sites become deprotonated to 

complex these metals. For many metal ions, including Fe(III), metal binding does not 

perturb the pendant amine pKa so the Kf ~ b110. Figure 1.6 depicts the archetypal 

speciation of Fe(III)-DFOB as a function of pH, with the species [FeHDFOB]+ 

predominating from pH 2 to pH 10.22,57 However, certain metals that are stronger Lewis 

acids, such as Ti(IV), Th(IV), and Pu(IV), have the ability to facilitate the deprotonation 
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of the amine tail, and lower the pKa values in M-HDFOB complexes. This effect changes 

the speciation and relationship between Kf and b110.40,43,58 In these cases, the log b110 best 

describes the formation of the complex formed under physiological conditions.  

 

 

 

Figure 1.6. Fe(III)-DFOB speciation; [FeH2DFOB]2+ (red dashed line) is formed at pH < 

1, [FeHDFOB]+ forms at pH ~ 1.2 to pH ~ 10 (green solid line) and the fully 

deprotonated species [FeDFOB] (blue dotted line) occurs at pH < 10.22,57 The data were 

modeled with 1 mM Fe(III), 1 mM DFOB by Aqueous Solutions software.59   
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1.4.2 Tetradentate Coordination of DFOB 

DFOB can also form 4-coordinate complexes, and in some cases they are more 

stable than the hexadentate complex with the same metal.  A hexadentate siderophore, 

such as DFOB, can be protonated at low pH values and can result in a tetracoordinated 

metal-ligand complex where one coordinating site remains protonated.14 Divalent metals 

commonly form complexes with distorted Jahn-Teller octahedral coordination. Cu(II) 

exhibits so much Jahn-Teller distortion that it is better thought of as square-bipyramidal 

geometry. DFOB can bind another atom of Cu(II) when in the tetradentate coordination, 

so that a second Cu(II) atom binds to the last hydroxamate site on DFOB.41,47 Values 

reported for the fully complexed Cu(II)-DFOB complex might instead reflect a 

deprotonated tetradentate complex.60 Zn(II) also has the tendency to coordinate in a 5- or 

even 4-fold coordination.39 Hexadentate coordination is not always observed for Pb(II), 

for reasons that are often debated. One theory is that the bond lengths change, therefore 

changing the coordination environment. Pb(II) can also have coordination numbers from 

3-12 with irregular geometries, adopting different binding conformations,60 leading to 

much uncertainty in the speciation and coordination number of Pb(II) with DFOB.39 At 

low pH values, additional metals that are generally 6- coordinate can form 4-coordinate 

complexes. However, when the pH is increased, full complexation to DFOB occurs and 

the stability of the complex increases. When defining four coordinate complexation, the 

pKa value is defined such that in most cases the DFOB has a protonated amine tail that is 

often omitted in equations so that MLH3 and MLH2 represent the deprotonation of the 

first (LH3) and second metal site (LH2
-).56 The four-coordinate deprotonation constant is 
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defined in equation (6) and its correlation with metal hydrolysis constant is shown in 

Figure 1.7.14,22  

(6) MDFOBHn-2 + H+ � MDFOBH2
n-1

 where K = 
[!*+,-'/]#$0
') [!*+,-']#$/ 

 

	

Figure 1.7. Correlation between log K of [MLH2]/[MLH][H] and the first hydrolysis 

constant of a metal.19,21,40,41,43,51,55,56 
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1.4.3 Bidentate Coordination of DFOB 

Bidentate coordination occurs at the first deprotonation site for DFOB, and 

occasionally this coordination is seen at extremely low pH or upon hydrolysis of the 

metal ion at high pH. Otherwise, DFOB is a flexible molecule and can fold itself around 

the metal cation if the metal is small enough to fit in the cavity. The central cavity 

appears to be capable of accommodating many different sized ions, but it reaches a limit 

at which sterically it cannot fully coordinate.49 Bidentate species are seen when DFOB is 

complexed to rare earth elements. Certain metal ions that are prone to hydrolysis also 

form bidentate species such as Be(II). Upon raising the pH to physiological pH, the metal 

ion is hydrolyzed and precipitated.42 Cu(II) and Pb(II) also exhibit this behavior as well 

as the previously discussed tetracoordinated complexation. Protonation constants for 

bidentate coordinated metals are defined in equation (7) and the log-log plot of the 

hydrolysis of the metal versus the KMLH3 is shown in Figure 1.8.  

(7) MDFOBH2
n-1 + H+ � MDFOBH3

n
  where K = 

[!*+,-'.]#
') [!*+,-'/]#$0
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Figure 1.8. Correlation between first hydrolysis constant of metal ion as a function of log 

K = [MLH3]/[MLH2][H].21,41,49,51,56,60,61 

 

1.4.4. Determination of Stability Constants 

Stability constants have been determined in a variety of ways. One method to 

obtain pH-dependent speciation and log b values is by performing (spectro)-

potentiometric titrations in which the pH is monitored as a function of added base or acid, 

and/or the absorbance spectrum changes as the pH is changed. These data can shed 

insight into speciation of the complex and b values for those species.  

Aside from the direct method described above, some bMLH (proton independent 

constants) can be determined in an indirect method. Most aqueous solutions contain pH-

dependent equilibria.14 Sometimes the metal ion and/or the ligand are not stable over a 
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wide pH range. Often the conditions of the reactions (high pH values) that will facilitate 

full deprotonation of DFOB and complexation to metals can also hydrolyze the metal. 

Sometimes the free aquated metal ion is never formed in the experimentally accessible 

pH range. Therefore, indirect competition with other well-characterized ligands is 

necessary to reveal binding constants for the siderophore itself. A common ligand used is 

EDTA, which is well characterized with respect to pKa values and metal coordination. 

Stability constants with many metal ions are known.41,62 EDTA has little 

spectrophotometric absorbance compared to metal-DFOB complexes and the formation 

of the metal-DFOB complex can be observed in the visible range.14 Data fitting software, 

such as SPECFIT/32,63 which factors in hydrolysis of the metal, protonation values for 

both EDTA and DFOB, and the binding constant of metal-EDTA, can yield a binding 

constant for the metal-DFOB.  

Another technique used less commonly in the inorganic chemistry field is 

isothermal titration calorimetry (ITC). ITC provides a valuable technique for quantifying 

the thermodynamics and binding stabilities of ligand metal interactions.64,65 The basis of 

this technique requires one binding partner to be placed in the sample cell and the other to 

be placed in the syringe. The syringe solution is titrated into the sample cell and the 

instrument adjusts the power to the sample cell to maintain a constant temperature 

difference between the sample cell and a reference cell close to 0. The output is the 

power differential required to maintain this temperature difference. The peaks are 

integrated and the resulting curve yields the change of enthalpy versus the mole ratio of 

the solutions. Thermodynamic properties including binding stoichiometry, binding 
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constant, and enthalpy and entropy of binding can then be calculated.64,65 A setup of a 

typical ITC experiment is shown in Figure 1.9.  

In theory, free (aquated) metal ion could be titrated into a ligand solution or vice 

versa. However, direct titrations are limited to a range of about 100 µM > KD > 1 nM.66,67 

Because the binding of most metals to DFOB is orders of magnitude tighter than that 

desired range, the KD of metal-DFOB is too low to be determined directly from ITC 

measurements. In order to circumvent this issue, a complex with a moderate binding 

competitor ligand such as EDTA can be titrated into a stronger binding ligand of interest, 

in an approach known as displacement titration calorimetry.66–68 This approach also 

circumvents the hydrolytic instability of free (aquated) metal ions. The release of the 

moderate ligand and binding to the strong ligand will yield a composite apparent constant 

(KITC) under the experimental conditions. Calculations that factor in the protonation of 

each ligand and the binding of EDTA to that metal can result in the determination of Kf 

for metal-DFOB complex. This approach has been used to study other siderophore-metal 

interactions.67,68  

 



 

 21 

 

Figure 1.9. Example of ITC setup where the titrant is in the syringe (green) and is titrated 

into the sample cell (red) attached to a power supply with the reference cell (blue).  

 

1.4.5. Metal-DFOB Structures 

In addition to the stability constants for metal-DFOB interactions, the structure of 

these complexes has been investigated. The X-ray crystal structure of its iron bound form 

has been determined (Figure 1.10).69 Some of its complexes with other metals have been 

interrogated by spectroscopy and computation.21,44,70 This [FeHDFOB]+ structure is often 

used for comparison for other metal-DFOB complexes.  
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Figure 1.10. Fe-DFOB crystal structure (CCDC No. 155586 – OFUYET).69 

1.5 Solution Chemistry of Pyoverdine and Pseudomonas Bacteria with Transition 

Metals 

The ability of PVD to bind various metal ions along with the ability of 

Pseudomonas bacteria to sequester these metals are often coupled interactions that are 

studied simultaneously. Much has been published on these interactions.24,71–78 As shown 

above with DFOB, stability constants are often troublesome to compare due to the 

different definitions that authors use. PVD deprotonation constants are hard to quantify 

due to the differences in side chains between each PVD molecule and variation among 

published values for even the same PVD molecule. The values and speciation often varies 

depending on how the author choses to define the fully protonated PVD and under what 

conditions the experiments are conducted. Binding constants and stability constants have 
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been reported for Fe(III), Ni(II), Cd(II), Cu(II), Mn(III), Zn(II), Fe(II), Mn(II) and 

U(IV).30,75,77,78 The primary species at physiological conditions for metal speciation exists  

as the [HPVD-metal] where the amino acid of arginine or lysine remains protonated and  

log b111 or log KMLH values are known, and these values are shown in Table 1.1 

 

 

 

 

 

 

 

 

 

 

Free pyoverdine exhibits unique UV/Vis and fluorescent properties.29 Upon iron 

binding, this fluorescent signal is quenched and the UV/Vis spectrum changes as a 

function of pH. Several studies observed metal-PVD interactions via UV/Vis. In some 

cases, the UV/Vis changed considerably with certain metals. However, with other metals, 

very little change in the signal was detected. However, this lack of change was not 

necessarily indicative of the inability of PVD to chelate these metals. It may just be the 

binding was not as strong or that the binding region was not fully coordinated.24 A 

complementary way to determine PVD binding to metals is by monitoring metal 

Table 1.1 Stability constants for metal-PVD complexes; * assumed L4- 
ligand was only the deprotonated species at the metal center and did 
consider the other two H from the side chain 
Metal Definition  Stability constant Ref 
Zn (II) L4- + Zn2+« LZn2- log KML = 19.8* 79 
Cu(II) L4- + Cu2+« LCu2- log KML = 20.1* 80 
Mn(II) L4- + Mn2+« LMn2- log KML = 17.3* 79 
Fe(II) L4- + Fe2+« LCu2- log KML = 8.3* 79 
Ni(II) L4-+Ni2+«LNi2-  

 
log KML = 10.9* 77 

Cd(II) L4-+Cd2+«LCd2-  
 

log KML = 8.2* 77,80 

Fe(III) L4- + Fe3+ «LFe- 

Fe3+ +L4- +H+  « FeLH- 
log KML = 30.8* 
log b111 = 44.6 

30 

UO2
2+ UO2

2+ +L4-+H+  « UO2LH- log b111  = 26.0*  78 
Mn(III) Mn3+ +L4- +H+  « MnLH- log b111 = 47.5 75 
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quenching or fluorescence changes when compared to the fluorescent signal of metal-free 

PVD ( lex = 398 nm,  lem = 470 nm).29 Fluorescence emission increased when PVD was 

bound by Al(III), Ga(III), Cr(II), Eu(III), Pb(II), Sn(II), Tb(III), Hg(II), Ag(I), Cd(II), 

Ni(II), and Tl(I).24,74,78 Signal was quenched in the presence of Cu(II), Fe(III), and 

UO2
2+.24,74,78 No significant change was observed with Ca(II), Zn(II) and Mg(II).74 

Conflicting results were observed with Mn(II), but binding was confirmed even if the 

fluorescent spectra were muddled.74,75 These data taken together reveal that PVD has an 

unique ability to complex a wide range of metals. Even though most of the metals tested 

exhibited weaker binding when in competition with Fe(III), Ga(III) was the only metal 

that was able to decrease Fe(III) signal and compete for binding, indicating a stability 

constant close to that of Fe(III).24  

 PVD is only secreted from Pseudomonas in times of iron stress and there is a 

possible link between PVD specificity of metal uptake and the ability of Pseudomonas to 

interact with these various metals.24,73,81 The way PVD and Pseudomonas handles metal 

interaction is depicted in Figure 1.11. As depicted in Figure 1.11A, after Pseudomonas 

was grown in iron-free media and synthesized PVD, various metals were introduced into 

the cell media and PVD was capable of forming complexes with all of them. As shown in 

Figure 1.11D, these metals were capable of upregulating PVD synthesis when 

incorporated into media prior to Pseudomonas growth, even under iron supplemented 

conditions. In Figure 1.11B, these metals that were complexed with PVD in solution were 

capable of binding to the PVD receptor that is found on the cell membrane. Figure 1.11C 

shows the PVD-metal complexes that were transported across the cell membrane into the 
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periplasm.24,73 Metals that either interacted with the transporter (B) or diffused across the 

cell membrane (C) can be further classified. Ga(III) and Mn(II) induced PVD production, 

transported across the cell and also inhibited the uptake of Fe(III). Cu(II) and Ni(II) were 

able to induce PVD production and were slightly transported, but could not inhibit Fe(III) 

uptake. Lastly, Ag(I), Cd(II), Co(II), and Hg(II) only inhibited Fe uptake, but did not 

stimulate PVD production or diffuse through the cell.24,73,81  

 The ability of PVD to bind to toxic metals in culture media may be related to the 

observation that Pseudomonas is resistant to metal toxicity, as revealed in different 

growth assays. PVD was able to bind Eu(III), Pb(II), Tb(III), Sn(II), Tl(I), Cr(II) and 

Hg(II) and prevent their diffusion across the cell. 24,81 Taken together, these findings 

suggest that siderophores are not just used for iron uptake and coincidentally have high 

affinity for other metals. They can be used as a defense mechanism for bacteria in regards 

to heavy metal toxicity. But, conversely, this avid binding could have detrimental effects 

for bacteria as well. If the pathway for metal uptake cannot differentiate between metal-

siderophore and ferri-siderophore, strong repercussions would arise in regards to iron 

cycling. Metals that have been observed to interact with PVD are shown in Figure 1.12.  
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Figure 1.11. Metal specificity of PVD pathway in Pseudomonas bacteria. The pyoverdine 

transporter has a broad metal specificity; (A) Metals that bound to PVD after 

Pseudomonas secreted PVD into iron free cell media; (B) Metals that attached to the 

PVD transporter protein (C) Metals that were capable of being transported by PVD 

across the cell membrane and into the bacteria and (D) Metals that led to the upregulation 

of PVD production that activate the signaling cascade in iron-limited conditions (metals 

in red led to upregulation in iron-supplemented media. 24,73,81 (Adapted from Braud et al., 

2009 and Braud et al., 2011) 
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Figure 1.12. Metals for which interactions have been investigated with 

PVD.24,30,74,75,77,78,81  
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1.6 Dissolution of Minerals by Siderophores  

Another area of interest in siderophore chemistry is mineral dissolution and 

biogeochemical effects of these interactions. Metals can be found in a variety of forms in 

the environment. Insoluble solids include adsorbed or precipitated species interacting 

with organic matter, clays and mineral formations or (hydr)oxide minerals.31 The effects 

of siderophores on the solubility of Fe(III) oxides have been well studied.82 In the 

absence of chelating ligands, solubility of Fe(III) from iron oxide has been reported to be 

on the order of 10-10 to 10-18 M.7,83–86 However, more than 99% of Fe(III) at the surface of 

the oceans is complexed by organic ligands.87–91 In environments where iron 

concentration is limited, siderophore ligands promote the dissolution of iron from iron-

containing minerals and increase solubility from 4 to 14 orders of magnitude when 

compared to the solubility of the mineral itself.92,82,93  

Different mechanisms for metal ion release from minerals include proton-

promoted and ligand-controlled dissolution.82 Proton-promoted dissolution involves 

protonation of the oxide groups that are bound to the metal ion on the mineral surface.82 

This mechanism predominates in low pH environments (acidic conditions), where 

attachment of the protons weakens the metal-oxygen bond and liberates metal ions into 

solution.94 The attachment of protons to the metal oxide occurs faster than the metal 

detachment. The point of zero charge on the surface of the mineral oxide will determine 

if the oxide will be susceptible to proton promoted dissolution and the rate that the 

dissolution will occur.95 The primary metal ion release mechanism triggered by 

siderophore interactions is ligand-controlled dissolution. Ligand-controlled, or in this 
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case siderophore-controlled, dissolution includes a fast adsorption complex formation 

between the ligand and the surface of the metal solid, a slow rate determining step of 

ligand coordination and metal detachment from the surface, and lastly, fast regeneration 

of the surface.82 This detached metal can then be transferred into the surrounding 

environment to become available for microorganisms and plants.2,31 Under typical 

environmental conditions, proton promoted dissolution is not expected to have any effect 

on mineral oxide solubility, so most dissolutions occur via the ligand-controlled 

pathway.82,96 Siderophores induce an increased mobility of metals ions in natural 

systems.2,73,97,98 Adsorption of the siderophore to the surface is generally regarded as a 

prerequisite for mineral dissolution. Dissolution rates can be affected by pH, temperature, 

elemental surface composition, other inorganic/organic ligands present, and particle 

size.31,82 The primary focus of this work will be on mineral dissolution induced by DFOB 

and pyoverdine.  

1.6.1 Interactions and Implications of Dissolution with DFOB 

DFOB offers an established model system for mineral oxide dissolution. The 

efficacy and kinetics of siderophore-mediated mineral dissolution with DFOB have been 

established with other oxides in addition to those of Fe(III).93,99–107 Built on the extensive 

research on metal-DFOB solution chemistry, findings suggest that these interactions with 

nonferrous metals may interfere with iron cycling and complicate biogeochemical 

processes, such as the weathering of minerals.93,99–101,105,107,108 Iron is the primary target 

metal for DFOB. However, competition with other metals present can reduce the amount 



 

 30 

of free DFOB available to complex Fe(III) and can cause extra stress on organisms to 

synthesize additional ligands to help obtain the necessary nutrients.31  

The effects of metal competition can be explained in two ways. The first is 

thermodynamically, where once the system reaches equilibrium, the competition for 

DFOB by other metals will rely on the binding strength to that metal compared to Fe(III). 

However, the time it takes the system to reach equilibrium can dictate the interference of 

this metal interaction. Instead of a thermodynamic approach, a kinetic strategy can be 

used. The rate at which the nonferrous metal is solubilized can drive the displacement 

reaction of Fe(III) and can drastically affect the uptake and metabolism of Fe(III) in 

organic systems.31 Organisms can sequester DFOB-metal complexes from minerals that 

have similar properties to Fe(III) and this sequestration can interfere with biological 

activity. One example is the interaction of DFOB with manganese.101,105  

Mn(III)-DFOB complexes have binding constants almost equal in strength to those 

of Fe(III).45 Mn(III) is the third most abundant transition metal in the Earth’s crust and 

often is involved in many biological and environmental processes.109 Rates of Mn(III) 

dissolution were >100 times greater than previously reported for iron minerals. The rate 

of solubilizing Mn(III) by DFOB and the strong binding affinity DFOB has for Mn(III) 

could interrupt iron acquisition in microbial species.101,105    

Co(III)-DFOB was reported to have a log Kf of 37.5, five orders of magnitude 

greater than that for Fe(III).23 Although Co(III) is inherently kinetically inert, in the 

presence of Co(III)-substituted goethite (an Fe(III) containing mineral), introduction of 

DFOB enhanced the rate of release for both Co(III) and Fe(III) compared to goethite 
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containing only Fe(III).100 Minerals consisting only of Co(III) hydroxides also had 

increased solubility in the presence of DFOB. This result suggests that DFOB could 

increase Co(III) solubility and make it more bioavailable. It was also suggested that 

DFOB could mobilize radioactive 60Co from cobalt-containing minerals by weathering.100 

Mineral weathering is a major consequence of siderophore-promoted dissolution. 

Microbes that secrete siderophores do not directly precipitate minerals, but rather change 

the morphology and surface of minerals by exposing fresh surfaces to reprecipitate and 

form new or different mineral phases thus leading to biomineralization.110 The impact of 

DFOB, and siderophores in general, on mineral weathering can be more effective in the 

presence of other organic acids, such as oxalate, citrate, succinate or ascorbate, which 

greatly affect the rate of dissolution of metal oxides.2,106,107,111–113 Small organic acids, 

such as oxalate, exhibit a synergistic effect so that the rate of dissolution and amount of 

soluble metal species increase when in the presence of both siderophores and 

oxalate.31,82,106,113 Since the rate determining step in dissolution is the removal of metal 

from the surface, it can be postulated that the small organic ligand acts as a shuttle and 

binds to the metal ion at the mineral surface and removes it from the surface. Then 

siderophores in solution chelate the metal from oxalate, freeing the oxalate to liberate 

more metal ions. The concentration of oxalic acid in natural systems ranges from 0.025 - 

4 mM.114–116 Plants often co-exude various other organic acids with siderophores under 

iron-limiting conditions to help with iron acquisition.117 The presence of these organic 

acids can have a great significance on mineral dissolution. 
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As suggested previously, because of the ability of siderophores like DFOB to 

complex with nonferrous metals, these siderophores could cause the release of soluble 

labile toxic metals into the environment from an otherwise insoluble inert source.31 

Conversely, DFOB could be used for metal waste recovery or bioremediation of 

contaminated soils and water. Bioremediation using siderophores has been studied in 

great detail and an excellent review from Ahmed et al. (2014) is available.2 Much work 

in regards to toxic metal release and bioremediation is focused on common radioactive 

metals that are mobilized from mining sites.31 DFOB can form strong complexes with 

Co(III),23 U(IV),48 Th(IV),43 Cm(III),50 Pu(IV),40,118 and many lanthanide metals.49,51 

Complexation with minerals containing Co(III), U(IV), Th(IV), Cm(III), Pu(IV), Pb(II) 

and As, enhance toxic metal mobility by increasing solubility, inhibit the ability for metal 

ions to adsorb back into the mineral phase, and expose fresh surfaces of minerals for 

further sequestration by siderophores. This effect is observed in numerous dissolution 

studies when these metals were present as mineral oxides.93,99,119,120 This phenomenon 

can also again interfere with iron cycling. However, due to the binding and dissolution of 

these heavy toxic metals, applications for using DFOB could be beneficial for 

bioremediation in contaminated sites by an environmentally friendly method as well as 

medicinally for removal of metal poisoning.2,31,120,121  

1.6.2 Interactions of PVD with mineral oxides  

While much work has been done with respect to DFOB dissolution, much less is 

published in regards to PVD-induced mineral dissolution. Smectite, a clay that contains 

Si(IV), Al(III), Fe(III), and Mg(II) often found in soil, was exposed to Pseudomonas 
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bacteria and pyoverdine to determine the amount of metal solubilized by both the 

siderophore and bacteria.122 This study revealed the efficacy of dissolution and the 

increased concentrations of ~ 2 µM and ~ 8 µM for Fe(III) and Al(III) ions in solution, 

respectively. In samples that contained either no pyoverdine or mutant strains of bacteria 

incapable of synthesizing siderophores, there was no detectable metal in solution (< 0.01 

µM).122 In another study, iron containing clays were exposed to Pseudomonas 

aeruginosa, both the wild type and a mutant strain incapable of producing PVD.123 In 

control studies in the absence of bacteria, no detectable iron was found in the media. In 

samples that contained WT bacteria, up to 5.2 µM of dissolved Fe was detected. Lastly, 

in the mutant strain, again no detectable Fe was found in the supernatant. PVD, in the 

absence of bacteria, when in solution was found to dissolve approximately the same 

concentration of Fe from the WT cells, suggesting that PVD is the link between 

dissolution of minerals with Pseudomonas.123 Finally, the effects of pyoverdine and 

DFOB on the solubility of nuclear fuel containing Fe, Sr, Zr, Mo, Tc, U, Ru, Np, and Pu 

were determined. Sr in solution increased by 10 nM with both siderophores. Zr solubility 

increased with DFOB only with an average value of 6.5 nM. PVD and DFOB increased 

Ru solubility by a factor of 6.7 and 4.5 respectively. DFOB increased Np concentration 

by 42% whereas PVD could control hydrolysis of Np when it was solubilized, but could 

not solubilize additional Np.  Fe and Tc showed reduced solubility over time. The 

decreased iron solubility was attributed to the way the nuclear fuel was prepared. The 

conditions required Fe(III) to be reduced to Fe(II) and if Fe(II) containments were 

present, the siderophores’ ability to bind would be significantly decreased, and could 
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outcompete other metals for binding. Concentrations of U fluctuated over time, but 

exhibited a slight increase for both siderophores.124 These results could suggest 

bioremediation of heavy metals using pyoverdine as well.  

1.7. Siderophore-Metal Interactions in Biofilm Formation 

Some bacteria can cycle through two lifecycle phases, characterized by planktonic 

and biofilm forms.125 Planktonic bacteria are free flowing in suspensions and are not 

adhered to any surface. Biofilms are structured colonies that adhere to a surface by some 

stabilizing matrix.126  Biofilm-associated infections are a serious complication for both 

oral and orthopedic implants.127–129 It has been estimated that 80% of human infections 

involve microbial biofilms.130 Biofilm formation occurs in four major steps: 1.) 

planktonic cells attach reversibly to a surface by using a variety of proteins and sensing 

mechanisms to find this surface. This loose adhesion is followed by 2.) irreversible 

attachment to this surface where production of an extracellular polymeric substance 

(EPS) occurs that facilitates this binding. Then 3.) cells grow and multiply forming 

multicolonies and secrete EPS which acts as a communication signal (quorum sensing) to 

other surrounding bacteria. This chemical communication causes additional bacteria to 

attach to these surfaces and form mature biofilms and finally 4.) biofilms are dispersed to 

yield cells in the planktonic state and the cycle repeats.125,128,131 Figure 1.13 depicts the 

stages of the biofilm lifecycle. Pseudomonas bacteria, opportunistic bacterial pathogens, 

are often the model system for biofilm formation since they were found to synthesize 

molecules that have many important roles ranging from virulence, cell to cell signaling, 

and quorum sensing for biofilm formation.25  
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Figure 1.13. Stages of biofilm lifecycle; where 1.) planktonic cells reversibly attach to a 

surface followed by 2.) where cells irreversibly attach and synthesis EPS to facilitate this 

binding. In 3.) the cells start forming multicolonies where EPS is secreted and act as a 

communication signal (quorum sensing) causing additional bacteria to attach and forming 

mature biofilms. Finally in 4.) biofilms are dispersed in the planktonic state allowing for 

the cycle to continue.125,128,131   
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1.7.1 Metal Involvement in Biofilms and Biofouling  
 

Beyond medical infections, another area of interest regarding biofilms is the 

biofouling and biocorrosion that occurs on metallic surfaces used in aquatic systems.132 

The difference between biofilms and biofouling is that biofouling refers to the metal 

corrosion caused by these adhered bacterial colonies to metal surfaces.125 Biofouling is a 

particular issue in many industries including oil, gas transportation lines, conventional 

and nuclear power stations, desalination industries, waste water treatment plants, pulp 

and paper industries, chemical industries, cooling water systems, aircraft fuel tanks, and 

naval ships and equipment.133 Biofouling occurs by the initial attachment of organic 

compounds and bacteria to a metal surface leading to the formation of biofilms. Biofilms 

then can attract larger organisms such as barnacles, oysters, and other marine organisms 

on these surfaces.134 Biofilms are a direct cause of biofouling.  

Iron plays an essential role in biofilm formation for Pseudomonas bacteria.5 

Quorum sensing systems and iron signaling are linked in that iron induces the release of 

EPS material, generating biofilms.135 These bacteria synthesize many different 

metabolites, but specifically require two iron chelators for biofilm formation, 

siderophores pyoverdine (PVD) and pyochelin (Figure 1.14), which are responsible for 

virulence and quorum sensing as well.5,136  
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Figure 1.14. Structure of pyochelin, the other siderophore besides pyoverdine secreted by 

Pseudomonas 

 

Mutants of Pseudomonas that are incapable of producing siderophores have 

diminished biofilm ability, revealing a link between the two.137 Interfering with iron 

homeostasis can serve as a means to combat Pseudomonas planktonic and biofilm growth 

and offer potential therapeutic options.138    

The ability of microbial cells to sequester metal ions from aqueous environments 

is important both for microbial growth and biogeochemical processes such as mineral 

formation and dissolution and metal transport.139 Biofilms are a key target for modern 

research in microbial induced corrosion and bioremediation of heavy metals, as well as 

the intrinsic behavior of metal resistance and tolerance of microbial biofilms.71 Bacteria 

have also acquired innate mechanisms to handle metal toxicity such as reduction or 

modification to a less toxic species, sequestration, chelation, efflux, reduced uptake and 

increased expression of cellular machinery.140 Historically, heavy metals have acted as 

anti-disinfectants and antimicrobials, but have not been effective against biofilm 

formation.140 Biofilms exposed to Cu, Fe, Au and La bind higher concentrations of these 

metals than in planktonic cells.141 Pseudomonas were also capable of reducing the 

oxidation state of Se and Te without increased toxicity to the bacteria and can be used for 
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heavy metal remediation.142 Biofilms exposed to Zn, Cu and Pb all appeared to be 

resistant to these metals compared to the planktonic cells.143 Pseudomonas biofilms were 

exposed to metals that participate in Fenton reactions to generate reactive oxygen species, 

such as Fe(III), Cu(II), Ni(II), Cr(VI), V(V), and Zn(II).144 These biofilms were able to 

counter the toxic effects of oxidative stress often induced by metal ions, whereas the 

planktonic cells could not.71 Biofouling by Pseudomonas was investigated on a variety of 

metal oxide surfaces and the ability of Cr2O3, Ag2O and CeO2 to inhibit biofouling 

suggests a possibility of added coatings to surfaces susceptible to bacteria growth.134  

1.7.2 Introduction of DFOB into Biofilms  
 

As described above, Pseudomonas bacteria secrete two primary siderophores, 

pyoverdine and pyochelin. However, in times of iron stress, these bacteria have the 

ability to take up exogenous chelators.25 Other siderophores have been investigated in 

regards to siderophore uptake by Pseudomonas.145 A “Trojan Horse” mechanism was 

proposed by Budzikiewicz in which a siderophore is linked or tethered to an antibiotic to 

increase permeability into the cell and to combat strains that are resistant to antibiotics.146  

Previously, treatment with Ga(III) was shown to inhibit growth and kill 

planktonic Pseudomonas bacteria.147 Gallium was chosen for its similarity with Fe(III) 

and because it is already FDA regulated for treatment for other diseases.147 It also had the 

ability to prevent biofilm formation and eradicate established biofilms.147 Introducing Ga-

DFOB into Pseudomonas initially was thought to execute a “push-pull” mechanism – in 

which DFOB can sequester Fe(III) and release Ga(III) into the cell to disrupt iron 

metabolism.138 DFOB was chosen because like gallium, it is also approved as a 
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therapeutic for iron overload diseases. Ga-DFOB showed promise in its ability to inhibit 

planktonic growth and biofilm growth, and kill established biofilms.138 Using other 

transition metals with DFOB might increase this inhibitory effect and offer more ways to 

combat biofilms.  

1.8. Focus of this work  

This work will focus on the interactions of DFOB and PVD with Ti(IV) in 

solution and with TiO2 and other Ti(IV)-bearing oxide materials. Figure 1.15 highlights 

the work that will be discussed in which each siderophore is studied in solution with 

Ti(IV).   
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Figure 1.15.  The focus of this work: Microbial siderophores will be investigated with 

titanic ions to determine pH speciation in solution, stability constants for Ti-siderophore 

complexes and competition of Ti-siderophores with other ligands and Fe(III). These 

siderophores are also investigated in regards to dissolution and adsorption to TiO2 and 

mineral surfaces. Lastly, the effects of TiO2 and Ti-containing compounds will be 

investigated on the interactions with bacteria that synthesize these siderophores. (adapted 

from Kraemer et al., 2015).31  
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1.8.1 Solution Chemistry of Ti(IV)-DFOB 
 
In this work, the aqueous speciation of Ti(IV) with the trishydroxamic acid DFOB 

is explored using spectropotentiometric and spectrophotometric titrations, mass 

spectrometry, isothermal titration calorimetry (ITC), and computational modeling. The 

data from pH 2 – 10 suggests two one-proton equilibria among three species, with one 

species predominating below pH 3.5, a second from pH 3.5 – 8, and a third above pH 8. 

The latter species is prone to slow hydrolytic precipitation. Electrospray mass 

spectrometry allowed the detection of [Ti(IV)(HDFOB)]2+ and [Ti(DFOB)]+; these 

species were assigned as the pH < 3.5 and the 3.5 < pH < 8 species, respectively. The 

stability constant for Ti(IV)-DFOB was determined by using UV/vis-monitored 

competition with EDTA. Taking into consideration the available binding constant of 

Ti(IV) and EDTA, the data reveal values of log b111 = 41.7, log  b110 = 38.1, and log b11-1 

= 30.1. The former value was supported by ITC, with the transfer of Ti(IV) from EDTA 

to DFOB determined to be both enthalpically and entropically favorable. Computational 

methods yielded a model of Ti-DFOB. The physiological and environmental implications 

of this tight interaction and the potential role of DFOB in solubilizing Ti(IV) are 

discussed. 

1.8.2. Dissolution of TiO2-Containing Minerals and Products in the Presence of DFOB 

In solution, siderophores like DFOB are avid binders of Ti(IV). This research 

explores how DFOB can solubilize Ti(IV) from the surface of solid TiO2. Such 

dissolution might render bioactive Ti(IV) biologically available, and might interfere with 

Fe(III) biogeochemical cycling. Suspensions of different forms of TiO2 were exposed to 
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DFOB, and monitored by UV/Vis spectroscopy and ICP-OES to determine the binding 

and kinetics of Ti-DFOB formation. Kinetic data confirmed that dissolution of Ti(IV) 

with DFOB is a two-step process, with one faster, less extensive step having a kmax ~ 3.1 

± 0.5 d-1. The second step, which was significantly slower, exhibited a rate constant of 

kmax ~ 0.114 ± 0.009 d-1. Introduction of small organic acidic ligands such as oxalic acid, 

citric acid, ascorbic acid and succinic acid changed the dissolution kinetics, suggesting a 

synergistic cooperation particularly between oxalic acid and DFOB, while the others 

suggested decreased dissolution or even inhibition. Exposure of TiO2-containing 

sunscreen to DFOB was also investigated to determine biological effects of siderophore 

binding. Surface analysis of TiO2 with DFOB was obtained by using scanning electron 

microscopy (SEM) and transmission electron microscopy (TEM). ESI-MS confirmed Ti-

DFOB in solution.  Understanding these interactions is necessary to determine the effects 

of binding, the interaction of these complexes in aqueous environments and how they 

behave chemically in biological systems.   

1.8.3 Competition of Fe(III) and Ti(IV) with DFOB 

Solution interactions of varying concentrations of Fe(III) and Ti(IV) were 

introduced together with DFOB to determine what metal preferentially will bind using 

UV/Vis spectroscopy. ESI-MS was obtained of these solutions to further confirm metal 

binding. DFOB-mediated mineral dissolution studies are explored by spectrophotometry 

and ICP-OES to determine the amount of soluble metal released into solution from a-

hematite Fe2O3, anatase TiO2 and pseudobrookite (Fe2TiO5) and the kinetics of 

dissolution. Finally, surface analysis was conducted using SEM and TEM to observe the 



 

 43 

effects of DFOB on the mineral phase. All experiments were conducted at pH 2 to ensure 

full protonation of the DFOB, control Ti(IV) hydrolysis, and for consistency and 

comparison with previous Ti-DFOB interactions.58  

1.8.4. Solution and Dissolution of Ti(IV) with PVD and the Effects of Ti(IV) on 

Pseudomonas fluorescens 

In this work, the aqueous speciation of Ti(IV) with pyoverdine was explored by 

using spectrophotometric titrations, mass spectrometry, and isothermal titration 

calorimetry (ITC). PVD was extracted from cultures of Pseudomonas fluorescens and 

purified. Purity was confirmed using ESI-MS, UV/Vis and fluorescence. To the best of 

our knowledge, this work is the first reported speciation of this isoform of PVD from 

P.fluorescens and all six corresponding pKa values were determined.  The speciation data 

of Ti-PVD from pH 2 – 10 suggests two one-proton equilibria among three species, with 

one species predominating below pH 4.5, a second from pH 4.5 – 8, and a third above pH 

8 equating to the speciation of [Ti(IV)(H2PVD)]2+, [Ti(HPVD)]+ and [Ti(PVD)]. Ti(IV)-

PVD complexation was confirmed by using ESI-MS. The stability constant for Ti(IV)-

PVD was determined by using UV/Vis-monitored competition with EDTA. Taking into 

consideration the available binding constant of Ti(IV) and EDTA, the data reveal values 

of log b112 = 49.9, log  b111 = 45.7, and log b110 = 37.8. The former value was supported 

by ITC, with the transfer of Ti(IV) from DFOB to PVD to yield a log b112 = 51. 

Attempted dissolution of TiO2 in the presence of PVD suggested PVD adsorption to the 

surface of TiO2 rather than the detection of soluble Ti(IV) in solution. Introduction of P. 

fluorescens in the presence of TiO2 showed increased growth as the amount of TiO2 
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increased. Ti(IV)-citrate and Ti(IV)-DFOB increased planktonic growth of P.fluorescens; 

however, once introduced into biofilms, Ti(IV) compounds increased the formation of 

biofilms. Taken together, this data suggest that TiO2 surfaces provide an environment 

where planktonic bacteria can thrive. Introduction of titanium containing compounds can 

decrease planktonic cell growth, but still increases biofilm formation. Determination of 

the binding and interactions of PVD and P.fluorescens to Ti(IV) could potentially unlock 

new methods for biofilm formation and eradication and lead to a way to combat biofilms 

and biofouling. 
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CHAPTER 21 

TI(IV) AND THE SIDEROPHORE DESFERRIOXAMINE B: A TIGHT 

COMPLEX HAS BIOLOGICAL AND ENVIRONMENTAL IMPLICATIONS   

 
2.1 Introduction 

Titanium is not widely recognized to be a biologically important element partly 

because, though it is abundant (0.6% of the earth’s crust) and bioactive, its bioavailability 

is limited by the insolubility of TiO2 in water.2,3 While the titanium in the environment is 

considered immobile, it can be rendered mobile under some conditions.4 Titanium has been 

widely used in the production of pigments, food, cosmetics and medical devices, and in 

other industrial applications.5 Titanium alloys are often used in implants and surgical 

devices; they are valued as biocompatible and corrosion resistant because of the passivating 

oxide coating that forms on the surface.6,7 However, these alloys can sometimes corrode 

inside the body. Surface deterioration from wear and tear, local acidification, and influence 

of biomolecules can generate degradation and dissolution of Ti(IV) ions.5–8 These ions can 

be released into the site around the implant, into the serum, and even accumulate in organs. 

This release of Ti(IV) can lead to inflammation at the site of the implant as well as alter 

intracellular processes.9,10 At a site of inflammation, the local pH can reach as low as pH 

2.5.10  

 One way to confer solubility on the otherwise hydrolytically unstable Ti(IV) is by 

complexation by a ligand.2,4 The example of Fe(III) provides a useful model. Fe(III) is 

Lewis acidic and hydrolysis prone like Ti(IV), but is nonetheless essential to nearly all 

organisms. The same classes of ligands that solubilize Fe(III) should be avid binders of 
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Ti(IV).11  Siderophores are low molecular weight molecules that organisms (including 

certain plants, fungi, yeast, algae, and bacteria) synthesize and export under low available 

iron conditions to solubilize and sequester Fe(III) from the environment.12–17 The crystal 

structure of enterobactin, one common siderophore, with bound Ti(IV) is available.18 

Siderophores can also bind metals other than iron,19–21 and can play roles beyond metal 

transport, including roles in signaling and immunity.22 Common functional groups in 

siderophores include catechols, hydroxamic acids, and a-hydroxy-carboxylic acids.12–17 In 

particular, many terrestrial siderophores feature catechols or hydroxamic acid groups, 

whereas marine siderophores often contain a-hydroxy-carboxylic acids with fatty acid 

chains.15  

The siderophore desferrioxamine B (DFOB) (Figure 2.1) is one of a group of 

trishydroxamic acid siderophores that are present in both terrestrial and marine 

systems.16,23 DFOB is produced in industry in relatively large quantities because it is used 

in chelation therapy for iron overload conditions.24 Because DFOB is commercially 

available, it is often used as a siderophore model for both marine and terrestrial studies, 

and the metal binding ability of DFOB has been widely studied.11,25–28 The stability 

constant for its binding to an individual metal ion correlates well with that ion’s Lewis 

acidity as benchmarked by its binding of OH- (Figure 1.5). This correlation predicts a log 

Kf  on the order of 35 for the formation of [Ti(IV)(HDFOB)]2+ from Ti(IV) and HDFOB2. 

DFOB is an H4L+ ligand with pKa values (25 °C, I = 0.1) of 8.32, 8.98, and 9.55 for the 

three hydroxamic acids, and 10.84 for the protonated pendant amine.11 The structure of its 
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iron bound form has been determined,29 and some of its complexes with other metals have 

been studied by spectroscopy and computation.30  

 

Figure 2.1. The trishydroxamic acid siderophore desferrioxamine B. 

 A tight complex between Ti(IV) and DFOB was first noted for the colorimetric 

quantitation of DFOB.31 The protocol employed very low pH, with the color (lmax = 356 

nm with e ~ 4200 M-1cm-1) persisting stably up to 2 M HNO3 or 4 M HCl, suggesting that 

Ti(IV) outcompetes protons for DFOB ligand binding sites even at extremely low pH. The 

color was stable to a 100-fold molar excess of Al(III), among other metal cations, or to a 

100-fold molar excess of ethylenediaminetetraacetic acid (EDTA).31 Even a 50-fold excess 

of Fe(III) could be tolerated.31 These characteristics suggest a strong and specific Ti(IV)-

DFOB complex. For Ti(IV), the complex is stronger with DFOB than with EDTA, and for 

DFOB, the complex is apparently stronger with Ti(IV) than with many other metal ions 

including even Fe(III). The strong binding allowed the extraction of Ti(IV) by DFOB in 

liquid phase32 or by DFOB immobilized on nylon.33 

 In this work, the aqueous speciation of Ti(IV) with the trishydroxamic acid DFOB 

is explored between pH 2 and pH 10 by spectropotentiometry, spectrophotometric titrations 
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of several kinds, and mass spectrometry. The binding constant is determined through a 

competition titration with EDTA and confirmed by isothermal titration calorimetry. 

Several forms of the complex structure are modeled by using density functional theory.  

2.2 Experimental Section 

2.2.1 Materials and Instrumentation 

 All aqueous solutions were prepared with water of 18.2 MW×cm resistivity from a 

Barnstead model D11931 water purifier. All glassware was acid-washed using trace metal 

grade HCl (Fisher). UV/Vis spectra were obtained by using a Cary 50 Bio UV/Vis 

spectrophotometer. A Thermo Orion model 410 pH meter equipped with an Orion 

8103BNUWP Ross Ultra semimicro pH electrode was used to measure the pH, except for 

the spectropotentiometric titration and for the preparation of samples for mass spectrometry 

(see below). All chemicals were used as received.  

2.2.2 Spectropotentiometric Titration Apparatus  

 All solutions were prepared immediately before use in volumetric glassware. 

Solutions were prepared with degassed water. Solutions of ~0.1 M carbonate-free KOH 

and HCl were prepared from DILUT-IT® Analytical Concentrates (J.T. Baker) in a 1000.0 

mL volumetric flask. Both solutions were purged with argon before storage.34  

 The 0.1 M KOH solution was standardized against potassium hydrogen phthalate 

(ACS Primary Standard, Mallinckrodt) by using phenolphthalein (1% in 95% ethanol) 

(Mallinckrodt) as an indicator. The 0.1 M HCl solution was standardized against KOH. 

The absence of carbonate in the solution of KOH was confirmed with a Gran’s plot 

analysis.35,36 The titration apparatus consisted of a 100 mL water jacketed vessel (Kontes 
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Co.) attached to a thermostatted water bath.34,36,37 The temperature was maintained at 25°C 

during the titration. The lid of the apparatus has four holes: one each for the pH electrode, 

UV/Vis dip probe, base additions, and argon gas. The holes were fitted with appropriate 

connectors, stoppers, and rubber septa, and the lid was sealed to the glass titration vessel 

with a silicon rubber seal (McMaster Carr Co.). A positive flow of argon gas was 

maintained in the vessel throughout the titration.  

 The pH was monitored as mV readings by using an Orion model 520 pH meter 

(accurate to 0.1 mV) equipped with an Orion pH electrode (model 8102BNU). The 

electrode was calibrated before each titration by measuring the voltage after the addition 

of known volumes of KOH to a 50.00 mL HCl solution containing 0.1 M KCl at 25°C. The 

resulting Nernst equation was used to convert mV readings to pH.  

2.2.3 Spectropotentiometric Titration Solution  

 0.0263 g of desferrioxamine B mesylate (Calbiochem) was weighed and transferred 

to a 100.0 mL volumetric flask and dissolved in degassed water. A 10.00 mL portion of 

1.000 M KCl was transferred to the volumetric flask. 9.150 mL of argon-purged 0.09598 

M HCl was transferred to the volumetric flask so that the final solution would be at pH 2. 

The volumetric flask was sealed with a septum and the headspace was purged with N2(g). 

The flask was cooled in an ice bath and 4.4 µL of 9.1 M TiCl4 (ReagentPlus®, 99.9% trace 

metal basis, titanium(IV) tetrachloride, neat, in a Sure/Seal™bottle, Sigma Aldrich) were 

added via syringe. The solution was diluted to the mark with degassed water. The final 

concentration of DFOB in this solution was 0.400 mM. 
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 The concentration of titanium in the titration solution was confirmed to be 0.396 

mM by applying the standard addition method to a colorimetric assay for titanium using 

2,3,-dihydroxynaphthalene-6-sulfonic acid (TCI America) as the chelator.38 

 Before the titration began, a 0.1 M solution of KCl was prepared in the reaction 

vessel and a UV/Vis spectrum was obtained and saved as a baseline to be automatically 

subtracted from the remaining scans. UV/Vis spectra in the range of 200-800 nm were 

collected with the spectrophotometer using a 0.2 cm path length dip probe and coupler 

(Varian parts 79-100326 and 02-101593, respectively). 

 The titration began at pH 2 and ended at pH 10. After each aliquot of base, the 

reaction was allowed to come to equilibration, which was defined as when the mV reading 

was stable for 3 minutes. Once it was determined that the reaction had come to equilibrium, 

the mV reading was noted and the UV/Vis spectrum at that pH was obtained. The pH-

dependent UV/Vis spectra were fit by using SPECFIT/32.39 

2.2.4 Job’s Method of Continuous Variation at pH 2 and I=0.1 

 Job’s Method of continuous variation was used to confirm the ligand to metal ratio 

of the Ti(IV) DFOB complex in aqueous solution at pH 2.40 The pH of this sample was 

measured to be 2.12 using an Accumet 6” micro combination electrode with calomel 

reference and BNC connector after it was calibrated with three buffers (pH 4, 7, 10). A 

series of aqueous solutions were made in which the total concentration of Ti(IV) plus 

DFOB was held constant at 400 µM while the amount of DFOB/Ti(IV) was varied from 0 

µM/400 µM to 400 µM/0 µM. Solutions were prepared at pH 2.1 and set to I = 0.1 with 

1.000 M KCl. The titanium source used for this experiment was 1000 mg/L titanium atomic 
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absorption standard, TraceCERTâ containing 2% w/w HNO3 with trace HF (Sigma 

12237). A stock solution of 1.000 mM DFOB mesylate was used. After the sample reached 

equilibrium, the UV/Vis spectrum of each solution was obtained, and the pH of each 

solution was re-measured.  

2.2.5 Titration of Ti(IV) into DFOB at pH 2 and I=0.1 

Samples at pH 2.1 and I = 0.1 were prepared using the same stock solutions as in 

the Job’s Method of continuous variation. The concentration of DFOB was kept constant 

at 200 µM in each sample, but the concentration of Ti(IV) was increased from 25 µM to 

600 µM. After the sample reached equilibrium, the UV/Vis spectrum of each solution was 

obtained and the pH of each solution was measured.  

2.2.6 ESI-QTOF Mass Spectrometry 

 Samples at pH 2.1, pH 6.0, and pH 10.0, each with I = 0.1 (KCl), were prepared 

using the same stock solutions as in the Job’s Method of continuous variation. An aliquot 

of this DFOB/Ti(IV)=1:1 reaction mixture was removed and diluted to 10 µM. The ESI-

QTOF mass spectrum was obtained on an Agilent 6520 ESI-QTOF mass spectrometer in 

the positive mode using MassHunter software supplied by Agilent. A solvent blank 

spectrum was subtracted from the collected spectra to eliminate any peaks that were not 

part of the solution. 

2.2.7 Competition Titration: DFOB versus EDTA 

 A preformed Ti(IV)-DFOB complex was exposed to increasing concentrations of 

EDTA in a series of solutions. Each sample included 200 µM DFOB, 200 µM TiCl4, 0.1 

M KCl, and a variable amount of EDTA (0 – 20 mM; 0 – 100 equiv). The pH was adjusted 
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to pH 2 with a 5 M HCl solution. The total volume was 2 mL. After the sample reached 

equilibrium (~ 24 h), the UV/Vis spectrum of the solution was recorded.  

 In a second competition titration, a preformed Ti(IV)-EDTA complex was exposed 

to increasing concentrations of DFOB in a series of solutions. Each sample included 200 

µM EDTA, 200 µM TiCl4, 0.1 M KCl, and a variable amount of DFOB (0 – 1 mM, 0 – 5 

equiv). The pH was adjusted to pH 2 with a 5 M HCl solution. The total volume was 2 mL. 

After the sample reached equilibrium (~24 hours), the UV/Vis spectrum of the solution 

was recorded.  

2.2.8 Isothermal Titration Calorimetry (ITC) 

 Isothermal titration calorimetry measurements were obtained by using a Malvern 

Microcal PEAQ-ITC. The cell contained 10 µM DFOB and the syringe contained 500 µM 

Ti(IV)EDTA, prepared from TiCl4,  each at pH 2 in 0.1 M KCl. ITC experiments were 

carried out at 25° C. The titrant was delivered in 2 µL aliquots with 250 s between 

injections while stirring at 750 rpm using a reference power of 10 µcal/s. Control 

experiments included 500 µM Ti(IV)EDTA into water and water into 10 µM DFOB, each 

at pH 2 with 0.1 M KCl. The heat of dilution of Ti(IV)EDTA was accounted as a fitted 

offset.  

2.2.9 Computational Methods 

 The theoretical investigation of the Ti(IV)-DFOB complex was done at the density 

functional theory (DFT) level by using Gaussian 03 through the web server WebMO.41 

Geometry optimization in the gas phase was carried out by using the hybrid B3LYP 

gradient corrected correlation functional by using two methods. In the first, the basis set 6-
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31G(d) was used for all atoms. In previous work on the related Fe(III)-DFOB structure, the 

6-31G(d) was shown to be the most cost effective basis set, as the addition of the triple-

zeta basis set did not impact the values considerably and diffuse functionals had no 

impact.42 In a complementary approach, effective core potentials (ECP) were used for the 

d0 Ti(IV) with the basis set of LANL2DZ. This treatment eliminates core electrons on the 

metal ion and leaves only the valence electrons to simplify the calculations. In this 

approach, 6-31G(d) was still used for the ligand atoms.  

 For all of the calculations, the coordinates from the crystal structure of Fe(III)-

DFOB29 were used as initial coordinates. The Ti(IV)-DFOB complex was minimized with 

both protonated amine (net charge +2, multiplicity 1) and deprotonated amine (net charge 

+1, multiplicity 1). The complex contained 85-86 atoms, depending on the protonation 

state of the amine.  

2.3 Results And Discussion 

2.3.1 Speciation Studies on Complex Stoichiometry of Ti(IV)-DFOB 

 Spectropotentiometric titrations were performed to characterize the pH-dependent 

aqueous speciation of Ti(IV) and DFOB. After each equilibration, the pH of the system 

was measured and the UV/Vis spectrum was obtained (Figure 2.2). The titration of Ti(IV)-

DFOB was complicated by long equilibration times at pH ≥ 5, with the measured pH 

drifting lower with time. This behavior suggests the release of protons as hydrolysis occurs. 

The measured spectra as a function of pH, however, were reproducible in ≥3 independent 

trials. 
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Figure 2.2. The 62 pH-dependent UV/vis spectra obtained during one spectrophotometric 

titration performed under Ar atmosphere of a 1:1, 0.4 mM DFOB/Ti(IV) system at 25 °C 

and set to I = 0.1 with KCl. The blue trace was obtained at pH 2.02, the red trace was 

obtained at pH 6.10, and the green trace was obtained at pH 10.09.  
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 The change in volume as a result of the addition of each aliquot of base was 

accounted for, and the pH-dependent UV/Vis spectra were fit by using SPECFIT/32.39 

Literature values for the protonation constants of DFOB were used to fit the data.11 The 

data were well fit to two one-proton equilibria among three Ti(IV)-DFOB species with 

pKa1 ~ 3.5 and pKa2 ~8 (Figure 2.3). The low pH UV/Vis spectrum is in excellent 

agreement with the one in the early report.31  

A Job’s plot was used to confirm the ligand to metal ratio of the Ti(IV)-DFOB 

complex formed at pH 2.1 (Figure 2.4A). The maximum absorbance was observed when 

the DFOB/Ti(IV) ratio was 1:1 (200 µM/200 µM) (Figure 2.4B). The lmax of solutions in 

which there was excess Ti(IV) was very slightly shifted to higher energy, indicating that 

the speciation of the complex may change with excess Ti(IV), perhaps by the formation of 

polynuclear complexes. Several modes of coordination are possible for DFOB: bidentate, 

tetradentate and the fully coordinated hexadentate species have been observed.43,44 Each 

species can react with either other chelating agents, or in this case with excess metal ions 

when present in a solution of DFOB.44 A polynuclear complex [Fe2(HDFOB)]4+ is formed 

with DFOB in the presence of excess Fe(III), with a concomitant shift in absorption 

energy.44 This slight shift may also or instead reflect a contribution from the absorbance of 

uncomplexed aqueous Ti(IV) species. The complex peak is unresolved from this offscale 

absorbance.  

 The UV/Vis spectra of solutions with a constant concentration of DFOB (200 µM) 

and increasing concentrations of Ti(IV) (25µM to 600 µM) were obtained at pH 2.1 and 

with ionic strength set to 0.1 with KCl (Figure 2.5). The absorbance at 345 nm increased 
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as the concentration of Ti(IV) increased. When Ti(IV) was in excess, there was again a 

small shift in the lmax to higher energy. These spectrophotometric titrations also support a 

1:1 complex of Ti(IV) and DFOB at pH 2. 

 

 

Figure 2.3. Speciation obtained from spectropotentiometric titration where (A) 

Spectropotentiometric titration data were fit to two one-proton equilibria among three 

Ti(IV)-DFOB species. The blue trace (solid line) is the species at low pH, the red trace 

(dashed line) is the species at mid pH, and the green trace (dotted line) is the species at 

high pH (B) The pH-dependent aqueous speciation of the three Ti(IV)-DFOB species 

whose UV/Vis spectra are shown in Figure 2.3A.   
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Figure 2.4. Job’s Method of Continuous Variation at pH 2.1. A) The UV/Vis spectra 

obtained of solutions at pH 2.1 and ionic strength set to 0.1 with KCl with varying 

DFOB/Ti(IV) ratios with the total concentrations of DFOB and Ti(IV) kept constant. The 

maximum absorbance was observed when the DFOB/Ti(IV)=1:1 (200µM/200µM) (green 

trace). The black traces were obtained when DFOB was in excess and the red traces were 

obtained when Ti(IV) was in excess. A shift to higher energy was observed when Ti(IV) 

was in excess (red traces). B) The plot of the absorbance at 345 nm versus the mole fraction 

of DFOB. The maximum absorption at 345 nm was observed when DFOB/Ti(IV) = 1:1.  
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Figure 2.5.  The titration of Ti(IV) in 200 µM DFOB A.) UV/Vis spectra of samples with 

constant [DFOB] and increasing [Ti(IV)] at pH 2.1 and ionic strength set to 0.1 with KCl. 

The absorbance at 345 nm increased as Ti(IV)/DFOB increased to 1:1 (green trace). There 

was a clear shift of the spectra to high energy (red traces) when Ti(IV) was in excess. B) 

A plot of A345 of the UV/Vis spectra versus [Ti] (µM). The black circles correspond to the 

black traces in A, the green circles correspond to 1:1 Ti/DFOB in A, and the red circles 

correspond to the red traces in A.   
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Similar Job’s plots at pH 6 and pH 10 were less informative (Figure 2.6). At pH 6, 

the maximum absorbance was observed when titanium was in excess (250 µM Ti(IV)/150 

µM DFOB) (Figure 2.6A) but the spectra changed as well, suggesting hydrolysis and/or 

polynuclear complex formation at higher Ti(IV)/DFOB ratios. To control hydrolysis, 

Ti(citrate)3
2-, a well-characterized but much weaker complex34 than the one with DFOB, 

was used as the titanium source. The results were nearly identical (Figure 2.6B), again 

indicating that higher nuclearity species form at higher Ti(IV)/DFOB ratios. Mass 

spectrometry gave no evidence for higher nuclearity clusters nor for ternary 

(Ti(IV)/DFOB/citrate) complex formation (data not shown). The data at pH 10 were 

complicated by the hydrolytic precipitation of titanium at the working concentrations 

(Figure 2.6C), especially when Ti(IV) was in excess.3  
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Figure 2.6. Job’s Method of Continuous Variation. A) The UV/Vis spectra obtained of 

solutions at pH 6 and ionic strength set to 0.1 with KCl with varying DFOB/Ti(IV) ratios 

with the total concentrations of DFOB and Ti(IV) kept constant. The maximum absorbance 

was observed when the Ti(IV) was in slight excess to DFOB (250µM/150µM). B) The 

UV/Vis spectra obtained of solutions at pH 6 and ionic strength of 0.1 with KCl using 

Ti(IV)-citrate as the titanium source. The maximum absorbance was observed when 

Ti(IV)-citrate was in slight excess to DFOB (250µM/150µM). C) The UV/Vis spectra 

obtained of solutions pH 10 and ionic strength of 0.1 with KCl. No trend was observed due 

to the hydrolysis of Ti(IV). The insets on each graph show the plot of the maximum 

absorbance versus the concentration of Ti(IV) (µM). 
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 Electrospray mass spectrometry offers a complementary tool for characterizing 

metal coordination complexes and, for complexes with DFOB, has been used to evaluate 

the metal oxidation state and extent of hydrolysis.45 The five stable isotopes of titanium 

yield a very characteristic mass distribution, making it relatively easy to identify titanium-

containing species. The ESI-QTOF mass spectrum of a ~10 µM solution of 

DFOB/Ti(IV)=1:1 at pH 2.1 showed peaks from two majority species (Figure 2.7). The 

peak at m/z 303.1 is accounted by [TiC25H46N6O8]2+ (Figure 2.8), consistent with 

[Ti(IV)(HDFOB)]2+, presumably with Ti(IV) fully complexed by DFOB and with the 

pendant amine protonated (an MLH 111 species). This species is analogous to 

[Fe(III)(HDFOB)]+ and [Al(III)(HDFOB)]+, both observed by mass spectrometry,45 in 

agreement with the speciation predictions for those ions. The peak at m/z = 605.3 is 

consistent with [TiC25H45N6O8]+ (Figure 2.9) ([Ti(IV)(DFOB)]+), presumably with Ti(IV) 

fully complexed by DFOB with the pendant amine deprotonated (an MLH 110 species). 

The analogous species occurs for Fe(III), Al(III), and Ga(III) only above pH 10 according 

to spectropotentiometry, and it is not clear how Ti(IV) binding would so perturb the pKa 

of the pendant amine. There is some precedent, however; the mass spectrometric data for 

the complex of DFOB with Th(IV), investigated at pH 5-9, apparently exhibit only the 

deprotonated [Th(IV)(DFOB)]+ species and not [Th(IV)(HDFOB)]2+.45 A potentiometric 

and spectrophotometric experiment between pH 0.8-10.7 was modeled with the species 

[Th(IV)(H2DFOB)]3+, [Th(IV)(HDFOB)]2+, [Th(IV)(DFOB)]+, and 

[Th(IV)(OH)(DFOB)].46  The pKa of the [Th(IV)(HDFOB)]2+ species was determined to 

be 7.8, in reasonable agreement with the mass spectrometric detection of the deprotonated 
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[Th(IV)(DFOB)]+ species near pH 7.45 The analogous [Fe(III)(DFOB)] and 

[Al(III)(DFOB)] species would be neutral and, if they formed under the conditions of the 

mass spectrometry experiment, would be undetectable. In the case of Th(IV), the authors 

note that there are differences between the predicted pH-dependent speciation and the 

species observed in the mass spectrometric data.45 The electrospray mass spectrometry 

data, and certainly the peak intensities, do not reflect quantitatively the solution speciation 

and abundance. 

 

 

Figure 2.7. The ESI-QTOF mass spectrum of an aqueous solution with 10 µM Ti(IV)-

DFOB = 1:1 at pH 2, I = 0.1 M KCl shows evidence for the fully complexed species 

[TiC25H46N6O8]2+ ([Ti(IV)(HDFOB)]2+) with m/z = 303.1 and [TiC25H45N6O8]+ 

([Ti(IV)(DFOB)]+) with m/z = 605.3.  
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Figure 2.8. Modeling the peak at m/z = 303.1 in the ESI-QTOF. (top) the isotope pattern 

detected (bottom) the isotope model for [TiC25H46N6O8]2+ ([Ti(IV)(HDFOB)]2+) which 

indicates that the peak at m/z = 303.1 is the protonated Ti-DFOB complex 
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Figure 2.9. Modeling the peak at m/z = 605.3 in the ESI-QTOF mass spectrum (top) the 

isotope pattern detected (bottom) the isotope model for [TiC25H45N6O8]+ 

([Ti(IV)(DFOB)]+) which indicates that the peak at m/z = 605.3 is the deprotonated Ti-

bound DFOB species  
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 In the electrospray mass spectrometric data for solutions at pH 6, only the m/z = 

605.3 peak ([TiC25H45N6O8]+ or [Ti(IV)(DFOB)]+) exhibited an isotope pattern consistent 

with Ti. The data for solutions at pH 10 featured no new species bearing Ti isotope patterns; 

we note that MLH 110 species like [Ti(IV)(DFOB)(OH)] would be neutral and would not 

detected by positive ion mass spectrometry. No evidence for hydrolyzed species including 

[Ti(IV)(OH)(HDFOB)]+ nor for Ti-containing clusters was observed. 

 Taken together, the data allow the assignment of specific molecular species. The 

pH-dependent aqueous speciation of the Ti(IV)·DFOB complex is different from those of 

Fe(III), Al(III), and Ga(III), which all exist as [M(III)HDFOB]+ (MLH 111) in the pH range 

2-10.25,26 Because these ions outcompete protons for all three hydroxamate binding sites 

on DFOB even at pH 2, Ti(IV), a stronger Lewis acid, would be expected do the same.31,32 

The assignment that the 1:1 M:L low pH species is the analogous [Ti(IV)(HDFOB)]2+ 

(MLH 111) is consistent with the mass spectrometry data and with the UV/vis spectrum of 

this species: the spectrum of Fe(III)(HDFOB]2+ is similar but with lmax at 425 nm.47 Such 

an energy difference is commonly seen for analogous Ti(IV) and Fe(III) species.38  

 It is unlikely that the low pH species is a more protonated [Ti(IV)(H2DFOB)]3+ 

(MLH 112) species. The log K for protonation of the MLH 111 species correlates well with 

the log K for metal ion binding of OH- and is thus probably at or below 0 for Ti(IV) (Figure 

1.7).48 There is also no evidence in the mass spectrum for this [Ti(IV)H2DFOB]3+ species. 

Finally, attempts to fit the data with 112, 111 and 110 species having log b values large 

enough to overcome competition from Ti(IV) hydrolysis led to significantly larger log b 
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values, with the result that the 112 species did not accumulate in the modeled pH-dependent 

speciation of Ti-DFOB.  

 Moving to higher pH, the 3.5 < pH < 8 species would arise from either single 

deprotonation or hydrolysis of this [Ti(IV)(HDFOB)]2+ complex. Deprotonation would 

produce [Ti(IV)(DFOB)]+ as the MLH 110 species, whereas hydrolysis instead would 

produce the MLH 110 species [Ti(IV)(HDFOB)(OH)]+. The spectropotentiometric 

titration alone does not directly distinguish between these possibilities.  The mass 

spectrometer detects only [Ti(IV)(DFOB)]+, with no evidence for hydrolysis species, and 

so the 3.5 < pH < 8 species is assigned as [Ti(IV)(DFOB)]+. The deprotonation of the 

pendant amine thus apparently occurs at a much lower pH than in the free ligand or in the 

Fe(III) and similar complexes. The pH > 8 MLH 11-1 species might be 

[Ti(IV)(OH)(DFOB)] or a related species, which as a neutral complex would not be 

detected by electrospray mass spectrometry and might be prone to precipitation. 

2.3.2 Competition Titration: DFOB versus EDTA 

 Because Ti(IV) binding to DFOB outcompetes protons even at pH 2, a competition 

titration with EDTA was used to determine the stability constant of the Ti(IV)-DFOB 

complex. The species involved each have their own pH-dependent speciation (Figure 2.10). 

At pH 2 with EDTA as the ligand, Ti(EDTA) predominates.49,50 The crystal structure for 

Ti(EDTA) revealed a seven-coordinate complex with bound water. At pH values > 2.5, a 

titanyl species ([(Ti(IV)=O)(EDTA)]2-) forms. The b value in most of the databases is 

formulated for this higher pH titanyl species (log b = 17.3) with titanyl taken as the 

uncomplexed form of Ti(IV). But the b value formulated for the low pH complex 
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Ti(EDTA) based on Ti(IV) as the uncomplexed form is available (log b = 19.4).49,50 This 

value is lower than the log b110 for Fe(III) (25.1) but higher than the one for Al(III) (16.4).50  

The UV/Vis spectra of solutions of Ti(IV)-DFOB with varying amounts of EDTA 

were obtained, with ionic strength set at 0.1 with KCl and the total concentration of Ti(IV) 

and DFOB held constant (Figure 2.11A). The complex peak was not eliminated even at 

100 equiv of EDTA, consistent with the early report31 and demonstrating the strong binding 

of Ti(IV) and DFOB. The reverse titration of Ti(IV)-EDTA with varying equiv of DFOB 

showed that DFOB avidly outcompetes EDTA for binding (Figure 2.11B). Ionic strength 

was set at 0.1 with KCl and the total concentration of Ti(IV) and EDTA was kept constant. 

In this competition, the Ti(IV)-DFOB peak was evident even at low concentrations of 

DFOB. 
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Figure 2.10. pH-dependent speciation of species relevant to the DFOB/EDTA competition 

titrations. All species are at 1 mM. Beta values are from the NIST database50 unless 

otherwise noted. (A) EDTA alone, (B) DFOB alone, (C) Ti(IV) and EDTA, using values 

of b11-2 = 14.5 (as [(Ti(IV)O)(EDTA)]2-) and b110 = 19.4 (Ti(IV)EDTA).49,51 Hydrolysis 

constants were not invoked in (C) because hydrolysis of Ti(IV) overcame the speciation of 

Ti-EDTA species; however, the species is kinetically stable to this hydrolysis and 

hydrolytic precipitation was not observed at pH 2.  
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Figure 2.11. Competition of DFOB and EDTA for Ti(IV) binding. (A) 200 µM Ti-DFOB 

with (top to bottom) 0, 5, 20, 50, and 100 equiv of EDTA. (B) 200 µM Ti-EDTA with 

(bottom to top) 0, 0.0005, 0.0025, 0.005, 0.025, 0.05, 0.25, 0.5, 0.75, 1, 2.5 and 5 equiv of 

DFOB.  
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Taking into account the hydrolysis of Ti(IV) and the protonation constants of 

EDTA and DFOB (Figure 2.10) and stability constant of Ti-EDTA,49,50 the data were fit 

with the two-ligand competition model in SPECFIT/3239 to determine the stability constant 

of the MLH 111 [Ti(IV)HDFOB]2+ complex. The results of the fit of the data in Figure 

2.11A for the Ti(IV)-DFOB vs EDTA competition (log b111 = 41.70 ± 0.10 for 

[Ti(IV)HDFOB]2+) agreed reasonably well with the fit of the data in Figure 2.11B for the 

reverse competition (Ti(IV)-EDTA vs DFOB) (log b111 = 40.3 ± 0.3). In our models, these 

values are sufficiently high to overcome competition with Ti(IV) hydrolysis. 

The calculated log b111 can be considered together with the first protonation 

constant of DFOB3- (Appendix A) to give an apparent log Kf of 30.9 for the formation of 

[Ti(IV)(HDFOB)]2+ from Ti(IV) and HDFOB2-. This value is lower than the value of 35 

predicted by correlation with the log K for OH- binding (Figure 1.5), and may suggest 

either that the small Ti(IV) ion does not bind as tightly as expected or that the literature 

stability constant of Ti(IV) with EDTA, on which the calculation depends, is inaccurately 

low. This calculated log Kf for Ti(IV) is slightly larger than the one for Fe(III) (30.6), and 

direct competition in our experiments and in the literature31 suggests that the binding of 

Ti(IV) is tighter than Fe(III). For many metal ions, the Kf as defined above describes the 

formation of the MLH 111 species that predominates at pH 7. In the case of Ti(IV), the 

pH-dependent speciation suggests that the log b110 instead describes the pH 7 species. In 

any event, the model applied here incorporates the hydrolysis constants of Ti(IV) as well 

as the log Ka values of the ligands. An alternative way to formulate binding constants for 
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hydrolysis-prone Th(IV) (starting from already-hydrolyzed species) was provided by 

Raymond et al. (calculations shown in Appendix B).46  

The log b111 = 41.70 ± 0.10 (for [Ti(IV)HDFOB]2+), taken together with the 

spectropotentiometric titration data, implies a log b110 = 38.1 ± 0.10 (for [Ti(IV)DFOB]+) 

and log b11-1 = 30.1 ± 0.10.  

2.3.3 Displacement Isothermal Titration Calorimetry 

ITC was used to confirm the stability constants obtained through the DFOB/EDTA 

competition experiments and to reveal some details of the thermodynamics of metal ion 

transfer. ITC provides a valuable technique for quantifying the thermodynamics and 

binding stabilities of ligand metal interactions.52,53 However, direct titrations are limited to 

a range of about 100 µM > KD > 1 nM.54,55 From the spectrophotometric competition 

experiments, the KD of Ti(IV)-DFOB is too low to be determined directly from ITC 

measurements. Moreover, in case of Ti(IV), “free” titanium at this concentration is likely 

to result in precipitation. In order to circumvent this issue, a complex with a moderate 

binding competitor ligand can be titrated into a stronger ligand of interest.54,55 The release 

of the moderate ligand and binding to the strong ligand will yield a composite apparent 

constant (KITC) under the experimental conditions. Here, the reaction being probed at pH 2 

is one in which the Ti(EDTA) species49,50 reacts with the fully protonated H4DFOB+ ion to 

yield [Ti(IV)(HDFOB)]2+ (Figure 2.12). The experimental heat of dilution of 500 µM 

Ti(IV) EDTA into 0.1 M KCl (pH 2) was determined, and peaks were small and consistent 

with the final peaks in the titration into DFOB solution. 
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Figure 2.12. ITC at 25°C of 500 µM Ti-EDTA into 10 µM DFOB at pH 2. Differential 

heating power vs time (top) and normalized heats of reaction (DH) versus molar ratio of 

Ti(IV)-DFOB binding while Ti(IV)-EDTA disassociates (bottom). The circles represent 

the integrated peaks and the line is the fit (one site model) for the experimental data.  
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 The fit revealed n = 1.07 ± 0.08, confirming the 1:1 binding of Ti(IV) and DFOB 

at pH 2, in agreement with the spectrophotometric and mass spectrometric data. The KITC 

was 4.14 ´ 105 under the conditions of the experiment. This value yielded a stability 

constant for [Ti(IV)(HDFOB)]2+ of log b111 = 42.4 ± 1.0, in excellent agreement with the 

spectrophotometric competition titrations. (Details of the calculations can be found 

Appendix C.)  

 The favorable DG of -7.67 kcal/mol (-32.1 kJ/mol) for this metal ion transfer was 

driven by both enthalpy (DH = -6.43 kcal/mol (-26.9 kJ/mol)) and entropy (-TDS = -1.24 

kcal/mol (-5.2 kJ/mol), or DS = + 17.5 J/mol·K). At pH 2, the experimental net enthalpy 

change comprises the enthalpy changes for deprotonation of H4DFOB+, dissociation of 

Ti(IV)(EDTA), formation of [Ti(IV)(HDFOB)]2+, and protonation of EDTA4-. The release 

of three protons from H4DFOB- under these conditions has DH = 69.9 kJ/mol;56 the binding 

of four protons to EDTA has DH = - 33.4 kJ/mol.50 Thus, the net enthalpy change for 

dissociation of Ti(IV)(EDTA) (two amines, four monodentate carboxylic acids, and 

perhaps a bound water) and formation of [Ti(IV)(HDFOB)]2+ (three chelating 

hydroxamates) is very favorable at DH = - 63.4 kJ/mol. 

 Entropic changes in water in particular can be difficult to interpret. The release of 

three protons from H4DFOB- has DS = - 284.9 J/mol·K,56 very similar to the binding of 

four protons to EDTA at DS = + 288.3 J/mol·K.50 Thus, the net entropy change for 

dissociation of Ti(IV)(EDTA) and formation of [Ti(IV)(HDFOB)]2+ is favorable at DS = + 

14.1 J/mol·K. The exchange formally proceeds with protonation, but if the Ti(EDTA) 
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species is seven coordinate in solution as it is in the crystal structure,49,50 then exchange 

would likely release a bound water. The DFOB ligand would be much more constrained in 

the complex with Ti(IV), but apparently the release of EDTA, along with presumed 

changes in hydration, contributes to make the overall exchange entropically favorable. 

2.3.4 Optimized Geometry for Ti(IV)-DFOB Complexes by Computational Methods 

 The geometry of the Fe(III)-DFOB structure was optimized starting from the 

coordinates of the published crystal structure,29 resulting in only negligible changes in bond 

distances and angles, as would be expected.  

 This Fe-DFOB crystal structure29 was used as a starting structure, with Ti(IV) 

substituted for Fe(III). In previous computational work on Fe(III)-DFOB,42 the three 

hydroxamates and the amine were deprotonated, resulting in a net charge on the complex 

of 0 for the gas-phase calculation. Deprotonating the amine minimized intramolecular 

hydrogen bonding interactions that would not occur in solution, simplifying the 

calculations. Here, Fe(III) was replaced with Ti(IV) and geometry optimization was 

performed. The energy-minimized structure of Ti(IV)-DFOB suggested that Fe(III) in 

ferrioxamine can be replaced by Ti(IV) with little change to the structure. Both protonated 

(Figure 2.13) and deprotonated amine structures (Figure 2.14 and 2.15) were computed, 

and the differences in bond distances and energies were negligible. The calculated bond 

lengths and angles for the structure in Figure 2.13 are given in Table 2.1 and are 

unremarkable. As expected, the bond lengths in the computed Ti(IV) complex were slightly 

shorter, and average 1.968 Å versus 2.007 Å for the Fe(III)-DFOB crystal structure29 and 

calculated structure. The difference in Ti-O bond lengths between the amine-protonated 
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and the amine-deprotonated structure was only 0.0005 Å. The calculation was also robust 

with respect to the choice of basis set, with a difference in Ti-O bond lengths of only 0.0046 

Å between the LANL2DZ (ECP) and the 6-31G(d) approach (Figure 2.14 and 2.15). The 

calculated bond lengths for the deprotonated amine structure using both LANL2DZ and 6-

31G(d) basis sets are shown in Tables 2.2 and 2.3 respectively.   
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Figure 2.13. Optimized structure of amine-protonated [Ti(IV)(HDFOB)]2+ using B3LYP 

6-31G(d) density functional theory. 

 

 

Table 2.1. Calculated bond angles from O-Ti-O bonds of all 6 oxygens and Ti-O 
bond lengths using B3LYP-6-31G(d) for [Ti(IV)HDFOB]2+   

O-Ti-O angle (°) O2 O5 O16 O18 O29 O31 
O2       
O5 76.14      
O16 92.59 100.2     
O18 159.09 88.1 76.56    
O29 97.52 162.8 96.01 101.31   
O31 107.01 89.99 159.66 86.33 76.44  

Ti-O length (Å) 1.907 2.06 1.899 2.025 1.906 2.029 
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Figure 2.14. Optimized Ti(IV)-DFOB structure in its deprotonated (+1) using 

LANL2DZ-electron core potential on Ti(IV) and 6-31G(d) on the rest of the atoms. 

 
Table 2.2. Calculated bond angles from O-Ti-O bonds of all 6 oxygens and Ti-
O bond lengths using LANLD2Z ECP for [Ti(IV)DFOB]+ 

O -Ti- O angle (°) O2 O5 O16 O18 O29 O31 
O2       
O5 76.59      
O16 92.67 100.53     
O18 159.98 88.87 72.32    
O29 96.86 163.05 95.33 100.74   
O31 106.7 90.62 159.52 86.86 76.15  

Ti-O length (Å) 1.995 2.02 1.907 2.025 1.914 2.022 
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Figure 2.15. Optimized Ti(IV)-DFOB structure in its deprotonated (+1) with B3LYP 6-

31G(d) 

 
Table 2.3. Calculated bond angles from O-Ti-O bonds of all 6 oxygens and Ti-O 
bond lengths using B3LYP-6-31G(d) for [Ti(IV)DFOB]+ 

O-Ti-O angle (°) O2 O5 O16 O18 O29 O31 
O2       
O5 76.77      
O16 93.26 100.36     
O18 160.25 88.37 76.49    
O29 96.8 163.05 95.62 100.92   
O31 106.37 90.33 159.42 86.38 76.3  

Ti-O length (Å) 1.891 2.035 1.904 2.04 1.913 2.039 
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 In light of the detection of [Ti(IV)(DFOB)]+ by mass spectrometry from solutions 

prepared at relatively low pH, and evidence for such a MLH 110 species by 

spectropotentiometry, computation was used to evaluate the possibility that a deprotonated 

amine might interact directly at or near the Ti(IV) center. Such an interaction could help 

lower the amine pKa from its value in the free ligand of greater than 10. The structure in 

Figure 2.13 suggests that there might be an opportunity for the amine to interact with the 

metal ion or coordinated oxygen atoms in the space between the first and third 

hydroxamates. As described above, the analogous deprotonated [M(IV)(DFOB)]+ complex 

was identified for Th(IV) below pH 7 by both mass spectrometry and 

spectropotentiometry.45,57 For DFOB complexes of some ions, the greater the stability of 

the complex results in lower pKa values for HDFOB2-.58 For Pu(IV), 

[Pu(IV)H2(HDFOB)]4+, [Pu(IV)H1(HDFOB)]3+, and [Pu(IV)(HDFOB)]2+ form between 

pH 0.5-1.48 During a spectropotentiometric titration, another species (modeled as 

[Pu(IV)(HDFOB)(OH)]+) formed at pH = 6.65. A subsequent NMR study argued against 

this speciation and instead proposed a [Pu(IV)DFOB-di-µ-OH-DFOBPu(IV)] occurring at 

pH 6.5.59 It is possible that Pu(IV) could facilitate the deprotonation of the amine in the 

range of 4-6.65. A direct interaction between the amine tail and the M(IV) ion is sterically 

less likely for Ti(IV) than for the larger Pu(IV) and Th(IV), but with its higher charge to 

radius ratio, Ti(IV) is the stronger Lewis acid. In earlier computational work for complexes 

between DFOB and a variety of metal ions in various oxidation states,30 the amine tail did 

curve back towards the metal center, in some cases interacting weakly with the 

hydroxamate oxygen atoms coordinating to the metal ion. It has on the other hand been 
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suggested that the terminal amine can be deprotonated but does not bind with Cu, Ni or Zn 

at higher pH values.60 However, in the current work all starting models of this type failed 

to converge until the amine tail moved away from the Ti(IV) center as in Figures 2.13-

2.15. Thus, the calculations do not currently support a direct interaction of a deprotonated 

amine tail in the vicinity of the Ti(IV) center.   

2.3.5 Biological and Environmental Implications  

 The current work explores the nature and strength of the complexes between Ti(IV) 

and the biologically and environmentally important ligand DFOB. The very tight complex 

is fully formed at pH 2 and below, hydrolysis is impeded below pH 8, and hydrolytic 

precipitation is limited even above pH 10. This pH range encompasses most of the 

environments found in nature. DFOB supports stable solution Ti(IV) complex 

concentrations in the high µM to mM range, well above the nM to low µM inherent 

aqueous solubilities of TiO2. The bioactivity of titanium has been reviewed.2,61  

 There is evidence for tight complexation of titanium in natural waters, if not by 

siderophores, then certainly by ligands with properties in common with siderophores. In 

the Mediterranean Sea, the soluble Ti is complexed by organic ligands that do not release 

it by treatment with acid.62 The titanium in biogenic ocean sediments is mostly bound by 

organic ligands.63 Siderophores like DFOB would be excellent candidates as the unknown 

organic ligands in these natural environments. Because of the presence of other metals in 

ocean water including Mg and Ca, the amount of accessible DFOB in the ocean is less than 

the actual concentration of DFOB.64 Thus, DFOB itself is mostly important as a terrestrial 

siderophore, but given the strong presence of other siderophore and siderophore-type 
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ligands in marine environments, DFOB remains an excellent model for siderophore-metal 

interactions.  

 Titanium is abundant but mostly tied up in relatively insoluble and inert oxides. An 

avid Ti(IV) binding ligand like DFOB might also facilitate the release of Ti(IV) from TiO2. 

This effect would increase the mobility of Ti in soils and groundwater. In addition, organic 

chelators are mobile through the body and can directly affect the release of Ti(IV) from 

implants at lower pH.10,65 The acidity of the local environment near titanium release, as 

low as pH 2.5, further validates the work conducted here. 

 A DFOB complex could release Ti(IV) in several ways. Thermodynamics may 

drive release; as tight as these complexes are, other coordination environments should be 

tighter. The complex of Ti(IV) with three catechols has log b130 ~ 60,66 so tris(catechol) 

siderophores, for example, should be even better ligands than DFOB. The complex of 

enterobactin with Ti(IV) has been crystallographically characterized.18 Also, degradation 

or modification of the DFOB siderophore could facilitate release of Ti. In particular, we 

note that Ti(III) reduces hydroxamates to amides.67–69 Thus, reduction of the complex to 

Ti(III)·DFOB could lead to serial modification of the siderophore metal-binding moieties 

with eventual metal release.  

 This work further raises the possibility that, beyond making Ti more bioavailable 

than it would be otherwise, Ti may interfere with the biological trafficking and 

biogeochemical cycling of Fe in the presence of siderophores. In a direct competition 

between equimolar Fe(III) and Ti(IV) for DFOB, Ti(IV) binds preferentially, as evidenced 

by UV/Vis and mass spectrometry (data not shown). This finding agrees with the early 
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report.31 Concentrations of Fe and Ti in natural waters and soils vary depending on 

location, but are typically within an order of magnitude of each other. Siderophores may 

regularly be binding Ti in these waters and soils. In the human body, there is much more 

Fe than Ti overall but much of it is immobilized in hemoglobin. The plasma concentration 

of Fe, for example, is on the order of 10 µM (mostly in transferrin). The plasma 

concentration of Ti is normally on the order of 0.5 µM but it can be higher in a person who 

has a Ti alloy implant or who has ingested a TiO2-containing foodstuff or 

pharmaceutical.2,5  At even the lower concentrations, Fe and Ti will be in competition for 

ligands including siderophores. DFOB can deplete other essential metals besides Fe(III) 

once inside a biological system, typically during chelation therapy.70 If the siderophores in 

a human biological system are instead produced by infecting microorganisms, this Ti vs. 

Fe metal competition could be to the benefit of the human, who, as far as we know, does 

not use Ti for any essential purpose.  

2.4 Conclusions 

 The aqueous complex between Ti(IV) and desferrioxamine B has among the 

highest stability constants yet measured for any metal ion with this important siderophore 

ligand. The current work gives quantitative support to the notion that siderophores will 

bind Ti(IV) avidly and maintain that ion’s solubility over a broad pH range. These effects 

of the siderophore on the metal ion are complemented by powerful effects of the metal ion 

on the siderophore ligand, which include lowering the Ka of the pendant amine by seven 

orders of magnitude. This Ka lowering yields monocationic [Ti(IV)(DFOB)]+ complexes 

near neutral pH, as opposed to the [M(III)(HDFOB)]+ complexes that form with the 
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similarly Lewis acidic Fe(III), Al(III), and Ga(III) under the same conditions. In the 

presence of DFOB (and presumably other siderophores as well), Ti(IV) will have enhanced 

solubility and potentially enhanced bioavailability. It may interfere with the 

biogeochemical cycling of iron, with chelation therapies dependent on siderophores and 

siderophore-like molecules, and with the trafficking of iron in siderophore-producing 

organisms. 
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CHAPTER 3. 

SIDEROPHORE-PROMOTED DISSOLUTION OF TITANIUM (IV) FROM TI-

CONTAINING MINERALS  

3.1 Introduction 

Titanium is abundant (0.6% of the earth’s crust) and occurs naturally in its oxide 

form; geological sources of TiO2 include crystalline rutile and anatase.1,2 Under 

environmentally and biologically relevant conditions, Ti is predominately present as the 

titanic ion (Ti(IV)) and its bioavailability is limited due to its low solubility. The 

solubility of Ti(IV) from crystalline TiO2 ranges from 1 nM at pH 3-11 up to 1 µM at 

lower pH values.3–7 Amorphous TiO2 is more soluble, around 5 µM near neutral pH up to 

10 mM at pH values < 2.3,8 Titanic ions are released into the ground water, ocean water, 

and rain runoffs from TiO2 in cosmetics and consumer products, food, and medicinal and 

industrial sources.2,9,10 Nanoparticlate TiO2 is often employed in commercial 

applications,11 and these particles can have increased solubility.3 Soluble Ti 

concentrations in seawater are 4-500 pM depending on the sampling site, and the 

presence of TiO2 significantly increases the amount of total Ti.1,12–16 Inputs from humans 

are significant: one study found that up to 4 kg of TiO2 can be released per day from 

sunscreen during the summer into the Mediterranean Sea.17 

Titanium alloys and TiO2 are used in many applications including photocatalysts, 

gas sensors, paints and pigments, sunscreens, nanomaterials, and pharmaceuticals, and in 

ceramics and medical devices.1,14 The world’s production of Ti metal is ~316,000 tons 

per year, while the production of TiO2 is ~7.2 million tons per year and expected to 
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increase significantly.18 Titanium metal and its alloys are used in surgical devices due to 

their inertness, biocompatibility and resistance to corrosion. These properties are a result 

of an oxide film that forms on the surface.19,20 However after implantation, these alloys 

can corrode, releasing Ti(IV) ions into the body. Deterioration can occur from wear and 

tear, and the presence of biomolecules can aid in degradation. Implant sites can become 

inflamed and can have a local acidic environment with pH reaching as low as 2.5.21 

Dissolved Ti(IV) ions from the surface of these TiO2 films can be released into the site 

around the implant and into the serum and can accumulate in organs.19,20,22,23 Average 

Ti(IV) levels in human serum range from 50 nM to 2 µM, with higher concentrations 

found in patients with Ti implants.24  

Aside from implants, TiO2 is often used in cosmetics and topicals (sunscreens, 

lotions, and toothpaste) and food additives (whitening agents), among many others. TiO2 

is widely understood to exhibit low toxicity due to its insolubility, resistance to corrosion, 

biocompatibility, and physical and thermal stability.25 Studies have concluded that TiO2 

poses little risk to humans and in vivo studies with TiO2 has been reviewed.25 However, 

the long-term effects of its use are still relatively uncertain and TiO2 can induce reactive 

oxygen species under irradiation from UV light.17,26–29 This reactivity can lead to 

damaging effects for marine life including modifications to microbial and algal 

communities30,31, and human safety complications for epithelial cells and hair follicles.29  

One way nature has handled insoluble metal ions is through complexation by 

ligands,1,4 in particular a class of organic molecules known as siderophores. Siderophores 

are low molecular weight secondary metabolites produced by species including 
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microorganisms. They have a large complexation constant for the essential ion Fe(III), 

and are synthesized during times of Fe deficiency.32–37 Cells import the complexed 

Fe(III). Chelating ligands like siderophores are present in soil at concentrations ~ 0.1 - 

100 nM38–40 and in water at 2 pM -1 nM.41–43 If these siderophores were fully complexed 

in seawater to iron, they would present approximately 0.2 – 4.6% of the iron pool.41 

Overall, more than 99% of Fe(III) at the surface of the oceans is complexed by organic 

ligands.32,44–47 Siderophores can promote the dissolution of Fe(III) from iron-containing 

minerals.48–51 In the absence of chelating ligands, the solubility of Fe(III) from iron 

oxides is 10-10 to 10-18 M.33,52–55 Siderophores increase iron solubility from 4 to 14 orders 

of magnitude depending on the crystalline phase.48,56,57  

Desferrioxamine B (DFOB) (Figure 2.1) is a widely studied trishydroxamic acid 

siderophore produced by Streptomyces pilosus.58,59 The binding of DFOB to nonferrous 

metals has been reported; in some cases these metal ions bind more tightly than does 

Fe(III).60–69 DFOB is a particularly avid binder of Ti(IV) and precludes its hydrolytic 

precipitation.66,70 From pH 2-10, three species exist in solution, with [Ti(IV)(HDFOB)]2+ 

predominating below pH 3.5, ([Ti(IV)(DFOB)]+) from ~ pH 3.5 - 8, and a third above pH 

8. A computational model supported a structure similar to that of Fe(III)-DFOB.71 This 

tight interaction with Ti(IV) may have the consequence that DFOB may solubilize Ti(IV) 

from TiO2 surfaces. 

The extent and kinetics of DFOB-mediated mineral dissolution have been 

established with other oxides besides those of Fe(III).56,72–80 Siderophore and siderophore 

mimics interact with the surface of TiO2.81–83 In this work, siderophore-induced 
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dissolution of Ti(IV) from TiO2-containing sources, as well as the effects of pH and small 

organic acids, are explored by spectrophotometry and ICP-OES to determine the extent 

and kinetics of dissolution. Further surface interactions were characterized using SEM 

and TEM and mass spectrometry confirmed the Ti(IV)-DFOB complex in solution. 

Dissolution of different crystalline forms and particle sizes of TiO2 were also 

investigated. TiO2 nanoparticles in the presence of UV light can generate reactive oxygen 

species,17,26–29,84 so dissolution in the presence of ambient light, total darkness and 

constant UV irradiation was also monitored.  

3.2. Experimental Section 

3.2.1 Materials  

All aqueous solutions were made in nano-pure deionized water with a resistivity 

of 18.2 MΩ-cm (Barnstead). DFOB was purchased as the mesylate salt 

[(C25H46N5O8NH3
+)(CH3SO3)-] (Calbiochem or Santa Cruz Technology). Anatase TiO2 

powder (Aldrich 248576) was used as received, comprising 99.8% pure anatase 

crystalline particles with micrometer particle size. Micrographs revealed highly 

aggregated particles of ~10-30 µm containing an average individual particle size of ~100 

nm. Rutile TiO2 (Aldrich 224227, 99.9+% trace metal basis, <5 µm particle size) was 

used as received. SEM confirmed a rutile particle size of ~50-100 nm. Mixed ligand 

reactions included oxalic acid (Fisher Scientific A219), citric acid monohydrate (J.T. 

Baker 0110-01), succinic acid disodium salt hexahydrate (ACROS Organic 158755000), 

and L-ascorbic acid (Sigma-Aldrich 255564). Sunscreen studies employed commercial 

TiO2 powders including rutile nanoparticles, <100 nm, 99.5% trace metals (Aldrich 
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637262), micron-scale rutile, 0.9-1.6 µm, 99.8% metal basis (Alfa Aesar 42681), anatase 

nanopowder, <25 nm with 99.7% trace metals (Aldrich 637254), and the previously 

mentioned micron-particles of anatase. The sunscreen used was California Baby®, Super 

Sensitive, broad spectrum SPF 30+ containing 12% TiO2. Using SEM coupled with EDX, 

the sunscreen was found to be 67% atomic weight of Ti on the surface, followed by 23% 

C, 10% O and 0.3% Al. This number deviated from the expected 12% because of the 

electron beam evaporating excess liquid and organic material. Coumarin (A15336) and 7-

hydroxycoumarin (umbelliferone) (L04082) from Alfa Aesar were utilized. Fluorescence 

measurements were recorded using 96-well black assay plates (Costar 3916). Titanium 

wire (Sigma-Aldrich 267902) was used as received.  

3.2.2 Instrumentation  

UV/Vis spectra were obtained by using a Cary 50 Bio UV/Vis spectrophotometer. 

Measurements of pH were made using a Thermo Orion model 410 pH meter equipped 

with an Orion 8103BNUWP Ross Ultra semimicro pH electrode. A Thermo-Scientific 

iCAP 7400-ASX520 inductively coupled plasma optical emission spectrometer (ICP-

OES) quantitated concentrations of Ti in solution operating in axial mode using 336.121 

nm detection wavelength. Titanium dioxide particle size was determined using an FEI 

quanta FEG450 scanning electron microscope (SEM). Chemical composition of particles 

was confirmed by using energy dispersive X-ray analysis (EDX) coupled to the SEM 

with a beam energy of 10 keV equipped with Ka X-Ray source. Surface interactions of 

DFOB and TiO2 were probed by using SEM and TEM, using JEOL JEM1400 

transmission electron microscopy (TEM) operated at 120 kV and a beam current of 78.6 
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µA. The mineral phase of TiO2 was determined by using X-ray powder diffraction (XRD) 

on a Bruker KAPPA APEX II DUO. Dissolution in the presence of UV light was 

determined during irritation by shortwave ultraviolet light at 254 nm using a Spectroline 

lamp (Model X-15G) at 115 V, 60 Hz and 0.35 amps. Fluorescence measurements were 

recorded on a Gemini EM microplate reader, with excitation wavelength of 332 nm and 

emission wavelengths of 392 nm and 455 nm for coumarin and umbelliferone, 

respectively. Data were analyzed with SoftMax Pro Software.  

3.2.3 TiO2 Dissolution with DFOB 

All solutions were prepared immediately prior to use in volumetric glassware. All 

glassware was acid washed in 30% HCl solution overnight to eliminate any trace metals 

and triple rinsed with 18.2 MΩ-cm deionized water. Micron-sized TiO2 (anatase and 

rutile) were used at pH 2 at 20, 15, 10 and 5 mg/mL loading. For pH 6 and 10 studies, 15 

mg/mL TiO2 were used. Dissolution in the presence of small organic acids at pH 2 

employed anatase micron-sized TiO2 at 10 mg/mL. Solutions containing DFOB and KCl 

were prepared and adjusted to pH 2 with 5 M HCl so that the final solutions contained 2 

mM DFOB and were set to I = 0.1 M KCl, in all experiments except for the pH 

dissolution dependence. In the mixed ligand experiments, the final solution contained 2 

mM DFOB with 2 mM of the various small organic acids, pH 2 and set to I = 0.1 M with 

KCl. The total volume of all samples was 50 mL, in polypropylene Falcon tubes, used as 

received. Controls containing DFOB but not TiO2, and TiO2 but not DFOB, with 0.1 M 

KCl and at pH 2 were used to ensure that no additional metal ion leached from plastic or 

glassware. In the mixed ligand study, controls containing each ligand with TiO2, the 
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ligand alone, and TiO2 alone were used for comparison to the DFOB-ligand dissolution 

rate. All solutions were continuously mixed throughout the duration of the experiment on 

a laboratory rotator to ensure proper mixing at 22-23 °C. Samples were removed in 1.5 

mL aliquots by using a 3 mL syringe and filtered immediately using a 0.22 µm 

polyethersulfone syringe filter (Tisch Scientific). Samples were collected over 35 d to 

determine kinetics and long-term stability of DFOB with titanium. Upon completion of 

the time course, all samples were immediately analyzed using ICP-OES. All dissolution 

experiments were conducted at least twice. The UV/Vis spectrum of each aliquot was 

determined from 200-800 nm, with a maximum absorbance at 353 nm for pH 2 of the Ti-

DFOB peak.66 Concentrations were determined for [Ti(IV)HDFOB+], using the molar 

extinction coefficient of ε353=5093 M-1 cm-1 previously determined.66 

3.2.4 Inductively Coupled Plasma Optical Emission Spectrometry (ICP-OES) Conditions.  

Sample preparations for ICP-OES required aliquots of the dissolution samples to 

be diluted and acidified. All samples were diluted in 5 mL volumetric flasks and all 

glassware was acid washed in 30% HCl overnight and triple rinsed with 18.2 MW-cm 

deionized water prior to use. The standard curve was created using 1000 µg/mL titanium 

atomic absorption standard, TraceCERT® containing w/w 2% HNO3 and trace HF 

(Sigma 12237) in the range of 1 µM-100 µM, as per the manufacturer’s specifications. 

Samples were diluted with 18.2 MW-cm deionized water and acidified with trace-metal 

grade nitric acid (Fisher) to a final acid concentration of 2% w/w. Guided by the 

calculated concentrations from UV studies, the samples were diluted to the range 

necessary to fall within the calibration curve.  
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3.2.5 Surface Interactions  

Samples were prepared for SEM analysis by pipetting 50 µL of the suspension 

onto 12 mm carbon tabs (SPI supplies) that were attached to an aluminum specimen 

mound, ½” slotted head (TED PELLA, Inc.). TEM samples were prepared using 10 µL of 

the same slurry onto the carbon film of a 400 square mesh copper grid (Electron 

Microscopy Sciences). Images obtained of the anatase after exposure to DFOB were 

rinsed with deionized water three times and the dried anatase TiO2 was placed on the 

grids.  

3.2.6 Sunscreen dissolution with DFOB  

For sunscreen studies, initial amounts of 10 mg/mL anatase and rutile 

nanoparticle TiO2 as well as micron size particles of both were employed. The sunscreen 

contained 12% TiO2 by weight so that 85 mg/mL of sunscreen was ~ 10 mg/mL of TiO2. 

All solutions were prepared immediately prior to use in volumetric glassware. All 

glassware was acid washed in 30% HCl solution overnight to eliminate any trace metals 

and triple rinsed with 18.2 MΩ-cm deionized water. Solutions containing DFOB and 0.7 

M NaCl were prepared and adjusted to pH 2 with 5 M HCl so that the final concentration 

contained 2 mM DFOB. The ionic strength was changed to 0.7 M NaCl to replicate the 

salinity of salt water. Otherwise, dissolution conditions remained the same as described 

above and concentrations of Ti in solution were analyzed using UV/Vis and ICP-OES. 

Experiments were conducted in the presence of constant UV irradiation, in complete 

darkness by foil covering the samples and placing them in a foil wrapped dark hood, and 

also in ambient light from the lab.  
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A standard coumarin assay, using a fluorescent probe method, was implemented 

to determine ROS generation from UV irradiated samples.84 Coumarin in the presence of 

hydroxyl species forms umbelliferone with ~ 6% conversion. Both species are 

fluorescent, but umbelliferone is the only species the fluoresces at 455 nm. To convert 

fluorescent intensity into concentration of umbelliferone formed, a standard curve of 0-2 

µM umbelliferone in 0.1 mM coumarin was generated and the fluorescent intensity was 

recorded. Aliquots of 150 µL of filtered UV samples were incubated with 0.1 mM 

coumarin. Each well contained 200 µL and final volume was adjusted with 0.7 M NaCl. 

Irradiation occurred at excitation wavelength of 332 nm, and emission wavelengths of 

392 nm (coumarin) and 455 nm (umbelliferone).  

3.2.7 ESI-QTOF Mass Spectrometry 

 Samples obtained at various time points from the dissolution were analyzed by 

using mass spectrometry. Solutions were obtained and diluted to obtain a final 

concentration of 10 µM. The ESI-QTOF mass spectrum was obtained on an Agilent 6520 

ESI-QTOF mass spectrometer in the positive mode using MassHunter software supplied 

by Agilent. An instrument blank was subtracted from the spectra to eliminate any peaks 

that were not part of the solution. 

3.3 Results And Discussion 

3.3.1 Dissolution Kinetics 

Anatase TiO2 kinetic data were obtained from experiments in which the initial 

amount (mg/mL) of TiO2 was varied, and pH 2 with 2 mM DFOB (I = 0.1) remained 

constant. At this pH, [Ti(HDFOB)]2+ predominates in solution, with e=5093 M-1cm-1 at l 
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= 356 nm.66 The concentration of solubilized and complexed Ti(IV) (Figure 3.1A) as a 

function of time in days (d) was determined from the UV/Vis analysis. ICP-OES analysis 

of Ti in solution was in excellent agreement. (Figure 3.2B). Four trials were averaged and 

these results illustrate the combined kinetics of anatase TiO2 dissolution by DFOB.  

The data at all initial TiO2 loadings were well fit by two kinetic steps. A faster 

dissolution step occurs over the first 7 days (t1/2 of 0.23 d) yielding a k1 ~ 3.1 ± 0.5 d-1. 

The second process, which was significantly slower, yielded a rate constant of k2 ~ 0.114 

± 0.009 d-1 (t1/2 of 6.1 d). By 30 d, the concentration of titanium approached a limit of 

solubilized titanium as a function of the initial TiO2 loading. Tables 3.1 and 3.2 show the 

average kinetic values for the UV/Vis and ICP-OES experiments respectively.  
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Figure 3.1. Dissolution results obtained by UV/Vis for anatase micron sized TiO2 with 

DFOB at pH 2; (A) Ti(IV) dissolution from micron-sized anatase TiO2 by DFOB 

(combined data from four trials) monitored by UV/Vis: Initial TiO2 loading: 20 mg/mL 

(purple triangles), 15 mg/mL (green diamonds), 10 mg/mL (blue squares), 5 mg/mL (red 

circles); initial starting concentration of DFOB: 2 mM at pH= 2 in an ambient lab 

environment. (B) the kinetic values determined for all 4 initial TiO2 concentrations where 

[Ti]max (blue circles) is the limit of [Ti] (µM) achieved, D[Ti]1 (green squares) is the 

change of concentration for the first kinetic step (µM) and D[Ti]2 (red diamonds) is the 

change of concentration for the second kinetic step (µM).  
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Figure 3.2. Dissolution results obtained by ICP-OES for anatase micron sized TiO2 with 

DFOB at pH 2; (A) Ti(IV) dissolution from micron-sized anatase TiO2 by DFOB 

(combined data from four trials) monitored by ICP-OES: Initial TiO2 loading - 20 mg/mL 

(purple triangles), 15 mg/mL (green diamonds), 10 mg/mL (blue squares), 5 mg/mL (red 

circles); initial starting concentration of DFOB: 2 mM at pH= 2 and 25° C in an ambient 

lab environment. (B) the kinetic values determined for all 4 initial TiO2 concentrations 

where [Ti]max (blue circles) is the limit of [Ti] (µM) achieved, D[Ti]1 (green squares) is 

the change of concentration for the first kinetic step (µM) and D[Ti]2 (red diamonds) is 

the change of concentration for the second kinetic step (µM). 
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Table 3.1. Fit kinetic parameters for average micron-sized anatase TiO2 with 
2 mM DFOB, pH 2, I=0.1 M KCl values using UV/Vis 

Initial TiO2 (mg*mL-1) 
amounts 20 15 10 5 

Limit of [Ti]max (µM) 255.9 196.8 156.0 87.3 
Change in [Ti] of k1 (µM) 58.6 40.2 30.7 16.7 

Rate constant (k1(d-1)) 3.4 4.7 2.8 2.4 
Change in [Ti] of k2 (µM) 172.0 139.2 109.7 62.3 

Rate constant (k2(d-1)) 0.2 0.2 0.1 0.08 

Table 3.2. Fit kinetic parameters for average micron-sized anatase TiO2 with 
2 mM DFOB, pH 2, I=0.1 M KCl values using ICP-OES 

Initial TiO2 (mg*mL-1) 
amounts 20 15 10 5 

Limit of [Ti]max (µM) 299.7 238.5 181.8 101.5 
Change in [Ti] of k1 (µM) 56.1 41.9 27.4 16.2 

Rate constant (k1(d-1)) 3.6 3.2 2.5 2.3 
Change in [Ti] of k2 (µM) 213.5 171.8 134.3 76.2 

Rate constant (k2(d-1)) 0.1 0.1 0.1 0.1 
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There is a linear correlation between the solubilized Ti(IV) concentrations 

obtained and the initial TiO2 loading (Figure 3.1B and Figure 3.2B), indicating that the 

initial starting amount of TiO2 had no effect on the rate of release of Ti(IV), but rather 

affected the amount of Ti(IV) dissolved. The rate constants for all initial loading amounts 

of TiO2 remained essentially the same. Both undissolved TiO2 and unreacted DFOB 

remained even as the dissolution of TiO2 approached equilibrium. Assuming the Ti(IV)-

DFOB complex formed has a ligand to metal ratio of 1:1; only ~ £10% of DFOB is used 

in each reaction. The crystal structure of anatase can display different faces, with the 

thermodynamically stable face (101) containing exposed Ti atoms on the surface and 

oxygen vacancies.85 This observation is consistent with DFOB scavenging Ti(IV) from 

the surface of the TiO2 in the fast step of dissolution and once the exposed Ti has been 

scavenged, the second, slower step dissolves bulk TiO2. 

 Electrospray mass spectrometry can be used as a complementary method for 

characterizing metal complexes with respect to oxidation state and extent of hydrolysis. 

The five stable isotopes for titanium yield characteristic distributions that allow for easy 

identification of Ti-containing complexes. Solutions obtained from the micron-sized 

anatase TiO2 dissolution experiments were analyzed for Ti-DFOB binding. Previously, 

the characteristic spectra of a Ti(IV)-DFOB complex was reported.66 A single time point 

for the 10 mg/mL initial loading of anatase TiO2 at pH 2 with 2 mM DFOB is shown in 

Figure 3.3, but all spectra collected yielded the comparable results. The peak at m/z 605.3 

is distinctive for the deprotonated [Ti(IV)DFOB]+ species and matches the predicted 

isotope pattern of [Ti(C25H45N6O8)]+ or [Ti(IV)DFOB]+ (Figure 3.3B).66  
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Figure 3.3. ESI-mass spectrum of 10 mg/mL anatase with DFOB at pH 2, I=0.1 KCl; A) 

Full spectrum obtained; B) characteristic isotope pattern indicative of [TiDFOB]+ at m/z 

605.3. 
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Unlike the anatase TiO2 results, the kinetic data for DFOB-induced dissolution of 

rutile was initially difficult to interpret. Rutile TiO2 trials were replicated four times, and 

the results were reproducible. Dissolution appears to follow two-step kinetics, but instead 

of a fast and a slow dissolution as seen in the anatase, the rutile instead exhibits an initial 

increase of the amount of Ti(IV) in solution, followed by a decrease or apparent 

hydrolytic precipitation of Ti(IV). The maximum amount of dissolved Ti was 

significantly lower than what was observed from the anatase under the same conditions 

(Figure 3.4). 

 

 

Figure 3.4. Ti(IV) dissolution from micron-sized rutile TiO2 by DFOB (combined data 

from four trials) monitored by UV/Vis; Initial TiO2 loading: 20 mg/mL (purple triangles), 

15 mg/mL (green diamonds), 10 mg/mL (blue squares), 5 mg/mL (red circles); initial 

starting concentration of DFOB: 2 mM at pH= 2 and 25° C under ambient lab conditions.  
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ESI-MS analysis of 20 mg/mL micron-sized rutile TiO2 in the presence of 2 mM 

DFOB at pH 2 at t=3 and 15 d revealed the same expected peaks as previously stated. 

However, after 28 d, the peaks at m/z 605.3 disappeared and the uncomplexed DFOB 

peak remained in the mass spectra, validating the dissolution results and the removal of 

[Ti] from solution at longer periods of time (results not shown).  

The solubility of TiO2 is controlled both thermodynamically and kinetically. The 

standard enthalpy is significantly lower for rutile then for anatase at most pressures and 

temperatures.86,87 However, the overall Gibbs free energy of formation for both anatase 

and rutile are approximately the same, and therefore solubility should not be affected 

from a thermodynamic standpoint.3 At increased temperatures, anatase irreversibly 

transforms to rutile.86 However, particle size has a large role in thermodynamic stability. 

The smaller the particle size and greater the surface area increases stability. Nanoparticle 

anatase having a larger surface area has lower surface enthalpy compared to nanoparticle 

rutile; therefore it is often more stable.87–89 For siderophore-controlled dissolution, both 

thermodynamics and kinetics play a role in release of metal from metal oxides. 

Thermodynamically, the concentration of Ti that is able to be solubilized at equilibrium 

depends on the amount of free ligand in solution, the solubility product of TiO2, and the 

stability constant of Ti-siderophore complexes.48  

Dissolution is also dictated kinetically as well. From a kinetic standpoint, 

stability, rate of transformation to other crystalline phases, and solubility are controlled 

by the same set of factors.90–92 These factors include nucleation, particle growth, Ostwald 

ripening, dissolution and the presence of chelating ligands.93 In the absence of chelating 
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ligands, as the suspension approaches equilibrium, the solubility of TiO2 is dependent on 

particle size. The smaller the particle, the larger the solubility known as the Kelvin 

effect.3  Many factors contribute to this solubility, including pH, ionic strength and 

surface charge and tension. Anatase at low pH values was observed to be more 

susceptible to the Kelvin effect.3 In the presence of chelating ligands, the size of TiO2 can 

change and alter the nucleation effect. Siderophore-controlled dissolution occurs in a 

three step process in which initially in a fast step, a complex forms with the metal on the 

surface, followed by a slower second step of detachment from the metal surface followed 

by a fast regeneration of the surface.94 Rate constants are controlled by changes in 

speciation of ligands and metal oxides, pH, and surface coverage of other organic or 

inorganic ligands. In order for dissolution to be possible, the thermodynamic conditions 

combined with the kinetic lability will drive and accelerate dissolution.48 The dissolution 

of both anatase and rutile in the presence of DFOB are satisfied both thermodynamically 

and kinetically. The decrease of [Ti] in solution seen in rutile might be attributed to the 

third step in which rutile is thermodynamically more stable crystal phase, and Ti-DFOB 

may adsorb back onto the surface to achieve solution equilibrium. 

The removal of Ti from TiO2, because of both the Kelvin effect and the presence 

of DFOB, can facilitate this increase of solubility leading to the formation of smaller 

anatase particles after exposure and increased concentrations of Ti(IV) in solution. Rutile 

is more stable in regards to the driving force for solubility when compared to anatase.3 

This stability is can be attributed to the most thermodynamically stable rutile face (110) 

where Ti and O atoms lie in the same plane, with very little exposed Ti is present.85 Here, 
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the amount of Ti(IV) dissolved from rutile is significantly less than the amount of Ti(IV) 

from anatase. Thermodynamically, particles with a larger specific surface area (m2/g) can 

have greater solubility, and therefore the observed difference in dissolution behavior 

between the anatase and rutile polymorphs of TiO2 might actually be a function of 

available surface area. While the rates obtained are relatively slow, over longer exposure 

times to siderophores, this dissolution still generates a significant amount of Ti in 

solution from micron-sized TiO2 particles. This dissolution is driven by the avid DFOB-

Ti binding, and could outcompete Fe in iron-containing minerals when exposed for 

extended periods of time.  

3.3.2 pH dependence on dissolution  

Experiments were performed to determine the effects of pH on dissolution rates 

and extent. It is important to note that solubility of Ti(IV) from TiO2 changes as a 

function of pH. This phenomenon is in part due to the change of the surface charge 

density and point of zero charge (pzc).3 For both anatase and rutile, the pzc ~ 5.9, 

equating to a near-neutral surface over pH range of 5.8-6.1. It can be expected that TiO2 

will show minimal solubility of Ti(IV) around the pzc.3 Values significantly below the 

pzc will exhibit increased solubility with respect to anatase in particular.93 In high 

alkaline regions, the solubility of rutile was also shown to increase significantly.5,95 

Generally, TiO2 is more soluble at pH 3 or less, with little detectable dissolved Ti at pH 

4-8, and solubility increases above pH 8.93 In addition, in neutral to alkaline conditions, 

siderophores have a higher tendency to adsorb to the surface of metal oxides, as opposed 

to solubilizing the metal.48 With the change of surface charge, the interactions of DFOB 



 

 132 

could change due to ionic and covalent bonding of the hydroxyl groups competing with 

hydration and hydrolysis.  

Solutions were created of 15 mg/mL of either micron-sized anatase or rutile TiO2 

particles, 2 mM DFOB, 0.1 M KCl at pH 2, 6 and pH 10, using 5 M NaOH to increase 

the pH. Solutions of pH 2 were prepared as previously described. The speciation of Ti-

DFOB varies with pH.66 For anatase dissolution, solutions at pH 6 exhibited Absmax at 

~310 nm, which is at higher energy then the species that forms at pH 2 (Figure 3.5A and 

B).  

 

Figure 3.5. UV/Vis spectra obtained from initial anatase TiO2 amount of 15 mg/mL with 

2 mM DFOB and 0.1 M KCl (A) pH 2 (B) pH 6. 
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[Ti(DFOB)]+ concentrations at pH 6 were determined by using an extinction 

coefficient of 5682 M-1cm-1 at 310 nm.66 The concentration of dissolved titanium was 

significantly less at pH 6 than at pH 2, which could be correlated with the pzc of anatase 

TiO2 surfaces, and the adsorption tendency of the Ti-DFOB complex at this pH (Figure 

3.6A). Data fitting for pH 2 resulted in k1 = 2.0 ± 1.1 d-1 and k2 = 0.1 ± 0.02 d-1. Fitting of 

the data for pH 6 resulted in significantly different values for the second step with k1 = 

1.6 ± 0.7 d-1 and k2 = 0.03 ± 0.01 d-1, indicating that the step that occurs over longer 

periods of time is more affected as a function of pH. Solutions of Ti(IV) and DFOB with 

higher pH (pH 10) were extremely prone to hydrolysis and the UV/Vis spectra of the 

filtered solutions were not stable with time. The hydrolysis occurred between 2-12 days, 

as observed by the scattering in the baseline. This observation is consistent with the 

solubility of TiO2 in solution, where there is a decrease in particle size followed by an 

increase in aggregation over longer courses of time. The particle size from 2-12 d may 

have been smaller than the filter size of 0.22 µm and the particles were possibly unable to 

be fully filtered. These observations were consistent with the hydrolysis of Ti(IV)-DFOB 

in solution at higher pH values.66 Results can be seen in Figure 3.6B. The pH in all three 

studies remained constant over the course of the experiments (Figure 3.7).  
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Figure 3.6. (A) Concentration of dissolved [Ti] (µM) from anatase TiO2 versus time (d) 

for pH 2 (red circles) and pH 6 (blue squares) (B) UV/Vis spectra of Absorbance versus 

wavelength for pH 10 anatase TiO2 in the presence of DFOB (insert) Plot of Absorbance 

at 327 nm as a function of time; where red indicates 0-1 d, black indicates 2-12 d and 

blue indicates 13-25 d.  
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Figure 3.7. pH versus time of 15 mg/mL anatase TiO2 in the presence of 2 mM DFOB, 

I=0.1 M KCl.  

 

Rutile dissolution was also investigated at pH 2, 6 and 10. At pH 2, the previously 

described trend for rutile was confirmed with a relatively fast increase of Ti dissolved 

followed by a slow decrease of Ti in solution. The concentration of dissolved titanium 

(µM) as a function of time can be seen in Figure 3.8A. At pH 6, the amount of dissolved 

titanium was difficult to quantitate because very little Ti(IV)-DFOB complex appeared to 

have formed (Figure 3.8B). However, the pH 10 data revealed a different result. Under 

the conditions of pH 10 with 2 mM DFOB I=0.1 M, the increase of the characteristic 

Ti(IV)-DFOB peak in solution normally seen for pH 6 appeared around 310 nm. The pH 

decreased from ~10.5 down to ~ pH of 6.5 over time (Figure 3.9). It was previously seen 

that the presence of a more alkaline solution can increase the solubility of rutile.95 As the 

pH shifted to lower values, the signal of the UV/Vis also decreased over time, resulting in 

a comparable UV/Vis signal that was displayed for the rutile dissolution of pH 6 
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behavior. Results can be seen in Figure 3.8C. As the initial pH for the rutile experiments 

were increased, solubility of the rutile particles may also have increased. DFOB may then 

have been able to chelate the Ti(IV) already in solution, as well as remove more Ti from 

the TiO2, However, as DFOB chelation occurred, the pH decreased. This change could be 

attributed to the deprotonation of the DFOB molecule and the release of H+. As this pH 

decreased, it reduced the solubility of rutile until essentially no dissolved Ti(IV) was 

detectable.  
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Figure 3.8. Results from the pH study of rutile TiO2 with DFOB where (A) is the 

concentration of dissolved Ti (µM) as a function of time for acidic pH 2 solution; (B) 

UV/Vis spectra obtained from pH 6 over 35 d and inset shows the Abs at 300 nm as a 

function of time; (C) UV/Vis spectra obtained from pH 10 over 35 d and inset is 

absorbance at 334 nm as a function of time; where red indicates 0-1 d, black indicates 2-

12 d and blue indicates 13-35 d.  
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Figure 3.9. pH versus time in d of 15 mg/mL rutile TiO2: 2 mM DFOB, I=0.1 M KCl 
 

3.3.3. Surface Interactions of DFOB to TiO2 

To probe the surface interactions of DFOB with TiO2, microscopy was utilized. 

Using SEM, the surface interactions with Ti(IV) and DFOB were monitored. Micron-

sized anatase TiO2 samples containing DFOB at pH 2 were removed at various times and 

imaged. It is evident that DFOB clearly interacts with the anatase TiO2 surface and 

remodels the TiO2 particles. Figure 3.10A shows a solution of anatase TiO2 particles in 

0.1 M KCl at pH 2 of ~ 0.2 µm aggregated into larger clusters prior to exposure to 

DFOB. After 7 days of exposure to DFOB, the TiO2 particles significantly decrease in 

size and the DFOB interactions on the surface of TiO2 (Figure 3.10B). After the 

experiment went to completion, TiO2 particles that were exposed to DFOB were rinsed to 

remove excess DFOB from solution and from the surface. Images revealed particles that 

were highly aggregated, but significantly smaller than the starting particles (Figure 
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3.10C). Images of the raw micron sized-particles prior to addition into solution are shown 

in Figure 3.11. 

SEM images of micron-sized rutile TiO2 at pH 2 in 0.1 M KCl were analyzed as 

well. Rutile TiO2 after 55 d of exposure to DFOB (Figure 3.12C) showed no difference in 

regards to particle size and morphology when compared to rutile TiO2 in 0.1 M KCl in 

the absence of DFOB prior to exposure (Figure 3.12A). Figure 3.12B shows the slurry of 

rutile TiO2 with DFOB and again, no change to the rutile particles seems to have 

occurred. Raw powders of rutile prior to starting the experiments are shown in Figure 

3.11. This finding suggested that no adsorption of DFOB was occurring at the rutile 

surface and instead DFOB was removing the easily accessible Ti atoms on the surface.  
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Figure 3.10. SEM of (A) anatase TiO2 prior to exposure of DFOB and (B) slurry of 

anatase TiO2 in the presence of DFOB using back scattered electrons after ~ 7 d of 

exposure. The dark swirls are associated with DFOB and the white spots are 

representative of TiO2 particle formation (C) anatase TiO2 after exposure to DFOB for 55 

d and triply rinsed and imaged. 
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Figure 3.11. SEM images obtained of the commercial powders of (A) micron-sized 

anatase TiO2 and (B) micron-sized rutile TiO2. 
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Figure 3.12. SEM of (A) rutile micron-sized TiO2 prior to exposure of DFOB and (B) 

slurry of rutile TiO2 in the presence of DFOB after ~ 35 d of exposure. The particle size 

of the rutile remains essentially unchanged and the DFOB solution appears as the smooth 

intercalated throughout (C) rutile TiO2 after exposure to DFOB for 55 d and triply rinsed 

and imaged where again, even though it is highly aggregated, no apparent change in 

particle morphology or size seemed to occur. 
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When TiO2 is exposed to DFOB, the particle size and morphology changes 

significantly. This finding could indicate that DFOB is altering the anatase TiO2 surface, 

with the possibility that DFOB is removing the surface Ti(IV) from TiO2, decreasing the 

particle size of anatase and exposing holes and open surface sites in the TiO2, allowing 

for further interaction with the DFOB to these new open surface sites.85 Regarding 

biological relevance, if this indeed is the case, this interaction could lead to further 

hydrolysis of TiO2 and if present on a surface of Ti metal, exposing reactive metal to 

further degradation. TEM images were able to further probe particle size of TiO2 when 

interacting with DFOB. TiO2 particles showed aggregation when in the presence of 

DFOB and a few particles of TiO2 were embedded in DFOB. The particle size of TiO2 

significantly decreases after exposure to DFOB, as the scale bars are an order of 

magnitude different between the anatase prior to DFOB exposure (Figure 3.13A) and 

after exposure (Figure 3.13B). In both the SEM and TEM, elemental analysis confirmed 

the composition of bright spots (SEM) and the dark gray small spots (TEM) to be Ti.  
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Figure 3.13. TEM images of (A) micron-sized anatase prior to exposure of DFOB and 

(B) suspension of anatase TiO2 + DFOB at pH 2, I=0.1 M KCl. 
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3.3.4 Mixed Ligand Dissolution 

There have been many studies of siderophore-mediated dissolution of mineral 

oxides (or ligand-promoted dissolution), and concluded the ability, efficacy, and kinetics 

of facilitation of hydroxamate-promoted mineral dissolution.56,72–77,96 The above work has 

shown that DFOB can significantly enhance the solubility of TiO2. In addition to 

siderophore-promoted dissolution, the studies of dissolution with other organic ligands, in 

particular the ones found commonly in nature such as oxalate, citrate, succinate or 

ascorbate, have shown to greatly affect the rate of dissolution of other metal 

oxides.14,78,79,96,97 When in the presence of siderophores, this rate of dissolution changes 

from the rate of each ligand separately.78,79,96,97  

A variety of organic acids were used in the absence and presence of DFOB, and in 

the presence of anatase TiO2. Once in the presence of metal and metal oxides, the pKa of 

the carboxylate is lowered and deprotonation of the acids occurs to facilitate metal oxide 

adsorption/ solution binding, forming the conjugate base of the acids. Theoretical and 

experimental studies show that oxalate can bind in a bidentate fashion to rutile or 

monodentate when interacting with anatase.98–102 Oxalate in particular is known to have a 

synergistic relationship on the rate of dissolution in the presence of DFOB with other 

oxide minerals.78,79,96,97  

Other organic acids such as citric acid, ascorbic acid and succinic acid were also 

investigated. Citrate, oxalate and ascorbate form complexes with Ti(IV) ions at pH 2 and 

the solution studies of these complexes were previously investigated.101,103,104 The 

organic acids chosen for this work are representative of compounds commonly found in 
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soils and water.79,105 Organic complexing ligands in marine environments, for example, 

have been estimated to be 0.4-8 nM and it is thought that dissolved iron (III) (>99%) is 

complexed by these ligands to forego hydrolysis.41 The concentration of oxalic acid in 

natural systems range from 0.025 - 4 mM.106–108 Iron acquisition by plants often co-exude 

various other organic acids with siderophores under iron-limiting conditions.109  

When these organic ligands were investigated with respect to mineral dissolution 

in the presence of DFOB, most showed a reduced dissolution rate when compared to 

oxalate + DFOB, and even DFOB by itself.79 Kinetic results revealed that all the ligands 

+ DFOB fit the two-step kinetic behavior with the first step occurring over the first 7 

days and the second step occurring over the remaining 21 days (Figure 3.14). As seen 

previously in the anatase dissolution, DFOB yielded a k1 ~ 3.2 ± 0.4 d-1 and a k2 ~0.091 ± 

0.006 d-1. All other mixed ligands yielded an average k1 ~2.5 ± 0.4 d-1 and k2 ~0.093 ± 

0.009 d-1. While the rate constants for dissolution essentially remained unchanged, the 

maximum concentration of dissolved [Ti] did not. Oxalate increased the amount of 

titanium dissolved, while citrate and succinate decreased this amount. Ascorbate had 

approximately the same calculated concentration of [Ti] as DFOB. 

Oxalate degrades when in the presence of UV light and other metals. The 

photodegradation of oxalate in the presence of TiO2 has been reported; however, not all 

of the oxalate degrades and adsorption to the TiO2 surface helped protect against 

degradation.100 In the presence of DFOB, degradation of oxalate may not be a 

contributing factor for dissolution since DFOB is the sequestering ligand and oxalate is 

just the facilitator for adsorption. Oxalate in the presence and absence of light with 
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DFOB + TiO2 did not change the dissolution rate constants and the amount of Ti 

dissolved essentially remained unchanged. Figure 3.14A shows the average of both the 

light and dark oxalate + DFOB results. The change in concentration for the first step (or 

fast step) was also essentially the same with the exception of oxalate. This observation 

would imply that the addition of ligands has no short-term effects. The change in 

concentration for the slower step changed drastically, implying that the effect of ligand 

addition only alters the long-term stability of TiO2. The addition of ligands had no effect 

on the actual rate of dissolution for both steps, suggesting that the kinetics of dissolution 

is primarily dictated by the siderophore itself. The kinetic values obtained for each 

experiment can be seen in Table 3.3.  

 

 

  

Table 3.3. Fit kinetic parameters for the mixed ligand experiments for 
micron-sized anatase TiO2 with 2 mM DFOB, 2 mM ligand, pH 2, I=0.1 M 
KCl; Sample headings: OX = oxalic acid + DFOB; ASC = ascorbic acid + 
DFOB; CIT = citric acid + DFOB; SUCC = succinic acid + DFOB; DFOB = 
DFOB in the absence of any ligands 

Samples  OX ASC CIT SUCC DFOB 

Limit of [Ti]max (µM) 215.9 160.1 146.3 129.3 153.9 
Change in [Ti] of k1 

(µM) 52.5 35.4 37.5 35.0 34.8 

Rate constant (k1(d-1)) 2.7 2.9 2.1 2.7 3.2 
Change in [Ti] of k2 

(µM) 150.8 117.8 101.5 88.0 111.3 

Rate constant (k2(d-1)) 0.1 0.08 0.08 0.1 0.09 
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Controls of the various ligands in the presence of TiO2 without DFOB were also 

analyzed. Oxalate did dissolve Ti(IV) from the surface of TiO2, but the concentrations 

were negligible when compared to the concentration of DFOB + oxalate. The maximum 

concentration from oxalate alone was ~ 13 µM (Figure 3.14A). The other ligands only 

slightly dissolved Ti(IV) where maximum concentration was ~ 2 µM (Figure 3.14B). 

Mass spectra obtained of each ligand in the presence of DFOB showed no evidence of 

co-coordination with the ligand and DFOB. Only the characteristic peaks at m/z 605.3 

and m/z 303.1 for [Ti(IV)DFOB]+ and [Ti(IV)HDFOB]2+ were observed (results not 

shown).  
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Figure 3.14. Average concentration of Ti(IV) release from 10 mg/mL anatase TiO2 in the 

presence of 2 mM DFOB and mixed ligand: (A) oxalate + DFOB (light blue circles), 

DFOB alone (red inverted triangles), ascorbate + DFOB (dark blue squares), citrate + 

DFOB (green diamonds), succinate + DFOB (orange triangles), oxalate alone (purple 

circles); (B) ascorbate (blue squares), citrate (green diamonds), succinate (orange 

triangles) in the absence of DFOB; initial starting concentration: 2mM ligands and DFOB 

at pH=2, I=0.1. 
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One hypothesis for this increased dissolution is that oxalate binds Ti from the 

oxide layer, and a stronger ligand (DFOB) removes the Ti, allowing oxalate to recycle 

back to surface and continuing the circle. Since there are reports of increased aqueous 

Ti(IV) in these types of environments, iron cycling and stability for hydrolysis can be 

greatly affected, if these ligands instead bind to Ti(IV) rather than Fe(III). Adapting a 

concept originally proposed from Reichard et al. regarding iron oxide, they suggested 

that the kinetics of dissolution with DFOB and oxalate occurs in five steps: oxalate 

adsorbs to the TiO2 surface, a kinetically labile Ti surface species accumulates, the labile 

species detaches where there is a rapid ligand exchange in solution, followed by a rapid 

re-adsorption of oxalate, promoting further adsorption/dissolution.79 Figure 3.15 shows a 

cartoon depiction of what may be occurring in the presence of oxalate.  
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Figure 3.15. Cartoon depicting the synergistic cooperation of oxalate in the presence of 

DFOB and TiO2; Free oxalate in solution binds to the TiO2 surface, removes Ti(IV) into 

solution where free DFOB is also present. The binding of DFOB to Ti(IV) is significantly 

stronger (log b110 ~ 38)66 than oxalate (log b  ~ 13.2)110 and will outcompete oxalate for 

Ti(IV) binding. Oxalate is liberated back into solution and can continue the cycle, 

increasing the amount of soluble Ti(IV) in solution (adapted from Reichard et al.).79 
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3.3.5 Sunscreen Dissolution in the Presence and Absence of Ambient Light  

As previously mentioned, the incorporation of TiO2 in commercial products is 

continuously increasing. The release of metal ions from nanomaterials, in particular 

Ti(IV) from TiO2, has been studied extensively, and increased concentrations of Ti(IV) 

ions have been found in ocean water, groundwater, rivers, lakes, seawater, wastewater, 

rain runoffs, and swimming pools.2,10,17,111–117 Since siderophores are present from marine 

and soil microbes, the effects of this release to these siderophores needs to be addressed.  

Most sunscreens and commercial products are formulated with nanoparticle TiO2 

for a variety of reasons ranging from more effective UV reflection to greater cosmetic 

transparency of the product when applied topically.118 In the previous studies, micron-

sized particles were investigated. For comparative purposes to sunscreen, dissolution 

experiments were conducted over 30 days in which different crystalline polymorphs and 

sizes of TiO2 were used, including anatase micron and nano-sized particles, rutile micron 

and nano-sized particles, and sunscreen. Figure 3.16A shows the concentration of total Ti 

(µM) dissolved as a function of time (d) for micron and nanoparticle anatase TiO2 in 

ambient light and total darkness. Figure 3.16B shows the results for anatase and micron 

sized rutile TiO2 in ambient light. Data fitting revealed an average k1=2.8 ± 0.3 d-1 and k2 

= 0.12 ± 0.033 d-1 for anatase TiO2 (micron) in the presence and absence of light and 

anatase TiO2 (nm) in dark, with a maximum [Ti] solubility of 172.1 ± 6.1 µM. Kinetic 

parameters can be seen in Table 3.4.  
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Rutile data revealed a significant difference between nano and micron sized 

particles. Rutile (nm) revealed a k1=2.0 ± 0.6 d-1 and k2 = 0.065 ± 0.004 d-1 while rutile 

TiO2 (µm) yielded k1=1.4 ± 0.2 d-1 and k2 = 0.043 ± 0.004 d-1 with a maximum [Ti] 

solubility of 24.2 ± 0.6 µM and 202.6 ± 8.1 µM for nano and micron rutile respectively.  

 

Table 3.4. Fit kinetic parameters from sunscreen experiments for both micron and 
nanoparticle anatase and rutile TiO2 with 2 mM DFOB, pH 2, I=0.7 M NaCl; 
Sample abbreviations: A (µm) = micron-sized anatase TiO2; A (nm) = 
nanoparticle anatase TiO2; R (µm) = micron-sized rutile TiO2; R (nm) = 
nanoparticle rutile TiO2  

Samples 
A (µm) in 
ambient 

light 

A (nm) 
in 

dark 

A (µm) 
in 

dark 

R (nm) in 
ambient 

light 

R (µm) in 
ambient 

light 
Limit of 

[Ti]max 
(µM) 

166.0 178.2 172.2 24.2 202.6 

Change in 
[Ti] of k1 

(µM) 
37.6 38.8 39.4 1.97 23.5 

Rate constant 
(k1(d-1)) 2.8 3.1 2.6 1.4 2.4 

Change in 
[Ti] of k2 

(µM) 
112.4 128.3 117.7 21.3 171.2 

Rate constant 
(k2(d-1)) 0.10 0.15 0.09 0.07 0.04 
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Figure 3.16. Concentration of Ti(IV) release from TiO2 of DFOB to determine the 

kinetics with respect to time: 2 mM DFOB, 10 mg/mL TiO2, pH 2, I= 0.7 as determined 

by UV/Vis: (A) anatase TiO2 (nm) in ambient light (green inverted triangles); anatase 

TiO2 (µm) in ambient light (light green octagons); anatase TiO2 (nm) in dark (dark blue 

triangles); anatase TiO2 (µm) in dark (light blue squares). (B) rutile TiO2 (nm) in ambient 

light (dark purple circles); rutile TiO2 (µm) in ambient light (light purple squares).  
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The differences in kinetic behavior exhibited between the previous rutile 

experiments and this set are important to note. An eightfold difference in maximum 

solubility reached between the micron (~160 µM) and the nanoparticle rutile powders 

(~20 µM) at the same 10 mg/mL loading was observed. It could be hypothesized that the 

smaller particle size might increase solubility; however, this result was not observed for 

these experiments. XRD was conducted on the three different forms of rutile powders 

used and compared to anatase to see if it was possible that the first set of rutile 

experiments had an impurity affecting dissolution (results not shown). While the XRD 

did not reveal anything noteworthy (Figure 3.17), it is possible that the first rutile powder 

used may have contained a capping agent, or had difference in aggregation causing 

different kinetic and thermodynamic solubility. The final possibility could be the change 

of ionic strength. It has previously been shown that the rate of dissolution of metal oxides 

in the absence of chelating ligands will increase with increasing ionic strength.3,95 Since 

this set of experiments was conducted in 0.7 M NaCl compared to the previously 

mentioned experiments that contained 0.1 M KCl, the increase in solubility of rutile 

could be attributed to the changes in ionic strength. Further experiments are required to 

determine if this is indeed true.  
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Figure 3.17. XRD of different rutile TiO2 powders used during these studies 

 

The concentration of dissolved sunscreen in the absence and presence of DFOB in 

ambient light was determined using ICP-OES (Figure 3.18). The amount of [Ti] released 

from sunscreen in the presence of DFOB was significantly higher ([Ti]max ~ 21 µM) than 

sunscreen in solution by itself; however, the amount of [Ti] that was soluble from the 

sunscreen in the absence of DFOB was ~ 1 µM, indicating that when sunscreen is in 

aqueous solutions solublization of Ti can still occur. The accumulation of soluble Ti 

species appears to follow a 3-step kinetic phase, where initially there is a slow induction 

period, followed by a quick increase in solubility, ending in a plateau/ decrease of [Ti] in 

solution. This trend was not seen for the sunscreen-only control, where a steady gradual 

increase was observed.  
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Figure 3.18. Concentration of Ti(IV) released by sunscreen in the presence (black circles) 

of 2 mM DFOB and absence (gray diamonds) of DFOB; I=0.7 pH 2 under ambient light. 

 

3.3.6 Sunscreen Dissolution in the Presence of UV Light Irradiation  

TiO2 used in sunscreen is primarily nanoparticulate for greater cosmetic 

transparency. Each crystalline form has unique properties in regards to photoactivity. 

Anatase exhibits higher photoreactivity compared to rutile and is often used in 

photocatalytic applications. Rutile is used as whitening agents in foods and cosmetics. It 

is also the primary form of TiO2 in sunscreens as it can absorb UV radiation.31 However, 

absorption of UV light by any crystalline TiO2 can catalyze the formation of reactive 

oxygen species (ROS) and thus lead to photodegradation of organic molecules.27,119 

Therefore, it is common that sunscreens that contain mineral oxides will have additional 

antioxidants to scavenge these ROS.28 Recently, it has been shown that sunscreens under 

solar radiation generate significant amounts of H2O2.17 To probe the photoactivity of 
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anatase and sunscreen and its effects of dissolution with DFOB, experiments were 

conducted in the presence of UV light over a course of 7 days and ROS were monitored 

using a fluorescent probe method. Figure 3.19 reveals the concentration of soluble 

titanium as a function of time for both micron and nanosized anatase TiO2 exposed to 

DFOB and sunscreen in the presence and absence of DFOB in UV light.  

  

Figure 3.19. Concentration of [Ti] dissolved (µM) from TiO2 and sunscreen as a function 

of time (d) after constant UV irradiation: where (A) anatase (nm) + DFOB (red circles) 

and anatase (µm) + DFOB (pink squares) and (B) sunscreen in the presence of DFOB 

(black diamonds) and sunscreen only (gray squares) after constant irradiation with UV 

light; 2 mM DFOB, pH 2, I= 0.7 M NaCl. 
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From Figure 3.16A and Figure 3.19A, it is shown that there is a direct effect of 

light on anatase nanoparticle TiO2 in the presence of DFOB. Anatase (nm) with DFOB in 

the dark behaved similarly to other experiments conducted thus far. However, the sample 

exposed to ambient light revealed a drop of [Ti] solubility over a course of 15 d. In the 

presence of UV light, the maximum solubility was achieved in ~ 1 day. It has been well 

documented that TiO2, in particular anatase, in aqueous environments generate reactive 

oxygen species (ROS).27 These ROS can then further oxidize organic molecules in the 

surrounding systems.28 With the presence of DFOB, these ROS could be generated from 

the anatase TiO2 and then oxidize DFOB causing degradation of the binding site 

responsible for binding Ti, causing decreased titanium solubility. Mass spectra obtained 

from the UV samples showed this degradation of the DFOB and the absence of the Ti-

DFOB peaks, confirming that the binding of DFOB to Ti was altered (Figure 3.20).  
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Figure 3.20. ESI-mass spectra obtained of nanoparticle anatase TiO2 exposed to 2 mM 

DFOB at pH 2, I=0.7 NaCl in darkness (red), ambient light (green), and UV irradiation 

(blue). 

The formation of hydroxyl radicals were determined using a fluorescent probe 

method with coumarin.84 Using a standard curve to convert fluorescent intensity to 

concentration of umbelliferone formed (Figure 3.21), the amount of hydroxyl radicals in 

each sample was determined (Figure 3.22). 
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Figure 3.21. A standard curve of 0-2 µM umbelliferone in 0.1 mM coumarin to quantitate 

the concentration of hydroxyl radicals generated; lexc = 332 nm, lem = 455 nm.  
 

 

Figure 3.22. The concentration of umbelliferone formed for anatase (nm) + DFOB (red 

circles), anatase (µm) + DFOB (orange squares), sunscreen + DFOB (green diamonds), 

sunscreen only (blue triangles), anatase (nm) only (purple inverted triangles), and anatase 

only (µm) (black plus sign) as a function of time.  
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 While the concentration of [Ti] dissolved from the micron-sized particles is 

significantly larger than the amount from the nanosized particles (Figure 3.19A), the 

amount of ROS generated remain essentially equal for the first 3 days, as indicated with 

the black arrow in Figure 3.22. After these first 3 days, the amount of ROS generated 

increases for micron anatase TiO2, while the amount from the nanoparticle anatase TiO2 

is on the order of magnitude of both anatase forms in the absence of DFOB. At day 7, the 

amount of [Ti] dissolved in the nanoparticles greatly decreased, while the amount of [Ti] 

in solution for the micron sized particles reaches a maximum concentration of [Ti] 

(Figure 3.19A) seen previously for the prior anatase experiments. It is possible that once 

the ROS are generated in the nanosized anatase TiO2, they degrade the DFOB and no 

further ROS generation occurs. Equally important is the generation of ROS from 

sunscreen. When in the presence of DFOB, sunscreen generated the most ROS of all 

TiO2 forms tested. Sunscreen in the absence of DFOB also generated a large amount of 

ROS.  

3.3.7 Biological and Environmental Relevance 

The current work explores the kinetics of dissolution of different crystalline TiO2 

particles and titanium containing materials in the presence of DFOB and small organic 

ligands. The tight complexation of Ti-DFOB allows for solubility of Ti(IV) at all pH 

values and under different ionic strengths and light conditions that encompass much of 

the environmental and biological conditions. Because of the presence of TiO2 in many 

consumer products, the relative ease of solubility from small organic ligands into aqueous 

environments could have significant impact on biological life.  
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Much work has been undertaken to determine the implications that the presence 

of increased TiO2 can have on the environment. TiO2-containing paints when exposed to 

natural weathering conditions under different environmental settings such as pH, 

exposure to UV light, temperature and salinity were shown to release substantial amounts 

of Ti(IV) into ground water and wastewater.2,115,117  

Significant concentrations of Ti was released from TiO2 sunscreen in previous 

studies.120 One example determined that up to 4 kg of TiO2 could be released into the 

Mediterranean shore and high concentrations of Ti accumulate on the surfaces of water17 

and this release of sunscreens could potentially produce detrimental effects to marine 

ecosystems.10,31 Sunscreens are often coated in organic polymers to control Ti reactivity. 

However, after introduction into aqueous environments and exposure to different 

weathering conditions, sunscreens can degrade releasing Ti and generating ROS in 

solution.116 Sunscreen was able to produce up to 270 nM/day of H2O2 during peak tourist 

season.17 Ten sunscreens were tested for generation of hydroxyl radicals with degradation 

of organic materials, and all 10 including pure anatase and rutile TiO2 tested positive with 

the ability to generate ROS in simulated artificial sunlight and further catalyze oxidative 

damage to DNA.27 Aged sunscreen produced singlet oxygen species under low intensity 

low wave UV light and formed hydroxyl radicals under high intensity.26 The studies 

conducted here showed DFOB had a significant contribution to leaching of Ti(IV) into 

solution from sunscreen and generating ROS when exposed to UV light. Because there 

are many types of organic ligands similar to DFOB in the environment, it is of great 

concern as to the effects of these ROS accumulating in water and soils. When taken 
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together with the ability of sunscreen in the absence of DFOB to release soluble Ti, these 

results require further work on the impact of sunscreen in the presence organic ligands in 

biological settings.  

Ti-containing alloys are often used as implants due to its widespread acceptance 

of stability and inertness. Ti metal in the absence of TiO2 is generally reactive, so for 

biocompatibility, these alloys are coated in a thin layer of TiO2. However, recently, 

titanium was shown to have an increase in lability once exposed into the human body 

leading to biocorrosion. Biocorrosion is defined as the degradation of metals when 

exposed to environmental settings leading to undesirable release of metal ions that are 

often not biocompatible.121 The presence of biomolecules significantly increases the 

dissolution of Ti(IV) from these TiO2 layers and can expose reactive metal to further 

corrosion and continue this cycle. The kinetics of Ti dissolution in the presence of serum 

proteins and other chelators displayed a two-step kinetic pathway,122 in agreement with 

the data presented here. Human serum albumin and transferrin are also shown to interact 

with Ti(IV) ions. Several reports showed that Ti(IV) binds transferrin tighter than Fe(III) 

and could pose as a possible route of entry for Ti(IV) into cells by the transferrin receptor 

pathway.123–125 After determining the interactions of DFOB with different forms of TiO2, 

we considered the ability of DFOB to solubilize Ti(IV) from titanium wires at pH 2, 

I=0.1 M KCl, over the course of ~ 45 d. The amount of dissolved [Ti] was ~ 6 µM, 

revealing that DFOB can not only interact with TiO2 minerals, but also titanium wires 

(Figure 3.23). While the pH in this study is significantly lower than physiological pH, the 

pH of implant sites can vary. Oral implants can be exposed to pH values ranging from 2-
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11 depending on the food and beverage consumed, and inflammation of orthopedic 

implant sites can reach pH values down to ~ 2.5. In the presence of two small organic 

acids that are common in dental plague, dental implants were shown to have increased 

concentrations of dissolved titanium and corrosion in the pH range of 1-8.5.126 DFOB is 

approved for oral treatment of iron-overloading diseases. The implications that DFOB 

can have when exposed to the human body could potentially arise from corrosion of 

implants and implant failure causing significantly high concentrations of released Ti ions 

that could alter iron cycling and uptake. The impacts of increased Ti ions in humans are 

still unknown, but these findings suggest a closer examination is necessary for both the in 

vitro and in vivo repercussions. 
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Figure 3.23. 2 mM DFOB, 0.1 M KCl in the presence of titanium wire (A) Absorbance 

versus wavelength where days 0-3 shown in red, days 7-17 shown in green, and days 21-

42 shown in blue (B) concentration of [Ti] dissolved as a function of time using lmax of 

350 nm and e = 5093 M-1 cm-1.  

 
3.4 Conclusions  

 
Under environmental conditions, in the absence of organic chelators, the solubility of 

TiO2 ranges from 1µM to 1nM.3 We reported the amount of titanium released in the 

presence of DFOB increases over this range by over 4 orders of magnitude (~200 µM). 

DFOB supports stable solutions of Ti(IV) complex concentrations.66 Using anatase 

crystalline TiO2 showed promising results of the stability of dissolution with two distinct 
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kinetic steps resulting in t1/2=0.231 d and t1/2=6.93 d for the second step. These 

complexes were confirmed using ESI-QTOF MS. Surface interactions were imaged using 

SEM and TEM confirming the interaction of DFOB on the surface of a TiO2 layer. 

Incorporation of other organic acids changed the amount of [Ti] dissolved, but had little 

effect on the rate constants of dissolution. A synergistic cooperation of oxalate with 

DFOB significantly increased the amount of soluble Ti, while citrate slightly lowered this 

rate, succinate caused a significant decrease of solubility, and ascorbate essentially had 

little influence. To look at the effects of these dissolution interactions, sunscreen under 

biological conditions was exposed to DFOB and showed that in the presence of 

siderophores, Ti(IV) can leach from mineral containing sunscreens increasing the amount 

of titanic ions in natural water systems. Reactive oxygen species were also generated 

from sunscreen and anatase TiO2 in the presence of DFOB and showed that these ROS 

can degrade DFOB over the course of 7 days.  

The presence of siderophores will increase the solubility of insoluble oxides, 

including TiO2 allowing for the normally inert species to be more susceptible to reactivity 

once sequestered by ligand chelators. Since TiO2 is increasingly being employed to create 

consumer products, the reactivity and interactions with microbial species needs to be 

evaluated for stability and duration. The presence of increased concentrations of TiO2 in 

groundwater and sea water, as well as soils, where microbial production of siderophores 

are generated, may interfere with iron solubility by these microbes. Interactions with 

Ti(IV) by siderophores may affect iron cycling within these microbes, inhibiting the 

transportation of iron.  
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CHAPTER 4. 

COMPETITION BETWEEN FE(III) AND TI(IV) FOR DFOB 

4.1 Introduction 

 The use of nanoparticles (NP) is extensive in many situations such as environmental 

applications, electronic and technological applications, food and personal care products, 

bio-medical and pharmaceutical products, textiles, catalysts, and anticorrosive and 

antibacterial coatings.1,2 A variety of NP have been synthesized to incorporate different 

metals and metal oxides for various purposes. There are major gaps in knowledge about 

the potential health and environmental implications from the increasing usage of NP.3 NP 

can be released into soil, groundwater, and various aquatic systems leading to adsorption 

onto organic matter and other minerals present.3 There are several reviews available that 

highlight NP interactions in which NP can penetrate into cell membranes of organisms and 

bind to DNA.1,4 The mobility of NP into the environment is based on many factors 

including weathering conditions, particle size, pH, and the presence of organic ligands. 

Studies on the mobility of NP revealed titanium dioxide to be most mobile and iron oxide 

to be least mobile, but the mobility was changed when introduced to different conditions.5 

 Iron (Fe) is the fourth most abundant element in the earth’s crust and exists 

primarily as Fe(III) oxide or hydroxide. Iron oxide is often insoluble under physiological 

pH, with solubility ranging from 0.1 pM-1 nM at a pH range of 7- 8, depending on the 

crystalline phase.6,7 Iron oxides have many different crystalline polymorphs with the more 

common ones being hematite (a-Fe2O3), magnetite (Fe3O4), maghemite (g-Fe2O3), wüstite 

(FeO), goethite (a-FeOOH and b-FeOOH), and lepidocrocite (g-FeOOH and d-FeOOH).8 

Figure 4.1 shows the unit cell of hematite, the iron oxide that was chosen for this work. 
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Even once solubilized, Fe(III) is reactive due to its ability to cycle to Fe(II) via Fenton 

chemistry, causing generation of reactive oxygen species (ROS) and toxicity to organic 

molecules.9 Generation of ROS by metal oxides can occur through different pathways: 

dissolution and solubilization of metal ions, structural defects on the oxide surface, and 

catalysis of oxygen reduction.10 The use of iron oxide NP has been reviewed in regards to 

medicinal and environmental applications.11–16  

 

Figure 4.1. Unit cell of the hematite (a-Fe2O3), the iron oxide used in this study.17 Drawings 

produced by VESTA.18 

  

 TiO2 represents one of the most widely used NP. The annual production worldwide 

of Ti metal is ~316,000 tons per year, whereas the annual production of TiO2 produced is 

~7.2 million tons per year with the expected usage of TiO2 to increase significantly.19 Of 

this 7.2 million tons, it is estimated that ~200,000 tons are NP TiO2.20,21 The geological 

sources of TiO2 include rutile, brookite, and anatase crystalline polymorphs.22,23 The unit 

cell and packing of anatase, the crystalline phase chosen for this work, is shown in Figure 

4.2.  
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Figure 4.2. Unit cell of anatase TiO2, the chosen crystalline polymorph for this work. 

Drawings produced by VESTA.18 

 

Under environmentally and biologically relevant conditions, titanium is 

predominately present as the titanic ion, Ti(IV), and its bioavailability is limited due to its 

relatively low solubility. The solubility of Ti(IV) from TiO2 ranges from 1 nM to 1 µM 

depending on the crystalline phase and pH.24–28 While the toxicity and long-term effects of 

its use are relatively uncertain,20,29–31 many studies have reported that TiO2 can induce 

reactive oxygen species (ROS) under irradiation from UV light.32–36 Anatase is 

significantly more reactive than rutile and is often used for its photocatalytic ability.2,37 

This reactivity can lead to damaging effects for marine life including modifications to 

microbial and algal communities,38,39 and human safety complications for epithelial cells 

and hair follicles.36 
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 In addition to oxides containing only Fe or Ti, Ti-substituted Fe oxides are 

widespread in nature and an important mineral for Fe and Ti extraction.40 Crystal phases 

include ulvöspinel (Fe(II)2Ti(IV)O4), ilmenite (Fe(II)Ti(IV)O3) and pseudobrookite 

(Fe(III)2Ti(IV)O5). Ilmenite is the most common iron-titanium containing mineral and is 

the primary ore of titanium used to make many different alloys. Most of the ilmenite mined 

is used to manufacture TiO2 pigment.41–43 The unit cell for ilmenite is shown in Figure 4.3. 

While pseudobrookite is not the most common Fe-Ti mineral, it still holds much interest 

to geophysicists and geologists for its unique magnetic properties and catalytic 

applications.42 The most common form of pseudobrookite is the ferric state – Fe2TiO5 and 

is often a byproduct of ilmenite ores, shown in Figure 4.4.40 It is present in igneous and 

metamorphic rocks and has magnetic properties,40 and is used as a material for optical 

filters and photocatalytic applications.44  

 

 

Figure 4.3. Unit cell of ilmenite (FeTiO3) where there is 1 Fe(II) atom to every 1 Ti(IV) 

atom. Image produced by VESTA.18,45  
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Figure 4.4. Unit cell of Fe2TiO5 where there are 4 Fe(III) atoms to every 2 Ti(IV) atoms, 

revealing that Fe is more abundant and accessible for DFOB binding. Image produced by 

VESTA.18,46,47  

 
 

Metal chelating ligands are present in soil at concentrations ~ 0.1 - 100 nM48–50 and 

in water at 2 pM - 1 nM.51–53 More than 99% of soluble Fe(III) and Ti(IV) at the surface of 

the ocean are complexed by organic ligands.54–58 Siderophores are one example of a class 

of organic ligands that are synthesized by bacteria and plants during times of iron stress 

and have strong affinity for Fe(III). The siderophore chosen for this work is 

desferrioxamine B (DFOB). DFOB is present in both terrestrial and marine systems and is 

often regarded to as the model system for siderophore-metal interactions.51,59 Although 

minerals and oxides are the common fate of these hydrolysis prone metals, significant 

concentrations of dissolved metals are chelated by non-living organic matter (NOMs) and 

can play an essential role in biogeochemical processes.60–62 Humic substances (HS) are 

major components of NOMs in soil and water and geological organic deposits such as 

peats, brown coals and shales.63 HS form during the decay and transformation of plant and 
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microbial remains and a striking feature of HS is their ability to interact with metal ions, 

oxides, hydroxides, and minerals.64 HS can dissolve, mobilize and transport metals through 

soil and waters and accumulate metals within the ecosystems.64 Humic substances can be 

divided into three main categories: humic acids, fulvic acids, and humin. HS can contain a 

wide variety of sugars, fatty acids, polypeptides and aromatic rings,64 but a general theme 

in most HS contain carboxyl, hydroxyl, phenolic, alcohol, carbonyl and methoxy functional 

groups.62 The two most important groups are the carboxyl and phenolic groups as these are 

responsible for adsorption and mobilization of NOMs onto metal oxide surfaces.62 The 

presence of these NOMs can have significant implications on the environment by liberating 

reactive metal ions that can further degrade and oxidize other organic species. NOMS can 

be beneficial by alleviating excess metal toxicity; however, they can also reduce metal 

availability for bacteria.65 The presence of stronger chelators, such as siderophores, can 

remove these metals from the NOMs. This process allows for a synergistic cooperation 

between siderophores and NOMS, although relatively little is known about the 

siderophores’ ability to interact with iron-associated NOMs.60,66 Siderophore binding is 

significantly stronger than reported Fe NOMs so thermodynamically this NOM bound Fe 

should be accessible.66  

 One growing area of concern is the presence of HS in wastewater treatment 

facilities. HS and NOMs can build up inside the walls of pipes and on membrane filters, 

generating microbial growth and degradation of the equipment. Attempts at removal of HS 

from these surfaces and the implications of HS buildup has been reviewed.65 Degrading 

the HS to alleviate buildup has had slight success; however, there is concern that the 

byproducts are more toxic than the organic matter that it originated from.65 Removal of 
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these foulants often requires harsh conditions that can cause irreversible damage to the 

membranes.67 Another area of concern is the increased presence of antibiotics in 

wastewater. Antibiotics enter into the environment where bacteria can become resistant to 

that antibiotic.68 Safer alternatives for both elimination of HS in wastewater and 

degradation of antibiotics in the environment have been considered.65,67,69–71 Photocatalytic 

degradation has been regarded as an inexpensive and effective method for the removal of 

organic and inorganic pollutants.70,72 One possible suggestion is the use of TiO2 as a 

photocatalyst.67,69,70 Upon UV light irradiation, TiO2 can generate electron hole pairs that 

form ROS, which with these holes can oxidize organic pollutants.67,71 However, this 

procedure does require the initial use of UV light activation. By doping the TiO2 with 

Fe(III) atoms, the band gap can shift to the visible spectrum and oxidation can occur by 

solar irradiation and increase rates of photocatalysis.67–70 Using this method with Fe-Ti 

containing minerals revealed enhanced antioxidant and antibacterial properties on the 

degradation of antibiotics and HS.67,69,71 However, these minerals also released large 

concentrations of soluble iron and titanium into solution and unbound soluble iron did 

generate ROS that could potentially be harmful to the environment.68  

HS and antibiotics have similar structural features with siderophores. Because 

siderophores are also present in places where HS are located, the production of ROS with 

free metals in solution could degrade siderophores and affect the uptake of necessary 

metals to bacteria and plants. Release of Ti ions could also wreck havoc on biological 

systems because Ti can compete with Fe(III) for binding of small molecules.68,69,73,74 

Release of Fe and Ti from metal oxides, individually and in competition, needs to be 
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investigated in the presence of siderophores and the interactions and implications of Fe-Ti 

competition for siderophore binding is investigated.  

Fe(III) and DFOB has been well characterized in regards to structure, binding, 

solution speciation, and dissolution from iron oxides.75–81 Ti(IV) is similar to Fe(III) in that 

they both are hard Lewis acids, prone to hydrolysis and often insoluble under physiological 

conditions. DFOB interactions with Ti(IV) have been characterized in solution73,82 and the 

ability of DFOB to dissolve Ti from TiO2 was also examined (Chapter 3). The stability 

constant for [TiDFOB]2+ was found to be log b110 ~ 3873 which is considerably stronger 

when compared to [FeHDFOB]+ which has a log Kf ~ 30.8.83 It was also shown that under 

low pH conditions, the tight Ti-DFOB complex could tolerate up to 50 fold excess Fe(III) 

in solution.82 Because of the presence of minerals containing both Ti and Fe in the 

environment as well as the release from these minerals of Ti and Fe ions into environments 

that contain DFOB, this work explores the interaction of Fe(III) and Ti(IV) together with 

the siderophore DFOB at pH 2. In theory, Ti(IV) should outcompete Fe(III) for DFOB 

binding due to the large difference in the stability constants.  

Solution interactions of varying concentrations of Fe(III) and Ti(IV) were 

introduced together with DFOB to determine what metal preferentially will bind using 

UV/Vis spectroscopy. ESI-MS was obtained of these solutions to confirm metal binding. 

DFOB-mediated mineral dissolution studies are explored by spectrophotometry and ICP-

OES to determine the amount of soluble metal released into solution from a-hematite 

Fe2O3, anatase TiO2 and pseudobrookite Fe2TiO5 and the kinetics of dissolution. Finally, 

surface analysis was conducted using SEM and TEM to observe the effects of DFOB on 

the mineral phase. All experiments were conducted at pH 2 to ensure full protonation of 
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the DFOB, control Ti(IV) hydrolysis, and for consistency and comparison with previous 

Ti-DFOB interactions.73 

4.2. Material And Methods 

4.2.1 Materials  

All aqueous solutions were prepared with 18.2 MW×cm resistivity water from a 

Barnstead model D11931 water purifier. DFOB was purchased as the mesylate salt 

[(C25H46N5O8NH3)+(CH3SO3)-] (Calbiochem and Santa Cruz Technology). All metal 

oxides were used as received: anatase TiO2 powder from Aldrich (catalog number 248576), 

comprising of 99.8% pure anatase crystalline particles, micrometer particle size; a-

micrometer particles of hematite Fe2O3 powder from Fisher Scientific (catalog number 

763159); and micron-sized pseudobrookite Fe2TiO5 powder from Santa Cruz technology 

(sc-269263). The metal ion sources used for the competition experiments and as ICP-OES 

standards were 1000 mg/L titanium atomic absorption standard, TraceCERTâ containing 

2% w/w HNO3 with trace HF (Sigma 12237) and 1000 µg/mL iron atomic absorption 

standard containing 2% w/w HNO3 (High-Purity Standards-100026). Ionic strength was 

set using 0.1 M KCl (Fluka 05257).  

4.2.2 Instrumentation  

UV/Vis spectra were obtained using a Cary 50 Bio UV/Vis spectrophotometer. pH 

was measured using a Thermo Orion model 410 pH meter equipped with an Orion 

8103BNUWP Ross Ultra semimicro pH electrode. An Agilent Technologies 710 Series 

Inductively Coupled Plasma-Optical Emission Spectrometer (ICP-OES) was used to 

quantitate concentrations of titanium and iron for dissolution studies operating in axial 

mode using wavelengths of 336.12 nm for Ti and 238.2 nm for Fe. Surface interactions of 
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metal oxide powder in the presence of DFOB were characterized using an FEI quanta 

FEG450 scanning electron microscope (SEM) and a JEOL JEM1400 transmission electron 

microscopy (TEM) operated at 120 kV and a beam current of 78.6 µA. The mineral phase 

of TiO2, Fe2TiO5, and Fe2O3 was verified by using X-ray powder diffraction (XRD) on a 

Bruker KAPPA APEX II DUO. Oxidation states of the Ti and Fe species in the Fe2TiO5 

powders were verified by using VG Scientific XPS, with a Mg Kα X-ray source operating 

at 280 W, 15 kV × 25 mA with a pass energy of 50 eV. The ESI-QTOF mass spectrum was 

obtained on an Agilent 6520 ESI-QTOF mass spectrometer in the positive mode using 

MassHunter software supplied by Agilent. 

4.2.3 Solution Interactions of Fe(III) and Ti(IV) with DFOB 

A series of aqueous solutions were prepared in which the total concentration of 

DFOB was held constant while the ratio of Fe(III)/Ti(IV) was mutually varied from 0 

µM/200 µM to 200 µM/0 µM such that the total concentration of metal ion was kept 

constant at 200 µM. Solutions were prepared at pH 2.1 and set to I = 0.1 with 1.000 M KCl. 

A stock solution of 1.000 mM DFOB was used and total volume was 5 mL. After the 

sample reached equilibrium (~ 24 h), the UV/Vis spectrum of each solution was measured, 

and the pH of each solution was re-measured. 
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4.2.4 Competition Between Fe(III) and Ti(IV) Binding of DFOB 

A pre-formed Ti(IV)-DFOB complex was exposed to increasing concentrations of 

Fe(III) in a series of solutions. Each sample included 200 µM DFOB, 200 µM Ti, 0.1 M 

KCl, and a variable amount of Fe(III) (0 – 2 mM; 0 – 10 equiv). The pH was adjusted to 

pH 2.1 with a 5 M HCl solution. The total volume was 2 mL. After the sample reached 

equilibrium (~ 24 h), the UV/Vis spectrum of the solution was recorded.  

 In a second competition titration, a pre-formed Fe(III)-DFOB complex was 

exposed to increasing concentrations of Ti(IV) in a series of solutions. Each sample 

included 200 µM DFOB, 200 µM Fe(III), 0.1 M KCl, and a variable amount of Ti(IV) (0 

– 2mM, 0 – 10 equiv). The pH was adjusted to pH 2.1 with a 5 M HCl solution. The total 

volume was 2 mL. After the sample reached equilibrium (~24 h), the UV/Vis spectrum of 

the solution was recorded. 

4.2.5 ESI-QTOF Mass Spectrometry 

 Samples obtained from the competition solution studies and from the dissolution 

were analyzed by using mass spectrometry. The solutions were diluted to a final 

concentration of 10 µM metal-DFOB complex. The instrument blank was subtracted from 

the spectra to eliminate any peaks that were not part of the solution. 

4.2.6 Dissolution Competition with Iron and Titanium Minerals  

All solutions were prepared immediately prior to use in volumetric glassware. All 

glassware was acid washed in 30% HCl solution overnight to eliminate any trace metals 

that may have been present and triple rinsed with 18.2 MΩ-cm deionized water. Solutions 

containing DFOB and KCl were prepared and adjusted to pH 2 with 5 M HCl so that the 

final concentration contained 2 mM DFOB and set to I = 0.1 M KCl. Initial loadings of  
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15 mg/mL Fe2O3, Fe2TiO5, and TiO2 were used. The total volume of all samples was 50 

mL, in polypropylene Falcon tubes, used as received, as reaction vessels for the dissolution 

experiments. Controls containing only DFOB in solution, and only metal oxides with 0.1 

M KCl and pH 2 were used to ensure no additional metal leaching from plastic or glassware 

occurred. All solutions were continuously mixed throughout the duration of the experiment 

on a laboratory rotator to ensure proper mixing and full exposure to DFOB. Samples were 

removed in 1.5 mL aliquots by using a 3 mL syringe and filtered immediately using a 0.22 

µm polyethersulfone syringe (PES) filter (Tisch Scientific). Samples were collected over 

30 d to determine kinetics and solubilization of ions from minerals with DFOB. Upon 

completion of analysis, all samples were immediately analyzed using ICP-OES. 

Photometric absorbances of each aliquot were scanned from 200-800 nm, with a lmax of 

353 nm (ε353=5093 M-1 cm-1)48 for [TiHDFOB]2+, and lmax of 425 nm (ε425=2600 M-1  

cm-1)52 for [FeHDFOB]+ at pH 2. 

4.2.7 Inductively Coupled Plasma- Optical Emission Spectrometry (ICP-OES) Conditions 

Sample preparations for ICP-OES required aliquots of the dissolution samples to 

be diluted and acidified. All samples were diluted in 5 mL volumetric flasks and all 

glassware was acid washed in 30% HCl overnight and triple rinsed with 18.2 MW-cm 

deionized water prior to use. Samples were diluted with 18.2 MW-cm deionized water and 

acidified with trace-metal grade nitric acid (Fisher) to a final acid concentration of 2% w/w. 

Guided by using the estimated metal complex concentrations from UV studies, the samples 

were diluted to the range necessary to fall on the calibration curve.  
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4.2.8 Surface Interactions  

Samples were prepared for SEM analysis by pipetting 50 µL of the suspensions 

onto 12 mm carbon tabs (SPI supplies) that were attached to an aluminum specimen 

mound, ½” slotted head (TED PELLA, Inc.). TEM samples were prepared using 10 µL of 

the same slurry onto the carbon film of a 400 square mesh copper grid (Electron 

Microscopy Sciences). The aliquots from the final time point were rinsed three times with 

water and imaged.  

4.3 Results and Discussion 

4.3.1 Fe(III) and Ti(IV) Competition for DFOB – Part 1: Mutual Variation of Fe(III) and 

Ti(IV) Concentration  

A method of mutual variation was used to determine the ability of DFOB to chelate 

Fe(III) and Ti(IV) and the stability of these complexes when in aqueous solutions together 

at pH 2.84 All studies were conducted at pH 2. Both Fe(III) and Ti(IV) are prone to 

hydrolysis when in the absence of chelators. Both [TiHDFOB]2+ and [FeHDFOB]+ exist 

as the primary species at this pH. At this pH, the stability constants for both species are 

also known where [TiHDFOB]2+ has a log b111 = 41.7 and [FeHDFOB]+ has log Kf = 

30.8.73,83 A series of aqueous solutions were prepared in which the total concentration of 

DFOB was held constant at 200 µM while the ratio of Fe(III)/Ti(IV) was mutually varied 

from 0 µM/200 µM to 200 µM/0 µM such that the total concentration of metal ion was 

kept constant at 200 µM. Another experiment contained a constant DFOB concentration of 

100 µM, while varying the Fe(III)/Ti(IV) from 0 µM/200 µM to 200 µM/0 µM. Results 

from these experiments are shown in Figure 4.5 and Figure 4.6.  
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The results from the 200 µM DFOB experiments showed that when there is 

adequate DFOB in solution with the metals, DFOB binds to both metals in an additive 

fashion. The 1:1 spectrum shown in green in Figure 4.5A matches well with the predicted 

spectrum of 100 µM [TiHDFOB]2+ and 100 µM [FeHDFOB]+ in solution (results not 

shown).  

The results from the 100 µM DFOB experiments were more informative. Here, 

DFOB is not in excess and Ti and Fe are in competition for DFOB binding. One point of 

interest is that previous research stated that a complex of [TiHDFOB]+ could stay 

complexed up to a 50-fold excess of Fe(III).82 The results here clearly do not agree with 

that finding. In the 100 µM DFOB (Figure 4.6.), there is a distinct decrease in the 

[TiHDFOB]2+ peak at l ~ 350 nm, even with a final ratio of 180 µM Ti/20 µM Fe(III), 

clearly not the 50-fold excess shown previously.82 If the previous report were replicated 

then the absorbance as a function of ratio should have appeared as a horizontal line until 

less than 100 µM Ti was available. One caveat is those authors reported that Fe(III), V(V) 

and Mo(VI) interfered when using 0.16 M HCl, but when using HNO3 at 1.5 M, this 

stability towards a 50 fold excess of Fe was observed.82 This excess of HNO3 would make 

the pH of the solution ~ 0.5, at which pH the Fe-DFOB speciation exists as [FeH2DFOB]2+ 

with a significantly lower Kf value, but where [TiHDFOB]2+ species is still present, 

allowing for increased replacement of Fe(III) for Ti(IV) by DFOB under those conditions. 

This discrepancy suggests that the ability of Ti to interfere with Fe may be extremely 

sensitive to pH. Further studies are required, particularly ones where these same methods 

are repeated at different pH ranges to determine if this hypothesis is supported.  
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Figure 4.5. Mutual variation of Fe(III) and Ti(IV) concentration using 200 µM DFOB (A) 

200 µM DFOB with varying ratios of Fe(III)/Ti(IV) from 0 µM/ 200 µM to 200 µM/0 µM; 

200 µM Ti with 0 µM Fe(III) (blue), 100 µM Ti(IV): 200 µM DFOB: 100 µM Fe(III) 

(green), 0 µM Ti with 200 µM Fe(III) (red). (B) mole ratio of Fe:DFOB plotted versus the 

Abs of [FeHDFOB]+ at 433 nm (red circles) and Abs of [TiHDFOB]2+ at 343 nm (blue 

squares) in the presence of 200 uM DFOB. Black dotted line represents 1:1 ratio of Fe:Ti.  
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Figure 4.6. Mutual variation of Fe(III) and Ti(IV) concentration using 100 µM DFOB (A) 

100 µM DFOB with varying ratios of Fe(III)/Ti(IV) from 0 µM/ 200 µM (blue) to 200 

µM/0 µM (red) (B) Mole ratio of Fe:DFOB plotted versus the Abs of [FeHDFOB]+ at 433 

nm (red circles) and Abs of [TiHDFOB]2+ at 343 nm (blue squares) in the presence of 100 

uM DFOB. Black dotted line represents 1:1 ratio of Fe:Ti, where even without an excess 

of DFOB, Ti at even low concentrations outcompetes with Fe in solution.  
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4.3.2 Fe(III) and Ti(IV) Competition for DFOB – Part 2: Challenge of Preformed Metal-

DFOB complexes 

A pre-formed 200 µM [TiHDFOB]2+ complex was exposed to increasing 

concentrations of Fe(III) in a series of solutions. The concentration of Fe(III) varied from 

0-2 mM, and the changes in the UV/Vis spectra were observed (Figure 4.7A). In a second 

competition titration, a pre-formed [FeHDFOB]+ complex was exposed to increasing 

concentrations of Ti(IV) from 0-2 mM in a series of solutions. These results are shown in 

Figure 4.7B.  

 

 
Figure 4.7. Competition of DFOB for metal binding at pH 2, I = 0.1 M where (A) pre-

formed 200 µM [TiHDFOB]2+ (blue) with varying concentrations of Fe(III) from 0-2 mM 

and (B) pre-formed 200 µM [FeHDFOB]+ (red) with varying concentrations of Ti(IV) from 

0-2 mM.  
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These titration studies revealed additional information into the competition of 

Fe(III) and Ti(IV) binding to DFOB. In the mutual variation experiments, there was always 

a ligand that was capable of binding to excess metal ions in solution. In preformed 

complexes, such as the ones in this titration, metal ions that were not complexed might be 

more susceptible to hydrolysis (although no visible hydrolysis or precipitation was 

observed). No matter which species was pre-formed, the competitor metal was able to 

replace the original one, suggesting that the effective binding constants for these two metal 

ions are very similar at this pH and that the kinetics enable relatively rapid exchange over 

minutes to hours. At the first addition of Ti into [FeHDFOB]+, removal of Fe was achieved 

(Figure 4.7B). In the reverse, when [TiHDFOB]2+ complex was pre-formed, removal of Ti 

was achieved at low concentrations of Fe (Figure 4.7A). 

As seen previously,73,82 the lmax of solutions in which there was excess Ti(IV) or 

Fe(III) with respect to DFOB was slightly shifted to higher or lower energy respectively, 

indicating that the speciation of the complex may change with excess metal, perhaps by 

the formation of polynuclear complexes. This shift of absorbance could be indicative of 

different species forming in solution then when each metal is exposed to DFOB separately. 

This change in speciation may also contribute to the differences in both the UV/Vis spectra 

as well as previously mentioned report of 50-fold excess Fe(III) tolerance in [TiHDFOB]2+ 

products.82 

ESI-mass spectra were obtained of these samples to further characterize the ability 

of DFOB to bind both metals in solution together. Use of mass spectrometry for Fe(III) 

and Ti(IV) analysis is convenient because both metals give characteristic isotope patterns. 
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Figure 4.8 shows the ESI-mass spectrum obtained from a diluted solution of 200 µM 

[TiHDFOB]2+ with 50 µM Fe added.  

 

Figure 4.8. Full ESI-mass spectra obtained from a 10 µM dilution of a 200 µM 

[TiHDFOB]2+ complex with 50 µM Fe added; * indicate peaks correlating to [TiDFOB]+ 

(m/z = 605.2) and [FeHDFOB]+ (m/z = 614.2); ** indicate possible potassiated polynuclear 

species; A) full mass spectrum from 200 – 800 m/z; B) ESI-mass spectrum identification 

of both [TiDFOB]+ and [FeHDFOB]+ complexes present in solution together. 
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Figure 4.9A and B shows the predicted isotope pattern that arises for [TiDFOB]+ 

and [TiHDFOB]2+ complex, overlaid with the spectrum that was collected. Figure 4.10 

reveals the expected isotope pattern for [FeHDFOB]+, also overlaid with the collected 

spectra.  

 

 

Figure 4.9. Characteristic isotope pattern for [TiHDFOB]2+ and [TiDFOB]+ complexation 

where A) indicates the peaks at m/z = 303.1 for [TiHDFOB]2+ matching the predicted 

isotope pattern for [TiC25H46N6O8]2+ and B) the peak at m/z = 605.2 for [TiDFOB]+ 

matching the predicted isotope pattern for [TiC25H45N6O8]+.  
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Figure 4.10. Characteristic isotope peaks for [FeHDFOB]+ at m/z = 614.2 matching the 

predicted isotope pattern for [FeC25H46N6O8]+. 

 

However, there are certain caveats that need to be considered. Intensities in mass 

spectra are not correlated to concentration of species in solution, nor are they related to 

stability constants of metal-ligand complexes. ESI-MS utilizes a phase change from liquid 

to gas in order for the solution to be transported to the detector. Therefore, response factors 

from the MS are dependent on how well an analyte ionizes, how the concentration of each 

species increases inside the droplets, and the thermodynamics involved for the gas-phase 

complex to form.85 Furthermore, different ions have different response factors and 

sensitivities, even when complexed with the same ligand.86 The intensities obtained here 

are not correlated to the amount of metal-DFOB bound, but rather they are correlated to 

how the solutions are ionized and how they are transported through the instrument. It is 

likely that [FeHDFOB]+ has a stronger intensity due to these factors.87 Previous studies 

showed that there were significant ion intensity differences between Fe(II) and Fe(III) 
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when bound to the same organic ligands.88 However, when [TiHDFOB]2+ was in solution 

with Fe(III), both peaks were detected, confirming DFOB can bind both metals when in 

solution together (Figure 4.8B). 

As stated previously, the mass spectra revealed the formation of polynuclear 

complexes for both the [TiHDFOB]2+ and [FeHDFOB]+ species. In the previous study with 

[TiHDFOB]2+ only, there was no evidence of these polynuclear species in the mass 

spectrum.73 However, in the mass spectra for these titrations, there was evidence of 

dinuclear potassiated species that can be seen in Figure 4.11. Whether this observation was 

a result of the ESI-MS ionization or an actual species formed in solution is unclear.  
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Figure 4.11. ESI-mass spectra of 200 µM [TiHDFOB]2+ with 50 µM Fe(III) indicating a 

possible potassiated cluster formation of metal-DFOB complexes; A) enlarged region in 

the mass spectrum indicating a possible potassiated cluster formation of metal-DFOB 

complexes B) isotope pattern overlaid with actual spectra indicating [Ti2(HDFOB)2K2]2+ 

matching the predicted isotope pattern for [Ti2C50H92N12O16K2]2+ at m/z = 645.2 and B) 

isotope pattern overlaid with actual spectra indicating [Fe2(H2DFOB)2K2]2+ matching the 

predicted isotope pattern for [Fe2C50H94N12O16K2]2+ at m/z = 654.2. 
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The results from the Fe(III) and Ti(IV) solution studies supported several 

conclusions. First, when 200 µM [H4DFOB]+ is in solution with up to 200 µM equimolar 

metal concentrations, DFOB can equally transfer binding capabilities between the two 

metal ions. It can coexist as the [FeHDFOB]+ or [TiHDFOB]2+ simultaneously. However, 

when [H4DFOB]+ was limited to 100 µM, metal transfer occurred at low concentrations of 

both metals. While the formal binding constant of Ti(IV) is higher than that of Fe(III) for 

DFOB binding, looking at the example of Pu(IV) (log b110 ~ 33.98) compared to Fe(III) 

(log b110 ~ 30.8) provided an useful model.89 At equimolar concentrations of Pu(IV) and 

Fe(III) revealed a speciation diagram that is dominated by the [FeHDFOB]+ complex above 

pH 4.89 At lower pH both Pu(IV) and Fe(III) DFOB complexes were present, but again 

[FeHDFOB]+ was the main complex formed.89 The reason was attributed to the fact that 

Pu(IV) is a much stronger Lewis acid with a higher affinity for hydroxyl anion (OH-). This 

affinity for OH- can lower the effectiveness of Pu(IV) binding when in the presence of 

Fe(III). Additionally, when there was 2 equivalents of DFOB with respect to Pu(IV) and 

Fe(III), [PuHDFOB]2+ and [FeHDFOB]+ can coexist in excess DFOB concentrations. This 

reasoning can than be applied to Ti(IV) as well. Ti(IV) is an even stronger Lewis acid than 

Pu(IV) with a log K1 (OH-) ~ 14.327,90 compared to Pu(IV)’s log K(OH-) ~ 12.583 (Figure 

1.5). Comparing the log b110 = 33.98 for [PuDFOB]+ with the log b110 = 38.1 for [TiDFOB]+ 

shows that Ti binding is significantly stronger to DFOB, but because of the strength of its 

Lewis acidity, could potentially favor OH- over DFOB when in solution with Fe(III) (even 

at pH 2). This hydrolytic Ti product would not necessarily precipitate, but could form as a 

result of Fe(III) binding to DFOB leaving free [Ti] in solution. Figure 4.12A and B shows 

the calculated speciation of 1:1:1 ratio of Ti:DFOB:Fe in the absence of metal hydrolysis 
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(A) and presence of metal hydrolysis (B). When modeling was changed so that there were 

two equivalents of DFOB with metal ions, all species were equally represented (Figure 

4.13), as predicted. 
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Figure 4.12. Speciation of Ti(IV), DFOB, and Fe(III) when in solution in a 1:1:1 ratio with 

each other; Modeling on Aqueous Solutions91 using 1 mM Ti, 1 mM DFOB, 1 mM Fe 

using the log of the deprotonation values for [H4DFOB]+, the log b values for Fe of 42.3 

(112), 41.39 (111) and 30.8 (110) and the log b values for Ti of 41.7 (111), 38.1 (110) and 

30.1 (11-1); [FeH2DFOB]2+ (red), [TiHDFOB]2+ (orange), [FeHDFOB]+ (green), 

[TiDFOB]+ (dark blue), [TiDFOB(OH)]+ (light blue) (A) modeled in the absence of metal 

hydrolysis and (B) in the presence of hydrolysis using log KFe (OH-) = -2.52 and log KTi 

(OH-) = 0.3.  
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Figure 4.13. Modeling of percentage of species in solution with Ti(IV) and Fe(III) when in 

the presence of 2 equiv of DFOB; Modeling on Aqueous Solutions91 using 1 mM Ti, 2 mM 

DFOB, 1 mM Fe using the log of the deprotonation values for [H4DFOB]+, the log b values 

for Fe of 42.3 (112), 41.39 (111) and 30.8 (110) and the log b values for Ti of 41.7 (111), 

38.1 (110) and 30.1 (11-1); [FeH2DFOB]2+ (red), [TiHDFOB]2+ (orange), [FeHDFOB]+ 

(green), [TiDFOB]+ (dark blue), [TiDFOB(OH)]+ (light blue), and [FeDFOB] (purple). 
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4.3.3 Dissolution of Fe2O3, Fe2TiO5 and TiO2 with 2 mM DFOB 

Dissolution studies were conducted in which 15 mg/mL of anatase TiO2, a-

hematite Fe2O3, or pseudobrookite Fe2TiO5 were introduced into 2 mM DFOB with I=0.1 

M KCl at pH 2. All minerals had only Fe(III) and Ti(IV) as the major oxidation states of 

the metals. The presence of both metal ions in their oxidized solution oxidation states (as 

opposed to Fe(II) or Ti(III)) allowed the dissolution experiments to focus only on 

dissolution without involving redox chemistry. The pH was monitored throughout the 

course of the reaction, and remained unchanged. By using XPS, it was confirmed that 

Fe(III) and Ti(IV) were the predominant species in Fe2TiO5 (Figure 4.14). XPS analysis of 

both Fe2O3 and TiO2 confirmed Fe(III) and Ti(IV) as the only oxidation states for the 

metals. If Fe(II) were present on the surface, the spectrum would contain additional peaks 

that were not observed here. Ti(III) peaks have a shifted binding energy of 454.9 eV as 

well as defined satellite peaks that would appear in addition to the two peaks observed. 

Mineral phases for the raw powders were investigated by using powder XRD and these 

spectra corresponded with the known published spectra for these oxides (Figure 4.15). 

SEM analysis revealed an average particle size of ~ 40 µm for Fe2TiO5, < 1 µm particles 

aggregated into ~ 20 µm clusters for Fe2O3, and ~ 4 µm for TiO2 with larger aggregated 

clusters of these particles (Figure 4.16).  
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Figure 4.14. XPS characterization of Fe2TiO5 (A) Ti XPS with maximum peaks 458.7 

(Ti2p3/2) and 464.1 eV (Ti2p1/2), corresponding with Ti(IV) oxidation state and (B) Fe XPS 

with maximum at 711.7 corresponding with the Fe(III) 2p3/2 peak.  
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Figure 4.15. XRD powder diffraction obtained for (A) a-hematite Fe2O3 and (B) 

pseudobrookite Fe2TiO5. Red lines are the known corresponding peaks from the 

Crystallography Open Database (COD) 92–94 confirming those mineral phases.  
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Figure 4.16. Raw powders used in the dissolution experiments; A.) pseudobrookite 

Fe2TiO5 with scale bar of 100 µm; B.) hematite-Fe2O3 with scale bar of 40 µm; C.) anatase 

TiO2 with scale bar of 10 µm. 
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The dissolution results can be seen in Figure 4.17, in which the amount of soluble 

metal in solution (µM) is plotted as a function of time (d) as quantitated by ICP-OES. The 

UV/Vis spectra were consistent with the presence of [Ti(HDFOB)]2+ and/or 

[Fe(HDFOB)]+ in solution as expected. ICP-OES data were used for better quantitation. In 

all cases, appreciable concentrations of complexed metal ions were released from the metal 

oxides (tens or hundreds of micromolar) over the course of days. Less total metal ion 

concentration was released from Fe2TiO5 when compared to the Fe2O3 and TiO2 dissolution 

individually. Solubility can be directly affected by both surface area and particle size.24,95 

The decreased solubility from the pseudobrookite could be attributed to the larger particle 

size determined using SEM, leading to decreased surface area. Previous studies have linked 

increased surface area and smaller particle sizes to increased solubility.6,7 All kinetic data 

were well fit with two rate constants. The second slower step for both TiO2 and Fe2O3 

yielded a rate constant that was essentially equivalent (~0.1 d-1), whereas the first step was 

showed that dissolution of TiO2 (4.2 d-1) occurred slightly faster over the first week 

compared to Fe2O3 (3.2 d-1). Examining the kinetics from Fe2TiO5, Fe was solubilized at a 

slightly faster rate than Ti, but this phenomenon could also be due to the presence of more 

Fe accessible on the surface. Results from the kinetic fits are shown in Table 4.1.  
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Figure 4.17. ICP-OES determination of the concentration of dissolved [metal] as a function 

of time in the presence of DFOB with (A) Fe2O3 (pink squares) and TiO2 (light blue circles) 

and (B) Fe2TiO5 where soluble [Fe] (red squares) and soluble [Ti] (blue circles).  
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Previous studies have looked at the solubility of hematite iron oxide and other iron 

containing minerals in the presence of DFOB.80,96 In these studies, the maximum amount 

of soluble [Fe] in solution with DFOB was significantly less than was obtained here. 

However, concentrations of DFOB in those studies were at least an order of magnitude  

(< ~200 µM) lower. Also, the initial amount of iron oxide was also significantly lower (0.2-

0.8 mg/mL) and had a smaller particle size with a different pH range. Solubility of iron 

increases as the pH decreases.7 Dissolved iron concentrations from iron oxides in the 

presence of siderophores increase significantly as the concentration of ligand increases.97 

These changes could explain the increased amount of soluble Fe obtained here. The amount 

of available Fe is also greater when compared to the amount of available Ti (2 Fe for every 

1 Ti) for the hematite-Fe2O3, anatase-TiO2 and Fe2TiO5 explaining the difference in 

maximum solubility of each metal in the studies presented here.  

Other studies have also been conducted using iron-containing minerals with other 

transition metals. When DFOB was introduced to arsenopyrite (FeAsS) and galena (PbS), 

Table 4.1. Kinetic data obtained from Fe-Ti dissolution containing 2 mM DFOB, 
0.1 M KCl at pH 2, using a-hematite Fe2O3, anatase TiO2, and Fe2TiO5  

Sample [M]max(µm) ∆[M]1 (µm) k1 (d-1) ∆[M]2 (µm) k2 (d-1) 

Fe2O3 739.4±7.4 163.5±14.1 3.2±0.6 561.6±9.8 0.1±0.006 

TiO2 242.2±2.9 90.8±4.6 4.2±0.5 146.6±3.1 0.1±0.007 
[Fe] from 

Fe2TiO5 129.6±9.9 37.0±1.5 1.3±0.1 89.8±8.9 0.03±0.005 

[Ti] from 
Fe2TiO5 37.2±10.2 12.3±1.0 0.7±0.1 23.3±9.3 0.02±0.01 
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the rates of dissolution of both As and Pb increased dramatically compared to when in 

solution alone.98 The dissolution of Pb on the surface of goethite was also investigated. In 

the presence of 240 µM DFOB released ~ 5 µM [Fe] from the goethite surface and ~ 40% 

of the Pb that was adsorbed to the goethite surface was released into solution (~1.3 µM of 

the original 3.38 µM. Dissolution followed a two-step kinetic behavior as observed in this 

work.99 

Considering the formation constants, it could be postulated that the metal with the 

higher formation constant should outcompete for DFOB binding. Pu(IV) has a log b110 ~ 

3489, higher than the value of 30.6 for Fe(III). When Pu(IV) hydroxide was exposed to 

DFOB, the concentration of Pu(IV) released was just slightly higher then Pu(IV) hydroxide 

solubility in the absence of DFOB, leading to the conclusion that solution stability 

constants and thermodynamic values may not correlate directly with solubilization rates 

and kinetic values.100 However, when Pu(IV) was incorporated onto goethite, ~ 20% of the 

Pu(IV) was removed from the goethite over 25 d in the presence of 1.7 µM DFOB. 

Determination of the amount of dissolved iron proved difficult due to the fact that detection 

limit of the ICP-MS for Fe was 2.8 µM, but the remaining DFOB was thought to be 

complexed or adsorbed to the Fe goethite surface. Competition between Fe(III) and Pu(IV) 

may have occurred, but nevertheless, the enhanced solubility of Pu(IV) suggested that Pu-

DFOB can form despite a portion of DFOB being bound to Fe(III).101 Goethite has 

remarkably lower solubility than hematite both in the absence of ligands and in the 

presence of DFOB,99,102 and again could be why less Fe(III) was solubilized. In the 

presence of DFOB, hematite solubility (~ 50 µM) was significantly higher than that of 
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goethite (~ 4 µM).96 Pseudobrookite is composed of hematite Fe2O3 and TiO2,46 which 

could attribute to the increased concentration of Fe into solution by DFOB. 

It is difficult to compare rates from previous dissolution experiments with other 

metal oxides. Most are given in units of mmol/kg*h and are normalized with respect to 

surface area and mass ratio. One reason for this practice is that DFOB often starts to adsorb 

to the surface of the oxides, decreasing the amount of DFOB in solution and affecting the 

rate and rate constants. The rate constants reported here follow pseudo-first order kinetics 

as is expected from ligand-promoted dissolution and DFOB did not appear to adsorb 

significantly to the surface of anatase TiO2, as seen in Chapter 3. In experiments containing 

Fe2TiO5, the rates of dissolution significantly differed when compared to the single metal-

oxide results, but the surface area of the pseudobrookite was significantly less than the 

metal oxides alone, which also can attribute to this decreased solubility. In the second 

kinetic step for Fe2TiO5, the rates remained essentially the same, whereas the first step 

proceeded at a slightly faster step for Fe, but again could be attributed to the availability of 

the metal on the oxide surface. The difference in amount of metal dissolved could be a 

factor of the crystal structure and the accessible metal ions for DFOB coordination. There 

are reports that pseudobrookite often contains impurities of the starting oxides. Most of the 

time these impurities are hematite Fe2O3 and are located in the secondary phase of the 

crystals, which is often not detected in XRD.40 The crystal structure of synthetic Fe2TiO5 

showed that the Fe cations are more exposed in the crystal structure when compared to Ti 

cations (Figure 4.4).46,103 The more stable phases of pseudobrookite is achieved when the 

Fe/Ti ratio are slightly superior to 2.46,103  
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4.3.4 Surface Interactions of DFOB with Fe2TiO5  

SEM and TEM were utilized to investigate the surface interactions of DFOB with 

Fe2TiO5. Previously, the interactions of DFOB with TiO2 were described (Chapter 3). In 

the SEM, DFOB appeared to aggregate on the mineral surface encasing the mineral (Figure 

4.18). The raw powders prior to exposure to DFOB are shown in Figure 4.16. However, 

what metal that DFOB is adhering to cannot to be determined. TEM images before and 

after exposure show a significant change in mineral morphology. Prior to exposure, the 

particles were spherical, jagged in morphology and ~ 200 nm in diameter (Figure 4.19). 

After exposure, the particles appeared to aggregate, the surface appeared to smooth, and 

rod shaped particles also appeared (Figure 4.20). SEM coupled to EDX analysis revealed 

surface composition of the raw Fe2TiO5 to be ~ 2.1 Fe for every 1 Ti, as shown in Figure 

4.21. In Figure 4.20A and D, DFOB appears as gray undefined swirls and seems to be 

interacting with the particles, changing their morphology. The differentiation between 

DFOB and mineral oxide can be visualized between 4.20A and C. In TEM, objects that 

appear to have halos tend to have metallic properties as opposed to organic composition, 

so when haloes appear around particles, it is usually indicative of a metal containing 

cluster. Although, as with the SEM, the reason for this significant change in morphology 

is still unknown and unable to be determined from these images.  

The apparent thermodynamic instability of a pure monophasic compound of 

Fe2TiO5 is well documented.104 In order to obtain stable solid crystals, the cation vacancies 

are substituted with the secondary phase oxides of either Fe2O3 or TiO2, to yield the known 

orthorhombic structures.40,103 Without these substitutions, Fe2TiO5 would have DGf ~ 

+1990-2.4T cal K-1 *mol-1 and decompose under 700 K.104 However, in practice 
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pseudobrookite is stable under environmental conditions. But, in the presence of DFOB, 

these cations are being removed into solution, leaving empty holes exposing the mineral to 

potential decomposition. This potential decomposition could be the reason for the drastic 

and severe change in particle morphology as visualized in the TEM, although this 

hypothesis requires further investigation in order to confirm these findings.  
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Figure 4.18. SEM of DFOB on surface of Fe2TiO5 where A) scale bar 50 µm; B) collected 

using back scattered electron detector with scale bar of 40 µm; C) same region in B, but 

collected using secondary electron detection with scale bar of 40 µm 
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Figure 4.19. TEM of Fe2TiO5 prior to exposure with DFOB; A) 6000X magnification with 

scale bar of 0.2 µm; B) 10,000X magnification with 200 nm scale bar; C) 25,000X 

magnification with 50 nm scale bar 
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Figure 4.20. TEM image of Fe2TiO5 in the presence of DFOB; A) 2500X magnification 

with 0.5 µm scale bar; B) 3000X magnification with 0.5 µm scale bar C) 3000X 

magnification with 0.5 µm scale bar; D) 10,000X magnification with 200 nm scale bar. 
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Figure 4.21. EDX analysis of the surface of Fe2TiO5; The weight % of Fe was 34.3 

compared to the weight % of Ti at 16.5, indicating ~ 2.1 Fe atoms for every 1 Ti atom. 

 
 
4.3.5 Biological and Environmental Implications 

The presence of siderophores significantly enhanced mineral dissolution in 

suspensions from titanium, iron, and mixed oxides. Mineral composition can greatly affect 

the rate and amount of metal that can be solubilized. Studies have shown that hematite iron 

oxide releases more Fe than other crystal forms in the presence of other ligands, partially 

due to its crystal arrangement, disordered packing and higher reactive sites.96,105 

Dissolution conditions at lower pH for iron oxide dissolutions also increased solubility.96 

Iron-titanium oxides are widespread in nature and pseudobrookite is present in igneous and 

metamorphic rock.40 Due to the presence of more Fe atoms on the surface, DFOB 

solubilized a higher iron concentration in solution; however, in the presence of excess iron 

on the surface, DFOB could still bind and solubilize Ti, which is not nearly as abundant on 

the surface. This finding indicates that DFOB could adsorb to Ti atoms that were in the 
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bulk of the oxide. Comparing the TiO2 and Fe2O3 dissolution results, solubility of Ti 

occurred at a slightly higher rate than Fe for the initial step. This result may indicate that 

when DFOB is in the presence of both oxides, the rate of Ti solubilization will occur more 

quickly, releasing more Ti initially into solution. 

As seen with metal exchange experiments, DFOB can bind Fe and Ti when both 

are present in solution. Combining this ability with increased solubility and release of Ti 

and Fe into solution and the stronger affinity DFOB has for Ti(IV), this process could make 

Ti more available for surrounding molecules in biological conditions and could compete 

with Fe uptake and Fe cycling that is necessary for various organisms. Studies conducted 

on the effects of plant life in the presence of both iron oxide and TiO2 showed reduced 

growth in the presence of nanoparticle TiO2,106 again contributing that the presence of Ti 

can interfere with geological and environmental systems.  

4.4 Conclusions  

 The ability of desferrioxamine B to interact with Ti(IV) and Fe(III) in solution and 

to dissolve Ti(IV) and Fe(III) from TiO2, a-hematite Fe2O3, and pseudobrookite Fe2TiO5 

has been investigated. The current work gives quantitative support to the notion that 

siderophores will dissolve Ti(IV) avidly and can complex Ti(IV) when in solution with 

Fe(III), potentially even outcompete for Fe(III) binding. In the presence of DFOB (and 

presumably other siderophores as well), Ti(IV) has enhanced solubility and could 

potentially enhance bioavailability. It may interfere with the biogeochemical cycling of 

iron, with chelation therapies dependent on siderophores and siderophore-like molecules, 

and with the trafficking of iron in siderophore-producing organisms. 
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CHAPTER 5. 

INTERACTIONS OF TI(IV) AND TIO2 WITH THE SIDEROPHORE 

PYOVERDINE AND PSUEDOMONAS FLUORESCENS: COMPLEXATION, 

DISSOLUTION AND BACTERIAL INTERACTIONS  

5.1 Introduction 

Microorganisms are often able to form biofilms on metallic surfaces and metal 

oxide coatings. Titanium alloys are often used in implants and surgical devices. Generally 

titanium alloys are valued as biocompatible and corrosion resistant because of the 

passivating oxide coating that forms on the surface;1,2 however, these titanium implants 

suffer from serious biofouling and corrosion in the presence of microorganisms.3 Bacteria 

can adhere to titanium oxide coatings on alloys both solubilizing the titanium and 

forming biofilms on the surfaces. Biofilm-associated infections are a serious 

complication for both oral and orthopedic implants.4–6 It has been estimated that 80% of 

human infections involve microbial biofilms.7   

Biofouling also occurs on titanium metallic surfaces used in aquatic systems.3 

Biofouling is a particular issue in many industries including oil and gas transportation, 

conventional and nuclear power stations, desalination industry, waste water treatment 

plants, pulp and paper industry, chemical industries, cooling water systems, aircraft fuel 

tanks, and naval ships and equipment.8 Biofouling occurs by the initial attachment of 

organic compounds and bacteria to the metal surface, which then causes the secretion of 

compounds that induce quorum sensing. These secreted compounds lead to the formation 

of biofilms. The stages and formation of biofilms can be seen in Figure 1.13. Biofilms 
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can attract larger organisms such as barnacles, oysters, and other marine organisms; 

therefore, biofilms are a direct cause of biofouling.9  

Pseudomonas bacteria, opportunistic bacterial pathogens, have been a strong 

focus since they was found to have many important roles ranging from virulence, cell to 

cell signaling, and quorum sensing for biofilm formation.10 Iron plays an essential role in 

biofilm formation for Pseudomonas bacteria and serves as a signaling pathway for this 

formation.11 The ability of microbial cells to sequester metal ions from aqueous 

environments is important both for microbial growth and biogeochemical processes such 

as mineral formation, dissolution and metal transport.12 Pseudomonas has also been well 

characterized with respect to many other metal binding interactions.13–17 These bacteria 

synthesize many secondary metabolites, but specifically require two iron chelators for 

biofilm formation: siderophores pyoverdine (PVD) and pyochelin, which are the 

molecules that are responsible for virulence and quorum sensing.11,18 Siderophores, low 

molecular weight species found in bacteria and some higher organisms, are a class of 

organic acids with large complexation constants for Fe(III) that aid in the sequestering 

and transportation of iron when iron concentrations are low.19–24  

The less common pyochelin is poorly water soluble, has a small molecular weight 

(326 Da) and binds Fe(III) in a 2:1 pyochelin:Fe(III) ratio. The structure of pyochelin is 

shown in Figure 1.14. It has a low stability constant to Fe(III) of 2x105.25 Pyochelin is 

synthesized only when Fe(III) is extremely limited and is typically considered to provide 

safety mechanism for bacteria if pyoverdine is not available.  
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Pyoverdines, or PVDs, (formerly referred to as pseudobactins) are a group of 

fluorescent compounds that are synthesized by Pseudomonas species. More than 100 

PVD compounds have been identified.26 Pyoverdine is a complex molecule containing 

three parts: a dihydroquinoline-type chromophore that is responsible for its fluorescent 

property, an acyl side chain bound to the amino group of the chromophore, and a variable 

peptide chain linked by an amide group to the C1 carboxyl group of the chromophore.10,27 

Many isoforms of this siderophore exist even in the same strain, with the difference 

occurring at the variable side chain. The PVD used in this work is a LH6
2+ ligand with six 

deprotonation sites (Figure 5.1). Four of these six interact with metal ions as shown in 

Figure 5.1 in red. Values of pKa for these protonation sites are often disputed. The 

structure at pKa 1 and 6 varies depending on the specific PVD isoform that is secreted 

(Figure 5.1 in blue). However, when determining stability constants and speciation with 

other metals, the values often used are from the archetype PVD structure (often 

designated PAO1 or Pvd1) obtained from Pseudomonas aeruginosa as determined by 

Albrecht-Gary et al., where K1 is the pKa of the amino acid arginine.15 In most cases, the 

pKa values established are 4.8 (pK6), 5.7 (pK5), 7.6 £ pK3 and pK4 £ 8.6, 10.8 (pK2), and 

12.2 (pK1). Fe(III) and PVDs have been well characterized.15,28–32 The two hydroxamate 

groups (sites K3 and K4) along with the catechol (K2 and K5) on the chromophore 

participate in 1:1 iron binding with a stability constant of 1030.8.33–35 Figure 5.2 shows the 

crystal structure obtained from the PVD isolated from Pseudomonas fluorescens ATCC 

13525, which is the PVD that will be discussed in this work.36 The speciation of Fe-PVD 

from pH 1.9 to 9.0 was determined for Pvd1 and is shown in Figure 5.3.  



 

 244 

 

 

Figure 5.1. Structure of the specific PVD used in this study.27,37 Atoms designated in red 

are the ones that participate in metal binding; atoms in blue are amino acid residues that 

can vary among different species of PVD: pK6 = succinic acid amide side chain, 

pK1=lysine side chain.  

 

Figure 5.2. Crystal structure of Fe(III)-pyoverdine ATCC 13525; PDB ID: 2W7836 
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Figure 5.3. Speciation of Fe-PVD for Pvd1 from P. aeruginosa; [H6PVD]2+ (black solid 

line); [H2PVDFe]+(red solid line) with log b112 = 47.8 ; [HPVDFe] (green dashed line) 

with log b111 = 43.0; [PVDFe]- (blue dotted) with log b110 = 30.8.15,38 

 

The example of Fe(III) in nature provides a useful model. The accessibility of iron 

is often limited because of the low solubility of Fe(III) in aqueous environments. Fe(III) 

is essential for cellular processes in both plants and animals, but hard to deliver. Ti(IV) 

and Fe(III) have similar properties – both are hard Lewis acids with approximately the 

same ionic radii, and are often compared in studies. One way to confer solubility on the 

otherwise hydrolytically unstable Ti(IV) is by complexation by a ligand, in particular 

through the use of siderophores.39–41 From previous studies, Ti(IV) behaves similarly to 

Fe(III) when complexing with siderophores. For example, enterobactin, a common 

siderophore found in E. coli, has been characterized with respect to titanium binding and 

its crystal structure is available.42 Desferrioxamine B (DFOB) has also been studied with 
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respect to Ti(IV) solubility and dissolution of TiO2.43,44 As noted above, siderophores can 

play roles beyond metal transport, including roles in signaling and immunity.45  

With this increased presence of biofilm and bacteria growth on titanium alloy and 

titanium oxide surfaces and the fact that siderophores can induce biofilm growth and bind 

Ti(IV), there is sufficient reason to study the interactions of pyoverdine, the major 

siderophore of an important biofilm forming organism, with titanium in both solutions 

and TiO2 surfaces. There has been previous work conducted on the interaction of 

Pseudomonas with TiO2
9,46–48 and the surface interaction of pyoverdine with TiO2,49–51 

but very little has been published in regards to pyoverdine-Ti(IV) solution interactions.  

Determining the binding and interactions of PVD to Ti(IV) both in solution alone and in 

the presence of Pseudomonas could potentially unlock new methods for biofilm 

formation and eradication and lead to a way to combat biofilms and biofouling.  

As discussed in Chapter 1, Pseudomonas spp. have the ability to utilize a variety 

of heterologous siderophores, not only other PVD produced from different strains, but 

also the siderophores produced from bacteria and terrestrial organisms.52 Enterobactin 

can promote uptake of iron by Pseudomonas due to the presence of a ferric enterobactin 

receptor and it can stimulate bacterial growth.53,54 A functional receptor for metal-citrate 

complexes is also found within Pseudomonas.55,56 Lastly, another siderophore that can 

interact with Pseudomonas are the ferrioxamines, in particular desferrioxamine B.54,57 

While these bacteria can interact with many other siderophores, these three siderophores 

listed have been studied with respect to Ti(IV) binding42,43,58 and could potentially affect 

iron uptake for Pseudomonas. Metal-conjugated siderophores have been suggested as a 
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way to interrupt quorum sensing and act as a “Trojan horse” mechanism where the 

bacteria will uptake the siderophore and release the metal to interrupt Fe(III) 

metabolism.59,60  

This work will investigate the aqueous speciation of PVD and Ti(IV) using 

spectropotentiometric titrations from pH 2 -10, fluorescence and mass spectrometry. The 

binding constants of Ti(IV)-PVD are determined using spectrophotometric titrations with 

various competitor ligands and isothermal titration calorimetry (ITC). The ability of PVD 

to dissolve Ti from TiO2 is also investigated using inductively coupled plasma-optical 

emission spectrometry (ICP-OES). The TiO2 was characterized after exposure to PVD by 

using scanning electron microscopy (SEM). Finally, Pseudomonas fluorescens was 

grown in the presence of TiO2, Ti-citrate, and Ti-DFOB and the interactions and 

implications on cell growth and biofilm formation will be discussed.  

5.2. Material And Methods 

5.2.1. Instrumentation 

UV/Vis spectra were obtained by using a Cary 50 Bio UV/Vis spectrophotometer. 

The pH was measured using a Thermo Orion model 410 pH meter equipped with an 

Orion 8103BNUWP Ross Ultra semimicro pH electrode. A Thermo-Scientific iCAP 

7400-ASX520 inductively coupled plasma optical emission spectrometer (ICP-OES) 

quantitated concentrations of Ti(IV) in solution operating in axial mode using 336.121 

nm detection wavelength. The titanium dioxide solid particles were characterized with 

regard to particle morphology and mineral phase. Particle size was determined using FEI 

quanta FEG450 scanning electron microscope (SEM). Chemical composition was 
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confirmed using energy dispersive X-ray analysis (EDX) coupled to the SEM with a 

beam energy of a range of 10 keV equipped with Ka X-Ray source. Surface interactions 

of PVD with TiO2 were probed using SEM. X-ray diffraction (XRD) was obtained on a 

Bruker KAPPA APEX II DUO. Fluorescence excitation and emission spectra were 

measured on a Photon Technology International (PTI) fluorimeter using FeliX32 

software for analysis. UV/Vis quantification of biofilm growth was measured on a 

SpectraMax 190 Microplate Reader using SoftMax Pro Software.  ESI-QTOF mass 

spectra were obtained on an Agilent 6520 ESI-QTOF mass spectrometer in the positive 

mode using MassHunter software supplied by Agilent. An instrument blank spectrum 

was subtracted from the collected spectra to eliminate any peaks that were not part of the 

solution.  

5.2.2. Bacterial Growth and Isolation of Pyoverdine (PVD) 

  Pseudomonas fluorescens (ATCC 13525) was reanimated following ATCC 

guidelines. Initially, P. fluorescens was streaked onto Luria-Bertani (LB) plates and 

grown at 28 °C for 24 h. A single colony was placed into 500 mL of succinate minimal 

media (SMM) and grown at 28 °C for 26 h.29 The cells were centrifuged and removed, 

and the supernatant was retained for PVD isolation and tested CAS positive for 

siderophores.61 To isolate pyoverdine, 20 mL of supernatant was applied to 

preconditioned C18 Sep-pak (Waters Corporation) and eluted with 70% methanol to 

collect purified PVD, according to a published procedure.62 Pyoverdine purification was 

confirmed using UV/Vis, mass spectrometry and fluorescence. The aliquots were pooled, 

lyophilized and stored at -20 °C until use, obtaining ~300 mg of pyoverdine/1 L growth. 
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Purification of PVD was confirmed using mass spectrometry, where the major peaks 

observed correlated with known mass spectra from literature.27 

5.2.3 Spectropotentiometric Titration of PVD 

The primary data were conducted by Corey Herbst-Gervasoni and analyzed by the 

author. All spectrophotometric titration solutions were prepared with nitrogen-purged 

Nanopure-quality water (Barnstead Nanopure Diamond) (18.2 MW-cm resistivity). The 

nitrogen purging method utilized moderate agitation for at minimum 10 min followed by 

sparging with nitrogen while stirring for at minimum 10 min. This method was repeated 

at least two times for a total of three cycles. A stock solution of 1.0 M NaCl (J.T. Baker 

ACS Reagent Grade) was prepared by dissolving 1.169 g in a 50.00 mL volumetric flask 

and filling to the mark. Carbonate free 0.1 M NaOH solution was prepared from 1.0 M 

stock solution (Dilut-It Analytical Concentrate, J.T. Baker) and standardized by titrating 

against a 10.00 mL aliquot of 0.09944M potassium hydrogen phthalate solution (ACS 

Primary Standard, Alfa Aesar, dried prior to weighing). Phenolphthalein (0.5% in 50:50 

ethanol:water solution) was used as the indicator. A solution of 0.1 M HCl was prepared 

from 1.0 M stock solution (Dilut-It Analytical Concentrate, J.T. Baker). The absence of 

carbonate was confirmed by a Gran’s plot analysis.63,64 The standardization of 0.1 M HCl 

was carried out by titrating against standardized NaOH solution, using phenolphthalein as 

the indicator. The slope of the inflection point is adequately steep leading to negligible 

difference in volume between the equivalence point of the HCl/NaOH titration and the 

phenolphthalein indicator. The PVD solution was prepared by diluting 300 µL of a 8.567 



 

 250 

mM stock solution, as quantified from UV/Vis (e364=16,000 M-1cm-1)15 and 500 µL of 1.0 

M NaCl diluted to 5.00 mL, for a final concentration of 51.4 µM in 0.1 M NaCl . 

The titration apparatus consists of a 100 mL water jacketed vessel and a 

removable lid. The removable lid has appropriately sized holes for the electrode (Orion 

model 8102BNUWP), argon inlet, 0.1829 cm pathlength dip probe and coupler (Varian 

parts 79-100326 and 02-101593, respectively) calibrated with CuSO4, and septum 

covering injection inlet. Prior to the spectrophotometric titration, the electrode was 

calibrated to free hydrogen concentration ([H+]) at 25°C under positive argon pressure in 

the water jacketed titration vessel. [H+] was monitored by Orion model 520 A+ pH meter 

(accurate to 0.1 mV).  

Immediately after calibration of the electrode, a UV/Vis blank spectrum was 

taken of 0.10 M NaCl and 0.010 M HCl in nitrogen purged water. The solution of PVD 

was then added (51.4 µM) to the vessel with an initial p[H] = 2.100. Aliquots of base 

were added with a gastight glass syringe with volume ranges between 1 and 500 µL. 

Equilibrium was reached when the mV reading on the pH meter was constant for a 

minimum of three minutes. After equilibrium was reached and the mV reading was 

recorded, a spectrum was collected of the solution from 200-800 nm at 600 nm/min.  The 

titration proceeded to p[H] 11.743. Following the completion of the 83 spectra titration, 

the spectral data coupled to a corrected p[H] meter reading were fit to an appropriate 

model using SPECFIT/32.65  
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5.2.4 Ti(IV) pH Batch Titrations 

The titanium source used was 1000 mg/L titanium atomic absorption standard, 

TraceCERTâ containing 2% w/w HNO3 with trace HF (Sigma 12237). The final 

concentration of HNO3 in solution was < 0.005%. It was shown previously that the 

presence of NO3
- anion does not affect speciation or metal binding in solution.58 To 

determine the speciation of Ti-PVD, Ti(IV) and PVD were set at 50 µM to obtain a 1:1 

solution and pH was varied in 9 samples from 2.5 to 10.4 in 0.1 M NaCl and the changes 

were monitored via UV/Vis spectroscopy. The samples were measured twice, once at 2 h 

equilibration and again at 24 h equilibration, and the spectra were identical.  

5.2.5 Job’s Method of Continuous Variation at pH 3 and I=0.1 

Job’s Method of continuous variation was used to confirm the ligand to metal 

ratio of the Ti(IV) PVD complex in aqueous solution at pH 3.1.66 A series of aqueous 

solutions were prepared in which the total concentration of Ti(IV) plus PVD was held 

constant at 100 µM while the relative amount of PVD/Ti(IV) was varied from 0 µM/100 

µM to 100 µM/0 µM and set to I = 0.1 with 0.100 M NaCl. A stock solution of 300 µM 

PVD was used. After the sample reached equilibrium (~ 24 h), the UV/Vis spectrum of 

each solution was obtained, and the pH of each solution was re-measured. 

5.2.6 Titration of Ti(IV) into PVD at pH 3 and I=0.1 

Samples at pH 3.1 and I = 0.1 were prepared using the same stock solutions as in 

the Job’s Method of continuous variation. The concentration of PVD was kept constant at 

50 µM in each sample, but the concentration of Ti(IV) was increased from 0 µM to 1 
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mM. After the sample reached equilibrium, the UV/Vis spectrum of each solution was 

obtained and the pH of each solution was measured.  

5.2.7 Competition Titration: PVD vs. EDTA 

 A preformed Ti(IV)-PVD complex was exposed to increasing concentrations of 

EDTA (Sigma E5134) in a series of solutions. Each sample included 20 µM PVD, 20 µM 

Ti, 0.1 M NaCl, and a variable amount of EDTA (0 – 15 mM; 0 – 750 equiv). The pH 

was adjusted to pH 3.1 with a 5 M HCl solution. The total volume was 2 mL. After the 

sample reached equilibrium (~ 24 h), the UV/Vis spectrum of the solution was recorded.  

 In a second competition titration, a preformed Ti(IV)-EDTA complex was 

exposed to increasing concentrations of PVD in a series of solutions. Each sample 

included 20 µM EDTA, 20 µM Ti, 0.1 M NaCl, and a variable amount of PVD (0 – 100 

µM, 0 – 5 equiv). The pH was adjusted to pH 3.1 with a 5 M HCl solution. The total 

volume was 2 mL. After the sample reached equilibrium (~24 hours), the UV/Vis 

spectrum of the solution was recorded.  

5.2.8 Isothermal Titration Calorimetry (ITC) 

 Isothermal titration calorimetry measurements were obtained by using a Malvern 

Microcal PEAQ-ITC. The cell contained 31 µM PVD and the syringe contained 1 mM 

Ti(IV)DFOB,43 prepared from TiCl4 (ReagentPlus, 99.9% trace metal basis, titanium(IV) 

tetrachloride, neat in a Sure-Sealbottle, Sigma-Aldrich) and desferrioxamine B mesylate 

(Sigma Aldrich –D9533), each at pH 3 in 0.1 M NaCl. ITC experiments were carried out 

at 25° C. The titrant was delivered in 2 µL aliquots with 250 s between injections while 

stirring at 750 rpm using a reference power of 10 µcal/s. Control experiments included 1 
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mM Ti(IV)DFOB into 0.1M NaCl and 0.1 M NaCl into 31 µM PVD, each at pH 3. The 

heat of dilution of Ti(IV)DFOB was accounted as a fitted offset.  

5.2.9 Dissolution of TiO2 with Pyoverdine 

Initial amounts of anatase (Aldrich 248576) and rutile (Alfa Aesar 42681) 

micron-sized TiO2 used were 2 mg/mL. All solutions were prepared immediately prior to 

use in volumetric glassware. All glassware was acid washed in 30% HCl solution 

overnight to eliminate any trace metals that may have been present and triple rinsed with 

18.2 MΩ-cm deionized water. Solutions containing PVD and NaCl were prepared and 

adjusted to pH 3.1 with 5 M HCl so that the final concentration contained 15 µM PVD 

and set to I = 0.1 M NaCl. The total volume of all samples was 25 mL, in polypropylene 

Falcon tubes, used as received, as reaction vessels for the dissolution experiments. 

Controls containing only PVD, and only TiO2 with 0.1 M NaCl and pH of 3.1 were used 

to ensure no additional metal leaching from plastic or glassware occurred. All solutions 

were continuously mixed throughout the total length of the experiment on a laboratory 

rotator to ensure proper mixing and full exposure to PVD. Samples were removed in 1.5 

mL aliquots using a 3 mL syringe and filtered immediately using a 0.22 µm 

polyethersulfone (PES) syringe filter (Tisch Scientific). Samples were taken over 35 d to 

determine kinetics and long-term stability of PVD with titanium. Upon completion of 

analysis, all samples were immediately analyzed using ICP-OES.  
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5.2.10 Surface Interactions  

Surface interactions of PVD with TiO2 were investigated by removing 20 µL of 

the slurry of TiO2 at different time points in the presence and absence of PVD. The 

interactions of P.fluorescens with TiO2 were also investigated. The bacterial cells that 

were grown in the presence and absence of TiO2 were centrifuged and placed onto SEM 

grids. Samples were prepared for SEM analysis by pipetting 50 µL of the slurry onto 12 

mm carbon tabs (SPI supplies) that were attached to an aluminum specimen mound, ½” 

slotted head (TED PELLA, Inc.).  

5.2.11 Growth of Pseudomonas fluorescens in the Presence of TiO2, Ti-citrate and Ti-

DFOB 

 Pseudomonas fluorescens were grown in SMM overnight at 28° C for 26 h. A 10 

mL portion of SMM media was added into separate sterile 15 mL Falcon tubes 

containing 0, 10 mg/mL anatase or rutile TiO2, a 50 µM Ti:150 µM citrate solution58 or a 

5.25 µM Ti-DFOB solution.43 These solutions were then inoculated with 200 µL of the 

bacteria previously grown overnight, grown at 28°C, and time points were removed at 6, 

23, and 46 h. The OD at 600 nm was measured immediately after removal for cultures 

that were in the absence of TiO2. The aliquots containing TiO2 were serially diluted with 

fresh LB media and 10 µL was plated on LB plates, grown for 26 h at 28°C and colony 

forming units (CFU) were counted. The supernatant was measured by using UV/Vis and 

ICP-OES to quantitate the amount of Ti(IV) in solution. 
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5.2.12 Biofilm Growth in the Presence of TiO2, Ti(IV)-Citrate and Ti(IV)-DFOB 

 Using standards procedures for biofilm growth,67–69 cells were grown in LB media 

for 26 h at 28 °C. Dilutions of 1:100 into 1X M63 media67–69 were added into 96 well 

plates and grown overnight. Concentrations of Ti-citrate were varied from 0 – 333 µM 

and Ti-DFOB concentrations were varied from 0 – 35 µM. Separate wells containing 

anatase and rutile TiO2 in the presence and absence of P.fluorescens were also 

investigated. After growth, the plates were triple rinsed with water to remove unattached 

cells and 125 µL of 0.1% crystal violet (CV) (Sigma C0775) solution was added into 

each well and stained for 15 m.67,68 The plate was again rinsed three times with water and 

blotted to remove excess CV. 125 µL of 95% ethanol was added into each well to 

solubilize the CV.67,68 This CV/ethanol/cell solution was transferred into a clean clear-

bottom 96 well plate and the absorbance at 550 nm was recorded.67,68  

5.3. Results and Discussion 

5.3.1 Isolation and Speciation of Free PVD  

The isolation of PVD and its purity were confirmed after extraction, by using 

fluorescence, UV/Vis, and mass spectrometry. The ESI-MS collected showed only the 

free PVD in the absence of metal shown in Figure 5.4. Approximately 300 mg of purified 

PVD was obtained per liter of culture. PVD can form several isoforms and in addition to 

the apparent majority species having a succinic acid amide, a second isoform observed 

here correlated to [PVD+H]+ where the succinic acid amine was replaced with glutamic 

acid, occurring at m/z = 1190.5. This species was also observed in the literature.27 
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However, the variability at this position does not affect metal binding, and the amount 

observed in the mass spectrum was significantly less intense than the parent peak.  

The pH speciation of the PVD obtained from Pseudomonas fluorescens ATCC 

13525 is often not carefully defined in regards to pKa of the deprotonation sites. The pH-

dependence on PVD and speciation from 2.1-11.8 was obtained and is shown in Figure 

5.5. The data obtained here was using SPECFIT/32.65 Analysis of the data resulted in pKa 

values of 4.5 for [H6PVD]2+, 3.9 for [H5PVD]+, 6.0 for [H4PVD], 8.2 for [H3PVD]-, 9.6 

for [H2PVD]2- and 11.9 for [HPVD]3- corresponding with the lysine side chain. The 

speciation is shown in Figure 5.6. The species in purple in Figure 5.5 corresponded with 

the fully deprotonated [PVD]4-. The fully deprotonated species was unstable in solution 

over long periods of time, as evidenced in the mass spectrum, as seen in Figure 5.7. 
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Figure 5.4. ESI-mass spectrum results from extracted and purified PVD; MW of 

[PVD+H]+ = 1160.5 (C49H74N15O18)+  and [PVD+2H]2+ = 581.3 (C49H75N15O18)2+ which 

corresponds to the expected mass spectrum.27  
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Figure 5.5. The 83 pH-dependent UV/Vis spectra obtained during the PVD 

spectropotentiometric titration. Titration started at pH 2.1 indicating fully protonated 

H6PVD2+ species (red), and each pKa was determined: species H5PVD+ (orange), H4PVD 

(yellow), H3PVD- (green), H2PVD2-( dark blue), HPVD3- (light blue), PVD4- (purple) 
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Figure 5.6. Speciation results on the pH dependence of PVD; [H6PVD]2+ (red), [H5PVD]+ 

(orange), [H4PVD] (yellow), [H3PVD]-(green), [H2PVD]2- (dark blue), and [HPVD]3- 

(purple) and [PVD]4- (black) (A) molar absorptivity obtained from the 

spectropotentiometric titration from pH 2.1-11.7 (B) the percentage of species of PVD in 

solution as a function of pH.  
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Figure 5.7. ESI-MS obtained of the starting PVD solution (pH ~ 7) (red) and the final 

PVD solution (pH ~ 12) (green) A) full spectrum obtained where starting PVD is offset 

from the final PVD solution B) Characteristic peak at 581.3 for [H2PVD]2+ where at pH ~ 

12, after ~ 12 h of equilibration, the peak is absent indicating changes to the PVD 

structure.  
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Previously reported literature that calculated pKa values for Pvd1 observed three 

distinct pH-dependent species, as mentioned previously.15 However, no difference 

between the [H6PVD]2+ (pKa of the amino acid side chain) and [H5PVD]+ spectra was 

detected.15 Spectra corresponding to [H4PVD], [H3PVD]-, and [H2PVD]2- were also not 

resolved.15 Other groups reported pH-dependent spectra for the siderophore isolated from 

Pseudomonas fluorescens (PVD ATCC 13525) but never reported pKa values. One study 

obtained four distinct UV/Vis spectra occurring at pH 3.1, 5.5, 6.2, and 7.2,30 while 

another reported five distinct UV/Vis spectra occurring at pH 3, 5, 6, 7, and 10.29 The 

additional spectra obtained here, as well as a more accurate data fitting program allowed 

for distinction between all the species and assignment of pKa values for all six 

deprotonation states. To the best of our knowledge, this work is the first report of pKa 

values for this PVD. The extinction coefficients determined here are in close agreement 

with previous reports, as well as change in spectra for each pH crossover point.15,29,30  

5.3.2 Speciation Studies on Complex Stoichiometry of Ti(IV)-PVD 

Batch titrations were performed to characterize the pH-dependent aqueous 

speciation of Ti(IV) and PVD. After each equilibration, the pH of the solution was 

measured and the UV/Vis spectrum was obtained (Figure 5.8). The measured spectra as a 

function of pH were reproducible in 2 independent trials. The pH-dependent UV/Vis 

spectra were fit using SPECFIT/32.65 Values obtained in the previous section for the 

protonation constants of PVD were used to fit the data. The data were well fit to two one-

proton equilibria among three Ti(IV)-PVD species with pKa1 ~ 4.2 and pKa2 ~7.9 (Figure 

5.9).  
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This speciation is in close agreement with previously published speciation models 

with other metals.15–17,70 This fitting allowed for the assignment of specific molecular 

species. The assignment of the low pH species (112) is analogous to [Ti(IV)(H2PVD)]2+ 

with a log b112 of 49.9. The second mid-pH species (111) is [Ti(IV)(HPVD)]+ with a log 

b111 of 45.7, and finally the high pH species (110) [Ti(IV)(PVD)] with a log b110 of 37.8. 

When compared to the Fe(III) values of log b112 of 47.8, log b111 of 43.0, and log b110 of 

30.8 (log Kf = 30.8), Ti(IV) binding is much higher, showing that Ti(IV) should 

outcompete for Fe(III) binding.15  

To control Ti(IV) hydrolysis and ensure full protonation of PVD, pH 3.1 was 

employed. The pH range of 3-4 was previously used to determine stability constants and 

PVD binding to U(IV) for the same reasons.17 Job’s plot was used to confirm the ligand 

to metal ratio of the Ti(IV)-PVD complex formed at pH 3.1 (Figure 5.10B). The 

maximum absorbance at 450 nm was observed when PVD/Ti(IV) ratio was 1:1 (50 

µM/50 µM) (Figure 5.10A). It is worth noting that maximum absorbance correlating with 

the extinction coefficient of Ti-PVD was not at 450 nm, but the peak at 450 nm was 

unique with Ti-PVD complexation and was contributed by excess PVD. The UV/Vis 

spectra of solutions with a constant concentration of PVD (50 µM) and increasing 

concentrations of Ti(IV) (0 µM to 1 mM) were obtained at pH 3.1 and with ionic strength 

set to 0.1 with NaCl (Figure 5.11A). The absorbance at 450 nm increased as the 

concentration of Ti(IV) increased. In Figure 5.11B, the point in red indicates 1:1 ratio. 

While it was not quite at the maximum absorbance achieved, the UV/Vis spectra shifts 

and a new peak appears when Ti was in excess, indicating a possible change to the 
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complex. However, taken together, these spectrophotometric titrations support a 1:1 

complex of Ti(IV) and PVD at pH 3. 

 

 

 

Figure 5.8. The 9 pH-dependent UV/Vis spectra obtained from the batch titrations of Ti-

PVD from pH 2.5 – 10.4; species at low pH (red solid line), species at mid-pH (green 

dashed lines), species at high pH (blue dotted line). 
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Figure 5.9. Speciation obtained from the Ti-PVD batch titrations from pH 2.5-10.4 (A) 

Spectropotentiometric titration data were fit to two one-proton equilibria among three 

Ti(IV)-PVD species. The red trace (solid line) is the species at low pH, the green trace 

(dashed line) is the species at mid pH, and the blue trace (dotted line) is the species at 

high pH. The spectra in gray are the deconvoluted spectra from SPECFIT of the PVD 

only extinction coefficients to show that the PVD spectra changes when complexed with 

Ti(IV) and all of the PVD is fully complexed and attributed to the Ti(IV) speciation (B) 

The pH-dependent aqueous speciation of the three Ti(IV)-PVD species whose UV/Vis 

spectra are shown in Figure 5.9A.  
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Figure 5.10. Job’s Method of Continuous Variation. A) The UV/Vis spectra obtained of 

solutions at pH 3.1 and ionic strength set to 0.1 with NaCl with varying PVD/Ti(IV) 

ratios with the total concentrations of PVD and Ti(IV) kept constant. The maximum 

absorbance was observed when the PVD/Ti(IV)=1:1 (50 µM/50 µM) (green trace). The 

black traces were obtained when PVD was in excess and the red traces were obtained 

when Ti(IV) was in excess. B) The plot of the absorbance at 450 nm versus the mole 

fraction of PVD. The maximum absorption at 450 nm was observed when PVD/Ti(IV) = 

1:1. 
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Figure 5.11. The titration of Ti(IV) into 50 µM PVD. A.) The titration of Ti(IV) into 50 

µM PVD. UV/Vis spectra of samples with constant [PVD] and increasing [Ti(IV)] at pH 

3.1 and ionic strength set to 0.1 with NaCl. The absorbance at 450 nm increased as 

Ti(IV)/PVD increased to 1:1 (red trace); 100 µM (light blue); 500 µM (green); 1 mM 

(dark blue); arrow marked a.) indicates increasing Ti prior to 1:1; arrow marked b.) 

indicates appearance of new peak after Ti was in excess B) Plot of A450 of the UV/Vis 

spectra versus [Ti] (uM). The red circle corresponds to 1:1 Ti/DFOB in A.  
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5.3.3. Competition Titration: EDTA vs. PVD at pH and I=0.1 M NaCl 

A competition titration with EDTA was used to determine the stability constant of 

the Ti(IV)-PVD complex at pH 3.1.43 The species involved each have their own pH-

dependent speciation (Figure 5.12A and B). The UV/Vis spectra of solutions of Ti(IV)-

PVD with varying amounts of EDTA were obtained, with ionic strength set at 0.1 with 

NaCl and the total concentration of Ti(IV) and PVD held constant at 20 µM (Figure 

5.13A). The complex peak was not eliminated even at 750 equiv of EDTA, 

demonstrating the strong binding of Ti(IV) and PVD. The reverse titration of Ti(IV)-

EDTA with varying equiv of PVD showed that PVD avidly outcompetes EDTA for 

binding (Figure 5.13B). Ionic strength was set at 0.1 with NaCl and the total 

concentration of Ti(IV) and EDTA was kept constant. In this competition, the Ti(IV)-

PVD peak was evident even at low concentrations of PVD. 

Taking into account the hydrolysis of Ti(IV) and the protonation constants of 

EDTA and PVD and stability constant of Ti-EDTA,71 the data were fit with the two-

ligand competition model in SPECFIT/3265 to determine the stability constant of the 

MLH 112 [Ti(IV)H2PVD]2+ complex of log b112 = 49.8, which corresponds with the 

value obtained from the pH batch titrations.    
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Figure 5.12. pH-dependent speciation of species relevant to the PVD/EDTA competition 

titrations. All species are at 1 mM. Beta values are from the NIST database72 unless 

otherwise noted. (A) EDTA alone (B) Ti(IV) and EDTA, using values of b11-2 = 14.5 (as 

[(Ti(IV)O)(EDTA)]2-) and b110 = 19.4 (Ti(IV)EDTA).71,73 Hydrolysis constants were not 

invoked in (B) because hydrolysis of Ti(IV) overcame the speciation of Ti-EDTA 

species; however, the species is kinetically stable to this hydrolysis and hydrolytic 

precipitation was not observed at pH 3.  
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Figure 5.13. Competition of EDTA and PVD for Ti(IV) binding; red solid line 20 uM Ti-

PVD and red dotted line 20 uM PVD. (A) 20 µM Ti-PVD with (top to bottom) 0-750 

equiv of EDTA; (B) 20 µM Ti-EDTA with (bottom to top) 0-5 equiv of PVD. 
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5.3.4. Displacement Isothermal Titration Calorimetry 

 ITC was used to confirm the stability constants obtained through the EDTA/PVD 

competition experiments and to reveal some details of the thermodynamics of metal ion 

transfer.74,75 However, as discussed in Chapter 1, direct titrations are limited to a range of 

about 100 µM > KD > 1 nM.76,77 According to the spectrophotometric competition 

experiments, the KD of Ti(IV)-PVD is too low to be determined directly from ITC 

measurements. Moreover, in case of Ti(IV), “free” titanium at this concentration is likely 

to result in precipitation. In order to circumvent this issue, a complex with a moderate 

binding competitor ligand can be titrated into a stronger ligand of interest and will yield a 

composite apparent constant (KITC) from the release of Ti(IV) from the moderate ligand 

and binding of Ti(IV) to the stronger ligand.76,77 From the competition experiments, 

EDTA poses as a potentially “weak” ligand, so a stronger Ti(IV) binder was used. 

Previously, DFOB was shown to have a log b111 ~ 41.7,43 and will act as a moderate 

strength ligand for PVD.  Here, the reaction being probed at pH 3 is one in which the 

Ti(HDFOB)2+ species71,72 reacts with the fully protonated H6PVD2+ ion to yield 

[Ti(IV)(H2PVD)]2+ and [H4DFOB]+ (Figure 5.14). The experimental heat of dilution of 1 

mM Ti(IV) DFOB into 0.1 M NaCl (pH 3.1) was determined, and peaks were small and 

consistent with the final peaks in the titration into PVD solution.  
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Figure 5.14. ITC at 25°C of 1 mM Ti-DFOB into 31 µM PVD at pH 3.1. Differential 

heating power vs time (top) and normalized heats of reaction (DH) versus molar ratio of 

Ti(IV)-PVD binding while Ti(IV)-DFOB disassociates (bottom). The circles represent 

the integrated peaks and the line is the fit (one site model) for the experimental data.  
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The KITC was 5.13 ´ 104 under the conditions of the experiment. This value yielded a 

stability constant for [Ti(IV)(H2PVD)]2+ of log b112 = 51.8 in excellent agreement with 

the spectrophotometric competition titrations. The fit revealed n = 1.5 ± 0.04, slightly 

higher than the expected 1:1 binding of Ti(IV) and PVD at pH 3. This result could 

indicate that DFOB did not fully release Ti(IV) or that PVD did not fully complex Ti(IV) 

or a combination of both. Fitting of the data in which n=1 was fixed and [TiHDFOB]2+ 

kept constant at 1 mM changed the calculated PVD concentration to 48.1 µM; however, 

the calculated log b112 for [TiH2PVD]2+ remained unchanged, resulting in a value of 51.8. 

Because PVD concentration is often difficult to accurately quantitate, the concentration 

of PVD could be slightly higher in solution. (Details of the calculations can be found in 

the Appendix D.)  

5.3.5. Attempted Dissolution of TiO2 in the Presence of PVD 

As previously shown in Chapter 3, siderophores such as DFOB can solubilize [Ti] 

from mineral surfaces. Pseudomonas bacteria have been studied with respect to mineral 

dissolution of clay nontronites (containing Fe, Al, Mg and Si),78 smectite (containing K, 

Na, Al, Mg, Fe(II)/Fe(III), Si, Ca, and P),79 and uranium ore80 and PVD was shown to 

facilitate this dissolution. Since it was shown that PVD can interact in solution with 

Ti(IV), the PVD interaction with TiO2 was investigated next adding a constant 

concentration of 15 µM PVD at pH 3.1 set to I = 0.1 M NaCl. The pH was chosen for 

consistency with the solution studies discussed earlier. Figure 5.15 reveals the UV/Vis 

spectra acquired for TiO2 with PVD over a course of 38 days. It was anticipated that the 

free PVD peak would decrease around 350 nm as the Ti-PVD peak increased around 410 
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nm. Instead, the PVD peak decreased and essentially disappeared and no Ti-PVD 

appeared. ICP-OES analysis revealed for anatase TiO2 that [Ti] levels were not 

increasing and [Ti] was not being solubilized by the siderophore (Figure 5.16). The 

concentration ranges that were obtained were close to the detection limit of the ICP-OES. 

This estimate is still indicative of little if any [Ti] being released into the solution. It was 

discussed in Chapter 3 that DFOB can solubilize large amounts of Ti from TiO2. 

However, the concentration of DFOB used in those studies was 2 mM. The amount of 

PVD used here was significantly less for two reasons. The first was due to the fact that 

PVD has to be isolated from bacteria, whereas DFOB is commercially available in gram 

quantities. The second reason for the decreased concentration was to attempt to replicate 

the conditions of the other mineral dissolutions studies that have been previously 

conducted. Fluorescence was obtained to determine if PVD was either sequestering Ti 

and quenching the signal or if PVD was removed from solution. Figure 5.17 reveals the 

decreased signal from the fluorescence; however, the decreased fluorescence signal was 

not definitive for quenching or removal of PVD.  
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Figure 5.15. UV/Vis spectra collected from the attempted dissolution of TiO2 with PVD 

A) anatase TiO2 and B) rutile TiO2 with 15 µM PVD and 0.1 M NaCl. 
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Figure 5.16. Concentration of dissolved [Ti] from anatase TiO2 as a function of time (d) 

determined using ICP-OES. 

 

 

 

Figure 5.17. Emission fluorescent spectra obtained of PVD at each time point; Legend 

codes: A+PVD indicates anatase TiO2 in the presence of PVD and number indicates the 

time the sample was removed in hours; lexcitation = 400 nm (green solid line), lemission = 

450 nm. 
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5.3.6. Surface Interactions of PVD with TiO2 

In a study that was conducted with Pseudomonas and smectite clay (composed of 

containing K, Na, Al, Mg, Fe(II)/Fe(III), Si, Ca, and P),79 it was suggested that the 

siderophore could be adsorbing to the clay surface. Since the PVD peak in the UV/Vis 

was essentially eliminated which could suggest removal of PVD from solution, then the 

PVD might be adsorbing to the TiO2 surface. To probe this adsorption, SEM, TEM and 

XRD were used to study the surface of the TiO2. Upon XRD analysis, the characteristic 

anatase peaks were significantly smaller with several peaks eliminated. This result 

revealed that PVD could be adsorbing to the TiO2 surface causing decreased signal 

intensities due to PVD coverage on the surface (Figure 5.18).  

 

 

Figure 5.18. XRD revealed PVD binding to the surface of anatase TiO2 where (blue) is 

anatase TiO2 prior to exposure and (red) is anatase after exposure to PVD. 
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 SEM images were obtained of TiO2 prior to PVD exposure (Figure 5.19A), during 

PVD treatment after 4 days (Figure 5.19B) and at ~ 10 days (Figure 5.19C). The TiO2 

particles became significantly smaller and extremely aggregated during the exposure to 

siderophore. These results are consistent previous studies when Pseudomonas was in the 

presence of TiO2.47 TiO2 prior to bacterial exposure were extremely aggregated in the 

solution media and larger in size compared to after bacteria exposure. The bacteria were 

found to adhere and adsorb to the particles leading to increased dispersion of these 

aggregated TiO2 and increasing the mobility of the TiO2 nanoparticles in solution.47  In 

another study PVD was flowed over TiO2 films and analyzed using ATR-IR, it was 

shown that the PVD peaks increased in the IR spectra.49 This attachment of the PVD was 

correlated to the catechol moieties binding the TiO2 surface. Under the conditions of the 

experiment (neutral pH), the deprotonation of these catechol moieties would not 

favorable deprotonate, implying a chemical reaction in which the ligand covalently binds 

to the oxide surface.49 PVD was found to facilitate the mechanism of adsorption on TiO2 

films with a covalent linkage occurring through the catechol moieties of PVD to the Ti 

atoms.46,49 The results from the ATR-IR study suggest the possibility that PVD facilitates 

and mediates Pseudomonas binding to TiO2.49 Indeed, this was further confirmed when 

Pseudomonas was grown on TiO2 where again the characteristic IR peaks for catecholate 

binding was observed. Even after cells were rinsed from the surface, these peaks 

remained confirming a covalent linkage to TiO2.46 Growth of Pseudomonas fluorescens 

in the presence of TiO2 will be discussed in the next section.  
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Figure 5.19. SEM images obtained of (A) anatase TiO2 prior to DFOB exposure (B) 

anatase TiO2 + PVD after 4 days of exposure and (C) anatase TiO2 with PVD after 10 

days of exposure. 
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5.3.7. Growth of Planktonic Pseudomonas fluorescens in Iron-Free SMM in the Presence 

of TiO2, Ti(IV)-citrate and Ti(IV)-DFOB 

 Iron metabolism is a key factor in targeting ways to inhibit Pseudomonas growth 

and biofilm formation. The use of transition metals that are similar to Fe(III) have been 

utilized as a method of “Trojan horse” strategy – where incorporating metals that are 

chemically similar to iron could disrupt iron metabolism.59,60,81 Moreover, the use of 

other siderophore-metal compounds could facilitate a “push pull” mechanism, where the 

siderophore would sequester ferric ions and release the transporter metal into the system 

that could compete with iron binding sites.60 The use of gallium and gallium bound to 

DFOB was used previously as a means to eradicate stationary and biofilm phase 

bacteria.60,81,82 Since biofilms and stationary phase Pseudomonas are often found to grow 

on Ti surfaces, introduction of Ti compounds into cell cultures in iron free media as well 

as biofilm stimulating conditions was conducted to determine these effects. 

Planktonic state Pseudomomas fluorescens was grown in the presence and 

absence of Ti-citrate, Ti-DFOB and 10 mg/mL anatase and rutile TiO2 in SMM to 

stimulate PVD production. According to the binding constants, the PVD produced should 

bind Ti(IV) supplied by Ti-citrate or Ti-DFOB. The growth rate was determined by 

monitoring OD600 for cultures containing bacteria only, Ti-citrate and Ti-DFOB (Figure 

5.20A). Two cultures of bacteria in the absence of Ti compounds were grown as controls. 

Both cultures yielded identical OD values indicated by the red circles and orange squares 

in Figure 5.20A. The OD600 was difficult to measure for the samples containing TiO2 due 

to the inability to centrifuge or filter the TiO2 without removal of the bacteria as well. 
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Aliquots that contained TiO2 were removed at 23 and 46 h and serial dilutions were 

conducted and plated on LB plates, grown at 28° C for 26 h, and colony forming units 

(CFU) were counted (Figure 5.20B). The cells from these aliquots were centrifuged, and 

the UV/Vis spectrum of all the supernatants were obtained to estimate the amount of 

PVD produced. ICP-OES analysis for each sample was used to determine the final 

concentration of Ti in the supernatant. SEM images of the cells exposed to TiO2 were 

collected to determine if the cells were adsorbing to the TiO2 or if the cells were secreting 

PVD to interact with the TiO2.  
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Figure 5.20. Results from planktonic Pseudomonas fluorescens grown in SMM for 46 h; 

A.) Optical density (OD600) in the absence of titanium containing compounds (orange 

squares and red circles), 50 µM Ti:150 µM citrate (green triangles) and 5.25 µM Ti-

DFOB (blue diamonds); B) CFU obtained from P. fluorescens grown in the presence of 

10 mg/mL TiO2; bacteria in the absence of TiO2 (red squares), anatase TiO2 (green 

diamonds), rutile TiO2 (black triangles) 

The presence of Ti-citrate and Ti-DFOB both significantly lowered cell growth 

when compared to titanium free cell cultures. (Figure 5.20A). Metal citrate complexes 

affect Pseudomonas growth56 and the influence of Ti-citrate compounds on stationary 
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phase and biofilm formation of Staphylococcus aureus has been evaluated.83 The results 

obtained from the Staphylococcus study provided insight into our results in which Ti(IV)-

citrate lowered P. fluorescens planktonic growth. Additionally, in regards to Ti-DFOB, 

these results were also consistent with previous reports. The use of Ga(III) and Ga-DFOB 

both significantly lowered planktonic state P.aeruginosa growth.60,81 Taken together, 

these results indicate that Ti-containing compounds could potentially act as a 

antimicrobial agent for combating planktonic phase Pseudomonas spp. Because these 

studies were conducted in media that stimulates PVD production, the supernatant of the 

cultures were analyzed for PVD production and concentrations of [Ti] in solution. Figure 

5.21 shows the UV/Vis spectrum collected of the supernatants of the cell growth in the 

absence (Figure 5.21A) and presence of Ti-DFOB (Figure 5.21B) and Ti-citrate (Figure 

5.21C) and as well as the concentration of Ti detected in the supernatant using ICP-OES 

(Figure 5.22). The bacteria in the absence of Ti(IV) exhibited the characteristic peak 

expected for PVD at pH 7. Ti-citrate increased PVD production, where Ti was bound by 

PVD in solution and finally Ti-DFOB also had a significant increase in absorbance, 

suggesting the greatest amount of PVD produced. The spectrum obtained for the Ti-

DFOB was not characteristic of the Ti-PVD peak, but again representative of PVD only. 

 ICP-OES analysis revealed that the maximum amount of soluble titanium in 

solution occurred when Ti-citrate was in the presence of bacteria, followed by when 

bacteria was in the presence of 10 mg/mL rutile. While it is not certain as to why the 

amount of Ti-citrate in the absence of bacteria is significantly lower, it could be 

hypothesized that somehow precipitate occurs of the Ti-citrate at pH 6 and hydrolysis of 
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the Ti outcompetes for citrate binding. As confirmed, Pseudomonas in the presence of 

anatase TiO2 does not release any soluble titanium, while in the presence of rutile TiO2 

can solubilize Ti into solution. Figure 5.22 shows the amount of [Ti] (µM) after 46 hours 

of incubation.  
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Figure 5.21. UV/Vis spectra obtained from the raw supernatant of P. fluorescens growth 

at 6 h, 23 h, and 46 h; A.) in the absence of Ti; B.) Ti(IV) DFOB; C.) Ti(IV) citrate  
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Figure 5.22. Concentrations of [Ti] (µM) in supernatant after exposure for 46 h obtained 

by ICP-OES:  10 mg/mL anatase (red), 10 mg/mL rutile (orange), Ti-citrate (green), Ti-

DFOB (light blue); concentration of [Ti] in the supernatant with no bacteria – Ti-citrate 

only (dark blue), Ti-DFOB only (purple), anatase only (AO) (gray), rutile only (RO) 

(black) 

The effects of TiO2 on planktonic growth of Pseudomonas fluorescens were 

investigated next. Traditionally, TiO2 has been used as an antimicrobial and antibacterial 

agent when activated using UV light and many reviews are available.84,85 However, 

contrary to this application, biofilms are often found on surfaces that are coated with 

TiO2. So discovering the link between TiO2 and biofilm formation is crucial. There has 

been previous work conducted on the interactions of Pseudomonas with TiO2.9,47,48 In 

this work, it was determined that TiO2 slightly increased planktonic growth of cells as 

shown in Figure 5.20B where CFU were counted over 2 d.  



 

 286 

The observation that PVD does not dissolve Ti from TiO2 but rather adsorbs to 

the surface suggested that this phenomenon could be a link between the stationary phase 

bacteria growth and the initial attachment site of for biofilm growth in Pseudomonas 

(Section 5.3.5 and 5.3.6). The concentration of PVD was significantly decreased in the 

supernatant after growing Pseudomonas in the presence of anatase TiO2 (Figure 5.23). 

Also, after completion of the growth, there was a change of color in the anatase TiO2 

from a white powder prior to exposure to a bright yellow after exposure. This yellow 

color could potentially be attributed to PVD adsorption, because the PVD compound 

itself is yellow. Figure 5.23 shows the UV/Vis spectra of the supernatants of the cell 

growth in the absence (Figure 5.23A) and presence of anatase TiO2 (Figure 5.23B) and 

rutile TiO2 (Figure 5.23C) as well as the concentration of Ti detected in the supernatant 

using ICP-OES (Figure 5.22) after 46 h of growth. The bacteria in the absence of Ti(IV) 

exhibited the characteristic peak expected for PVD at pH 7. When anatase TiO2 was 

incorporated into the cell cultures, the amount of PVD in the supernatant decreases, 

suggesting PVD is attachment to the TiO2 surface, as shown in previous work.46,47,49 

Rutile TiO2 stimulated PVD production, but instead the spectrum appears similar to the 

Ti-PVD solution spectrum as opposed to PVD only. SEM images were obtained of 

bacterial interactions between anatase TiO2 and Pseudomonas fluorescens (Figure 5.24). 

Anatase TiO2 in SMM only is shown in Figure 5.24A. In Figure 5.24B, the bacteria cells 

are adhered to the TiO2 particles and the TiO2 particles are smaller and highly 

aggregated. In Figure 5.24B, the white arrow indicates the bacteria cells that are attached 

to the TiO2 and the green arrow in both A and B indicate TiO2 particles. Similar results 
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were obtained from previous research47 confirming the results shown here.  These results 

as well as the results shown in section 5.3.6 validate previous research that suggested 

PVD acts as the point of attachment to TiO2 surfaces and cells.46,49 

  



 

 288 

 

Figure 5.23. UV/Vis spectrum obtained from the raw supernatant of P. fluorescens 

growth at 6 h, 23 h, and 46 h; A.) in the absence of Ti; B.) anatase TiO2; C.) rutile TiO2  
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Figure 5.24 SEM obtained of anatase TiO2 in the A.) in SMM media only in the absence 

of bacteria and B.) in SMM grown in the presence of Pseudomonas fluorescens; white 

arrow in B indicates bacterial cell attachment and green arrows in both A and B indicate 

TiO2 particles. 
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5.3.8. Growth of Pseudomonas fluorescens Biofilms in the Presence of TiO2, Ti(IV)-

citrate and Ti(IV)-DFOB 

P. fluorescens was grown overnight in LB media to limit PVD production.69 After 

growth, aliquots of bacteria cultures were grown in biofilm promoting media and grown 

in the presence of varying concentrations of 0-33 µM Ti-DFOB, 0-333 µM Ti-citrate, 

anatase TiO2 and rutile TiO2 for ~ 20 h at 28 °C. Biofilm growth in the presence of both 

anatase and rutile TiO2 also led to increased biofilm formation (Figure 5.25), confirming 

previous studies9,46 and the correlation between the increased biofilm growth on TiO2 

surfaces.  

 

 

Figure 5.25. Results from P. fluorescens biofilm growth grown in the presence of TiO2 

monitoring the Abs at 550 nm; media only (blue), bacteria in the absence of TiO2 (red), 

anatase TiO2 (green), rutile TiO2 (black). 
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Ti(IV)-DFOB has been characterized43 and because of the similarity between 

Fe(III), Ga(III), and Ti(IV), introduction of Ti-DFOB was added into cell cultures and 

biofilm formation. As seen in Figure 5.26A, introduction of Ti-DFOB into cell cultures 

caused a significant decrease in the optical density grown in M63 media when compared 

to the control bacteria, with an IC50 of 12.6 µM.  However, when looking at the effects 

into biofilm formation, Ti-DFOB had essentially no effect on either stimulating or 

inhibiting biofilm growth (Figure 5.26A). While initially it seemed surprising, after 

further consideration the reason became more apparent. PVD is considered to be a link 

for biofilm formation and the initiation of PVD binding to a surface stimulates continual 

growth.  While Ga-DFOB showed decreased biofilm activity, the binding constant of 

Ti(IV) to both PVD and DFOB is significantly higher than that of Ga(III) and Fe(III). 

Ga(III) has lower binding to both siderophores then Fe(III).26,86 Therefore, the 

introduction of Ti(IV)-DFOB would essentially show no change because Fe(III) would 

not compete for DFOB binding.  
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Figure 5.26. Effects of titanium-containing compounds on cell growth (Abs at l=600 nm)  

and biofilms (Abs at l=550 nm) where A.) The concentration of Ti-DFOB (µM) when 

added into growth of Pseudomonas fluorescens as a function of normalized abs from 

biofilm assay (red squares) and normalized OD600 (pink circles) and B.) the concentration 

of Ti-citrate (µM) when added into growth of Pseudomonas fluorescens as a function of 

the normalized Abs from biofilm assay (dark blue squares) and normalized OD600 (light 

blue circles). 
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The next compound tested was Ti(IV)-citrate. Ti-citrate has been well 

characterized58 and the presence of citrate transporters in cells can lead to the possibility 

of Ti-citrate transport.56,87 Our studies revealed that in cell cultures Ti-citrate inhibited 

cell growth, with an IC50 of 18.6 µM (Figure 5.26B); however, when introduced into 

biofilm growth, it stimulated the formation of biofilms and increased biofilm growth as 

Ti-citrate concentrations were increased (Figure 5.26B). Metal citrate complexes have 

been studied on Pseudomonas growth56 and the influence of Ti-citrate compounds on 

stationary phase and biofilm formation of Staphylococcus aureus.83 The results obtained 

from the Staphylococcus study provided insight into our results. The authors also noticed 

decreased cell growth with Ti-citrate, but saw increased activity for biofilm formation.83 

In a previous study, it was revealed that Pseudomonas fluorescens could transport metal 

citrate complexes56 across the membrane, and in this case Ti-citrate may be transported as 

well, although the concentration of Ti in the cells still needs to be analyzed. TiO2 and 

titanium compounds are known to generate reactive oxygen species. The effects of 

photoactivated TiO2 on Pseudomonas were previously studied, and these authors found 

eradication of planktonic cells, but no effect on biofilm formation.48 It was also suggested 

that high concentrations of Ti-compounds inside a prokaryotic cell could induce 

oxidative stress, as seen with other metal compounds.83,88 Under oxidative stress, bacteria 

can induce oxidative stress-dependent biofilm formation as a first line of defense for the 

cells.89 If this indeed occurs inside Pseudomonas, than the presence of Ti-citrate could 

stimulate biofilm formation to prevent against oxidative stress, but this hypothesis also 

warrants further work.  
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5.4 Impacts and Conclusions  

 The interactions of the siderophore pyoverdine with Ti(IV) and TiO2 was 

investigated. Pyoverdine was isolated from Pseudomonas fluorescens and the speciation 

of PVD from pH 2-11.8 was determined. To our knowledge, these pKa values are the first 

reported for pyoverdine secreted from P. fluorescens ATCC 13525. After isolation and 

purification, the pH-dependent species for Ti(IV) with PVD were determined, including 

three primary forms: a low pH species occurring below pH 4.2, a mid pH species that 

persists until pH 7.9, followed by a high pH species. Stability constants were determined 

to be log b112 = 49.9, log b111 = 45.7 and a log b110 = 37.8. The latter value was verified 

using competition spectrophotometric titrations with EDTA and displacement isothermal 

titration calorimetry using DFOB. Ti(IV)-PVD forms a significantly stronger complex 

than Fe(III)-PVD. Attempted dissolution experiments of PVD and TiO2 revealed the 

possibility of adsorption to the TiO2 surface rather than the release of soluble Ti(IV) from 

TiO2 as seen previously with DFOB in Chapter 3. Because of the given interactions of 

PVD in solution with Ti(IV), there was sufficient reason to study the interactions of 

P.fluorescens in the presence of Ti(IV)-containing compounds and TiO2. There have 

been reports of increased presence of biofilm and bacterial growth on titanium alloy and 

titanium oxide surfaces with a link that PVD is an important contributor to biofilm 

formation and serves as the point of initial attachment for bacterial adhesion to these 

surfaces.  Looking at these bacterial interactions, experiments revealed that the presence 

of Ti-citrate and Ti-DFOB can decrease planktonic cell growth but stimulates biofilm 

formation. Bacterial growth in the presence of TiO2 showed slight increases for both CFU 



 

 295 

and biofilm growth. Furthermore, Pseudomonas spp. have been shown to have receptors 

for enterobactin and the ferrienterobactin.53,54 Ti(IV)-enterobactin is thought to have 

many orders of magnitude higher specificity for Ti(IV)42 and could act as a possible 

mechanism for uptake of Ti(IV) into cells for both planktonic and biofilm phases (C. 

Herbst-Gervasoni, personal communication). Further work on these interactions are 

needed, but could potentially offer antimicrobial and antibacterial mechanisms to combat 

Pseudomonas growth. Taken together, this work shows the ability of PVD and P. 

fluorescens to bind Ti(IV) and interact with TiO2 when isolated in solution and presence 

of bacteria. These interactions warrant further research as a way to understand biofilm 

and biofouling with possible ways for eradication and inhibition.  

  



 

 296 

5.5 References  

(1)  Addison, O.; Davenport, A. J.; Newport, R. J.; Kalra, S.; Monir, M.; Mosselmans, 

J. F. W.; Proops, D.; Martin, R. A. Do “passive” medical titanium surfaces 

deteriorate in service in the absence of wear? J. R. Soc. Interface 2012, 9, 3161–

3164. 

(2)  Sarmiento-Gonzalez, A.; Encinar, J. R.; Marchante-Gayon, J. M.; Sanz-Medel, A. 

Titanium levels in the organs and blood of rats with a titanium implant, in the 

absence of wear, as determined by double-focusing ICP-MS. Anal. Bioanal. Chem. 

2009, 393, 335–343. 

(3)  Ramya, S.; George, R. P.; Subba Rao, R. V.; Dayal, R. . Detection of algae and 

bacterial biofilms formed on titanium surfaces using micro-Raman analysis. Appl. 

Surf. Sci. 2010, 256, 5108–5115. 

(4)  Cochis, A.; Azzimonti, B.; Della Valle, C.; Chiesa, R.; Renata Arciola, C.; 

Rimondini, L. Biofilm formation on titanium implants counteracted by grafting 

gallium and silver ions. J. Biomed. Mater. Res. A 2015, 103A, 1176–1187. 

(5)  Costerton, J. W.; Stewart, P. S.; Greenburg, E. P. Bacterial biofilms: a common 

cause of persistent infections. Science 1999, 284, 1318–1322. 

(6)  Webb, H. K.; Boshkovikj, V.; Fluke, C. J.; Truong, V. K.; Hasan, J.; Baulin, V. A.; 

Lapovok, R.; Estrin, Y.; Crawford, R. J.; Ivanova, E. P. Bacterial attachment on 

sub-nanometrically smooth titanium substrata. Biofouling 2013, 29, 163–170. 

(7)  Davey, M. E.; O’Toole, G. A. Microbial biofilms: from ecology to molecular 

genetics. Microbiol. Mol. Biol. Rev. 2000, 64, 847–867. 



 

 297 

(8)  Mohammed, R. A.; Helal, A. M.; Sabah, N. Biofouling and microbial induced 

corrosion-A case study. Corros. Sci. Technol. 2008, 7, 27–34. 

(9)  Kougo, T.; Kuroda, D.; Wada, N.; Ikegai, H.; Kanematsu, H. Biofouling of various 

metal oxides in marine environments. J. Phys. Conf. Ser. 2012, 352, 12048. 

(10)  Visca, P.; Imperi, F.; Lamont, I. L. Pyoverdine siderophores: from biogenesis to 

biosignificance. Trends Microbiol. 2007, 15, 22–30. 

(11)  Banin, E.; Vasil, M. L.; Greenberg, E. P. Iron and Pseudomonas aeruginosa 

biofilm formation. PNAS 2005, 102, 11076–11081. 

(12)  Shephard, J.; McQuillan, A. J.; Bremer, P. J. Mechanisms of cation exchange by 

Pseudomonas aeruginosa PAO1 and PAO1 wbpL, a strain with a truncated 

lipopolysaccharide. Appl. Environ. Microbiol. 2008, 74, 6980–6986. 

  



 

 298 

(13)  Workentine, M. L.; Harrison, J. J.; Stenroos, P. U.; Ceri, H.; Turner, R. J. 

Pseudomonas fluorescens’ view of the periodic table. Environ. Microbiol. 2008, 

10, 238–250. 

(14)  Cunrath, O.; Geoffroy, V. A.; Schalk, I. J. Metallome of Pseudomonas aeruginosa: 

a role for siderophores. Environ. Microbiol. 2015, 1–10. 

(15)  Albrecht-Gary, A.-M.; Blanc, S.; Rochel, N.; Ocaktan, A. Z.; Abdallah, M. A. 

Bacterial iron transport: Coordination properties of pyoverdin PaA, a peptidic 

siderophore of Pseudomonas aeruginosa. Inorg. Chem. 1994, 33, 6391–6402. 

(16)  Cornu, J. Y.; Elhabiri, M.; Ferret, C.; Geoffroy, V. A.; Jezequel, K.; Leva, Y.; 

Lollier, M.; Schalk, I. J.; Lebeau, T. Contrasting effects of pyoverdine on the 

phytoextraction of Cu and Cd in a calcareous soil. Chemosphere 2014, 103, 212–

219. 

(17)  Moll, H.; Glorius, M.; Bernhard, G.; Johnsson, A.; Pedersen, K.; Schafer, M.; 

Budzikiewicz, H. Characterization of pyoverdins secreated by a subsurface strain 

of Pseudomonas fluorescens and their interactions with uranium (VI). 

Geomicrobiol. J. 2008, 25, 157–166. 

(18)  Michel, L.; Gonzalez, N.; Jagdeep, S.; Nguyen-Ngoc, T.; Reimmann, C. PchR-box 

recognition by the AraC-type regulator PchR of Pseudomonas aeruginosa requires 

the siderophore pyochelin as an effector. Mol. Microbiol. 2005, 58, 495–509. 

(19)  Butler, A. Acquisition and utilization of transition metal ions by marine organisms. 

Science 1998, 281, 207–210. 

  



 

 299 

(20)  Crumbliss, A. L.; Boukhalfa, H. Chemical aspects of siderophore mediated iron 

transport. Biometals 2002, 15, 325–339. 

(21)  Dhungana, S.; Crumbliss, A. Coordination chemistry and redox processes in 

siderophore-mediated iron transport. Geomicrobiol. J. 2005, 22, 87–98. 

(22)  Sandy, M.; Butler, A. Microbial iron acquisition: marine and terrestrial 

siderophores. Chem. Rev. 2009, 109, 4580–4595. 

(23)  Hider, R. C.; Kong, X. Chemistry and biology of siderophores. Nat. Prod. Rep. 

2010, 27, 637–657. 

(24)  Raymond, K. N.; Allred, B. E.; Sia, A. K. Coordination chemistry of microbial 

iron transport. Acc. Chem. Res. 2015, 48, 2496–2505. 

(25)  Cox, C.; Graham, R. Isolation of an Iron-Binding Compound from Pseudomonas 

aeruginosa. J. Bacteriol. 1979, 137, 357–364. 

(26)  Braud, A.; Hoegy, F.; Jezequel, K.; Lebeau, T.; Schalk, I. J. New Insights into the 

metal specificity of the Pseudomonas aeruginosa pyoverdine-iron uptake pathway. 

Environ. Microbiol. 2009, 11, 1079–1091. 

(27)  Fuchs, R.; Schafer, M.; Geoffroy, V. A.; Meyer, J.-M. Siderotyping-A powerful 

tool for the characterization of pyoverdines. Curr. Top. Med. Chem. 2001, 1, 31–

57. 

(28)  Cox, C.; Adams, P. Siderophore Activity for Pyoverdin for Pseudomonas 

aeruginosa. Infect. Immun. 1985, 48, 130–138. 

  



 

 300 

(29)  Meyer, J. M.; Abdallah, M. A. The fluorescent pigment of Pseudomonas 

fluorescens: Biosynthesis, purification, and physicochemical properties. J. Gen. 

Microbiol. 1978, 107, 319–328. 

(30)  Philson, S. B.; Llinas, M. Siderochromes from Pseudomonas fluorescens I. 

Isolation and Characterization. J. Biol. Chem. 1982, 257, 8081–8085. 

(31)  Schalk, I. J.; Hannauer, M.; Braud, A. New roles for bacterial siderophores in 

metal transport and tolerance. Environ. Microbiol. 2011, 13, 2844–2854. 

(32)  Pattus, F.; Abdallah, M. A. Siderophores and iron-transport in microorganisms. J. 

Chinese Chem. Soc. 2000, 47, 1–20. 

(33)  Visca, P.; Colotti, G.; Serino, L.; Verzili, D.; Orsi, N.; Chiancone, E. Metal 

Regulation of Siderophore Synthesis in Pseudomonas aeruginosa and Functional 

Effects of Siderophore-Metal Complexes. Appl. Environ. Microbiol. 1992, 58, 

2886–2893. 

(34)  Demange, P.; Wendenbaum, S.; Bateman, A.; Dell, A.; Meyer, J. A.; Abdallah, M. 

Bacterial Siderophores: Structure of pyoverdins and related compounds. In Iron 

siderophores and plant diseases; Swinburne, T. R., Ed.; NATO ASI Series A: Life 

Sciences: New York; pp 131–147. 

(35)  Wendenbaum, S.; Demange, P.; Dell, A.; Meyer, J.-M.; Abdallah, M. A. The 

structure of pyoverdin PA, the siderophore of Pseudomonas aeruginosa. 

Tetrahedron Lett. 1983, 42, 45–66. 

  



 

 301 

(36)  Greenwald, J.; Nader, M.; Celia, H.; Gruffaz, C.; Geoffroy, V.; Meyer, J.-M.; 

Schalk, I. J.; Pattus, F. FpvA bound to non-cognate pyoverdines: molecular basis 

of siderophore recognition by an iron transporter. Mol. Microbiol. 2009, 72, 1246–

1259. 

(37)  Linget, C.; Azadi, P.; MacLeod, J. K.; Dell, A.; Abdallah, M. A. Bacterial 

siderophores: The structures of the pyoverdins of Pseudomonas fluorscens ATCC 

13525. Tetrahedron Lett. 1992, 33, 1737–1740. 

(38)  Buzko, V.; Sukhno, I.; Polushin, A.; Pettit, L. D. Aqueous Solutions, 2004. 

(39)  Van Baalen, M. R. Titanium mobility in metamorphic systems: A review. Chem. 

Geol. 1993, 110, 233–249. 

(40)  Buettner, K. M.; Valentine, A. M. Bioinorganic chemistry of titanium. Chem. Rev. 

2012, 112, 1863–1881. 

(41)  Evers, A.; Hancock, R. D.; Martell, A. E.; Motekaitis, R. J. Metal ion recognition 

in ligands with negatively charged oxygen donor groups. Complexation of 

iron(III), gallium(III), indium(III), aluminum(III), and other hightly charged metal 

ions. Inorg. Chem. 1989, 28, 2189–2195. 

(42)  Baramov, T.; Keijzer, K.; Irran, E.; Mosker, E.; Baik, M.-H.; Sussmuth, R. 

Synthesis and structural characterization of hexacoordinate silicon, germanium, 

and titanium complexes of the E. coli siderophore enterobactin. Chem. - A Eur. J. 

2013, 19, 10536–10542. 

  



 

 302 

(43)  Jones, K.; Batchler, K.; Zalouk, C.; Valentine, A. Ti(IV) and the siderophore 

desferrioxamine B: A tight complex has biological and environmental 

implications. Inorg. Chem. 2017, 56, 1264–1272. 

(44)  Igarashi, S.; Yoshida, K.; Yotsuyanagi, T. Simple spectrophotometric 

determination of Desferrioxamine B by color reaction with titanium(IV). Bunseki 

Kagaku 1991, 40, 571–573. 

(45)  Johnstone, T. C.; Nolan, E. M. Beyond iron: non-classical biological functions of 

bacterial siderophores. Dalt. Trans. 2015, 44, 6320–6339. 

(46)  Comeau, J. W. .; Pink, J.; Bezanson, E.; Douglas, C. D.; Pink, D.; Smith-Palmer, 

T. A Comparasion of Pseudomonas aeruginosa biofilm development on ZnSe and 

TiO2 using attenuated total reflection fourier transform infrared spectroscopy. 

Appl. Spectrosc. 2009, 63, 1000–1007. 

(47)  Horst, A. M.; Neal, A. C.; Mielke, R. E.; Sislian, P. R.; Suh, W. H.; Madler, L.; 

Stucky, G. D.; Holden, P. A. Dispersion of TiO2 nanoparticle agglomerates by 

Pseudomonas aeruginosa. Appl. Environ. Microbiol. 2010, 76, 7292–7298. 

(48)  Polo, A.; Diamanti, M. V.; Bjarnsholt, T.; Hoiby, N.; Villa, F.; Pedeferri, M. P.; 

Cappitelli, F. Effects of photoactivated titanium dioxide nanopowders and coatings 

on planktonic and biofilm growth of Pseudomonas aeruginosa. Photochem. 

Photobiol. 2011, 87, 1387–1394. 

(49)  McWhirter, M. J.; Bremer, P. J.; Lamont, I. L.; McQuillan, A. J. Siderophore-

Mediated Covalent Bonding to Metal (Oxide) Surfaces during Biofilm Initiation 

by Pseudomonas aeruginosa bacteria. Langmuir 2003, 19, 3575–3577. 



 

 303 

(50)  McWhirter, M. J.; McQuillan, A. J.; Bremer, P. J. Influence of ionic strength and 

pH on the first 60 min of Pseudomonas aeruginosa attachment to ZnSe and to 

TiO2 monitored by ATR-IR spectroscopy. Colloids Surfaces B Biointerfaces 2002, 

26, 365–372. 

(51)  Upritchard, H. G.; Yang, J.; Bremer, P. J.; Lamont, I. L.; McQuillan, A. J. 

Adsorption to metal oxides for the Pseudomonas aeruginosa siderophore 

pyoverdine and implications for bacterial biofilm formation on metals. Langmuir 

2007, 23, 7189–7195. 

(52)  Poole, K.; McKay, G. A. Iron acquisition and its control in Pseudomonas 

aeruginosa: Many roads lead to Rome. Front. Biosci. 2003, 8, d661–d686. 

(53)  Poole, K.; Young, L.; Neshat, S. Enterobactin-mediated iron transport in 

Pseudomonas aeruginosa. J. Bacteriol. 1990, 172, 6991–6996. 

(54)  Meyer, J.-M. Exogenous siderophore-mediated iron uptake in Pseduomonas 

aeruginosa: possible involved of porin OprF in iron translocation. J. Gen. 

Microbiol. 1992, 138, 951–958. 

(55)  Cox, C. D. Iron uptake with ferripyochelin and ferric citrate by Pseudomonas 

aeruginosa. J. Bacteriol. 1980, 142, 581–587. 

(56)  Joshi-Tope, G.; Francis, A. J. Mechanisms of biodegradation of metal-citrate 

complexes by Pseudomonas fluorescens. J. Bacteriol. 1995, 177, 1989–1993. 

(57)  Jurkevitch, E.; Hadar, Y.; Chen, Y. Differential siderophore utilization and iron 

uptake by soil and rhizosphere bacteria. Appl. Environ. Microbiol. 1992, 58, 119–

124. 



 

 304 

(58)  Collins, J. M.; Uppal, R.; Incarvito, C.; Valentine, A. M. Titanium(IV) citrate 

speciation and structure under environmentally and biologically relevant 

conditions. Inorg. Chem. 2005, 44, 3431–3440. 

(59)  Budzikiewicz, H. Siderophore-antibiotic conjugates used as trojan horses against 

Pseudomonas aeruginosa. Curr. Top. Med. Chem. 2001, 1, 73–82. 

(60)  Banin, E.; Lozinski, A.; Brady, K. M.; Berenshtein, E.; Butterfield, P. W.; Moshe, 

M.; Chevion, M.; Greenburg, E. P.; Banin, E. The potential of desferrioxamine-

gallium as an anti-Pseudomonas therapeutic agent. PNAS 2008, 105, 16761–

16766. 

(61)  Schwyn, B.; Neilands, J. B. Universal Chemical Assay for the Detection and 

Determination of Siderophores. Anal. Biochem. 1987, 160, 47–56. 

(62)  Shinozaki, Y.; Akutsu-Shigeno, Y.; Nakajima-Kambe, T.; Inomata, S.; Nomura, 

N.; Nakahara, T.; Uchiyama, H. Inhibition of matrix metalloproteinase-2 activity 

by siderophores Pseudomonas species. Appl. Microbiol. Biotechnol. 2004, 64, 

840–847. 

(63)  Rossotti, F. J. C.; Rossotti, H. Potentiometric titrations using Gran plots. J. Chem. 

Educ. 1965, 42, 375–378. 

(64)  Martell, A. E.; Motekaitis, R. J. Determination and Use of Stability Constants, 2nd 

ed.; Wiley-VCH, Inc.: New York, NY, 1992. 

(65)  Binstead, R. A.; Jung, B.; Zuberbuhler, A. D. Specfit/32, 2001. 

(66)  Job, P. Recherches sur la formaton des complexes mineraux en solution et sur leur 

stabilite. Ann. Chim. Fr. 1928, 9, 113–203. 



 

 305 

(67)  O’Toole, G. A. Microtiter dish biofilm formation assay. J. Vis. Exp. 2011, 30, 

2437–2438. 

(68)  Merritt, J. H.; Kadouri, D. E.; O’Toole, G. A. Growing and analyzing static 

biofilms. Curr. Protoc. Microbiol. 2011, 22, 1B.1.1-1B.1.18. 

(69)  O’Toole, G. A.; Pratt, L. A.; Watnick, P. I.; Newman, D. K.; Weaver, V. B.; 

Kolter, R. Genetic approaches to study of biofilms. Methods Enzymol. 1999, 310, 

91–109. 

(70)  Bouby, M.; Billard, I.; MacCordick, J. Complexation of Th(IV) with the 

siderophore pyoverdine A. J. Alloys Compd. 1998, 271–273, 206–210. 

(71)  Pecsok, R. L.; Maverick, E. F. A polarographic study of the titanium-

ethylenediaminetetraacetate complexes. J. Am. Chem. Soc. 1954, 76, 358–362. 

(72)  Martell, A. E.; Smith, R. M.; Motekaitis, R. J. Database 46: NIST Critically 

Selected Stability Constants of Metal Complexes. 

(73)  Fackler Jr., J. P.; Kristine, F. J.; Mazany, A. M.; Moyer, T. J.; Shepherd, R. E. The 

Absence of a Titanyl Oxygen in the Ti(IV)-edta 4- Complex: [Ti(edta)(H2O). 

Inorg. Chem. 1985, 24, 1857–1860. 

(74)  Grossoehme, N. E.; Spuches, A. M.; Wilcox, D. E. Applications of isothermal 

titration calorimetry in bioinorganic chemistry. J. Biol. Inorg. Chem. 2010, 15, 

1183–1191. 

(75)  Quinn, C. F.; Carpenter, M. C.; Croteau, M. L.; Wilcox, D. E. Isothermal titration 

calorimetry. In Methods in Enzymology; Elsevier Inc., 2016; pp 3–21. 

  



 

 306 

(76)  Krainer, G.; Broecker, J.; Vargas, C.; Fanghanel, J.; Keller, S. Quanitifying high-

affinity binding of hydrophobic ligands by isothermal titration calorimetry. Anal. 

Chem. 2012, 84, 10715–10722. 

(77)  Bandow, N.; Gilles, V. S.; Freesmeier, B.; Semrau, J. D.; Krentz, B.; Gallagher, 

W.; McEllistrem, M. T.; Hartsel, S. C.; Choi, D. W.; Hargrove, M. S.; et al. 

Spectral and copper binding properties of methanobactin from the facultative 

methanotroph Methylocystis strain SB2. J. Inorg. Biochem. 2012, 110, 72–82. 

(78)  Parrello, D.; Zegeye, A.; Mustin, C.; Billard, P. Siderophore-mediated iron 

dissolution from nontronites is controlled by mineral cristallochemistry. Front. 

Microbiol. 2016, 7, 1–11. 

(79)  Ferret, C.; Sterckeman, T.; Cornu, J.-Y.; Gangloff, S.; Schalk, I. J.; Geoffroy, V. 

A. Siderophore-promoted dissolution of smectite by fluorescent Pseudomonas. 

Environ. Microbiol. Rep. 2014, 6, 459–467. 

(80)  Kalinowski, B. E.; Johnsson, A.; Arlinger, J.; Pedersen, K. Microbial mobilization 

of uranium from shale mine waste. Geomicrobiol. J. 2006, 23, 157–164. 

(81)  Kaneko, Y.; Thoendel, M.; Olakanmi, O.; Britigan, B. E.; Singh, P. K. The 

transition metal gallium disrupts Pseudomonas aeruginosa iron metabolism and 

has antimicrobial and antibiofilm activity. J. Clin. Invest. 2007, 117, 877–888. 

(82)  Valappil, S. P.; Yiu, H. H. P.; Bouffier, L.; Hope, C. K.; Evans, G.; Claridge, J. B.; 

Higham, S. M.; Rosseinsky, M. J. Effect of novel antibacterial gallium-

carboxymethyl cellulose on Pseudomonas aeruginosa. Dalt. Trans. 2013, 42, 

1778–1786. 



 

 307 

(83)  Gritsenko, V. A.; Ajsuvakova, O. P.; Tinkov, A. A.; Bezryadin, S. G.; Gatiatulina, 

E. R.; Ivanova, V. Y.; Chevela, V. V.; Nikonorov, A. A. The effect of the Ti(IV)-

citrate complex on Staphylococcus aureus growth and biofilm formation. Arch. 

Biol. Sci. 2015, 67, 981–992. 

(84)  Foster, H. A.; Ditta, I. B.; Varghese, S.; Steele, A. Photocatalytic disinfection 

using titanium dioxide: Spectrum and mechanism of antimicrobial activity. Appl. 

Microbiol. Biotechnol. 2011, 90, 1847–1868. 

(85)  Hossain, F.; Perales-Perez, O. J.; Hwang, S.; Román, F. Antimicrobial 

nanomaterials as water disinfectant: Applications, limitations and future 

perspectives. Sci. Total Environ. 2014, 466–467, 1047–1059. 

(86)  Borgias, B.; Hugi, A. D.; Raymond, K. N. Isomerization and solution structures of 

desferrioxamine-B complexes of Al3+ and Ga3+. Inorg. Chem. 1989, 28, 3538–

3545. 

(87)  Tinoco, A. D.; Valentine, A. M. Ti(IV) binds to human serum transferrin more 

tightly than does Fe(III). JACS 2005, 127, 11218–11219. 

(88)  Páez, P. L.; Bazán, C. M.; Bongiovanni, M. E.; Toneatto, J.; Albesa, I.; Becerra, 

M. C.; Argüello, G. a. Oxidative stress and antimicrobial activity of chromium 

(III) and ruthenium (II) complexes on Staphylococcus aureus and Escherichia coli. 

Biomed Res. Int. 2013, 2013, 906912. 

(89)  Kulkarni, R.; Antala, S.; Wang, A.; Amaral, F. E.; Rampersaud, R.; LaRussa, S. J.; 

Planet, P. J.; Ratner, A. J. Cigarette smoke increases Staphylococcus aureus 

biofilm formation via oxidative stress. Infect. Immun. 2012, 80, 3804–3811. 



 308 

APPENDIX A 

PROTONATION CONSTANTS AND STABILITY CONSTANTS USED IN 

CALCULATIONS FOR FITTING SPECTROPOTENTIOMETRIC DATA AND 

COMPETITION DATA WITH EDTA AND DFOB1-3 

 

1.) Martell, A.E.; Smith, R.M.; Motekaitis, R.J. Database 46: NIST Critically 
Selected Stability Constants of Metal Complexes. 

2.) Pescok, R.L.; Maverick, E.F. A polarographic study of the titanium-
ethylenediaminetetraacetate complexes. J. Am. Chem. Soc. 1954, 76, 358-362. 

3.) Fackler Jr., J.P.; Kristine, F.J.; Mazany, A.M.; Moyer, T.J.; Sheperd, R.E. The 
absence of a titanyl oxygen in the Ti(IV)-edta-4- complex: [Ti(edta)(H2O)]. Inorg. 
Chem. 1985, 24, 1857-1869.  
 

 

 Ligand Equilibria Constants 
DFOB H+ + [DFOB]3- ⇄ [HDFOB]2- log b1 = 10.84 
 2H+ + [DFOB]3- ⇄ [H2DFOB]- log b2 = 20.39 
 3H+ + [DFOB]3- ⇄ [H3DFOB] log b3 = 29.37 
 4H+ + [DFOB]3- ⇄ [H4DFOB]+ log b4 = 37.69 
   
EDTA H+ + [EDTA]4- ⇄ [HEDTA]3- log b1 = 9.52 
 2H+ + [EDTA]4- ⇄ [H2EDTA]2- log b2 = 15.65 
 3H+ + [EDTA]4- ⇄ [H3EDTA]- log b3 = 18.34 
 4H+ + [EDTA]4- ⇄ [H4EDTA] log b4 = 20.34 
   
Ti(IV) hydrolysis Ti4+ +  H2O ⇄ [Ti(OH)]3+ + H+ log K1 = 0.3 
 Ti4+ +  2H2O ⇄ [Ti(OH)2]

2+ + 2H+
 log K2 = 1.38 

 Ti4+ +  3H2O ⇄ [Ti(OH)3]
+  + 3H+ log K3 = -0.72 

 Ti4+ +  4H2O ⇄ Ti(OH)4 
 + 4H+ log K4 = -4.42 

 Ti4+ +  5H2O ⇄ [Ti(OH)5]
- + 5H+ log K5 = -14.52 

   
PVD H+ + [PVD]4- ⇄ [HPVD]3- log b1 = 11.9 

 2H+ + [PVD]4- ⇄ [H2PVD]2- log b2 = 21.5 
 3H+ + [PVD]4- ⇄ [H3PVD]- log b3 = 29.7 
 4H+ + [PVD]4- ⇄ [H4PVD] log b4 = 35.7 
 5H+ + [PVD]4- ⇄ [H5PVD]+ log b5 = 39.6 
 6H+ + [PVD]4- ⇄ [H6PVD]2+ log b6 = 44.1 
   

M-L Conditions Ti(IV) + [EDTA]4- ⇄ [TiEDTA] log b = 19.4 
 Ti(IV) + H+ + [DFOB]3- ⇄ [TiHDFOB]2+ log b111 = 41.7 
 Ti(IV) + [DFOB]3- ⇄ [TiDFOB]+ log b110 = 38.1 
 Ti(IV) + H2O + [DFOB]3- ⇄  

                              [Ti(IV)(OH)DFOB] + H+ 
log b11-1 = 30.1 

 Ti(IV) + [HDFOB]2- ⇄ [TiHDFOB]2+ log Kf  = 30.9 
 Ti(IV)+[PVD]4-+2H+ ⇄ [TiH2PVD] log b112 = 49.9 
 Ti(IV)+[PVD]4-+H+ ⇄ [TiHPVD]+ log b111 = 45.7 
 Ti(IV)+[PVD]4- ⇄ [TiPVD] log b110 = 37.8 
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APPENDIX B 

ALTERNATIVE WAY TO FORMULATE BINDING CONSTANTS FOR 

HYDROLYSIS-PRONE METALS 

Determining Kf using the paradigm of Whisenhunt1 et al:  

 

Kf = 
("#$)("#$&)("'()*)

("+,(-&).)("/
&)

        where KML = 108 and KMLH = 103.8 

and 

	Ti(OH)5+	(aq)	+	3H+	⇄	Ti4+	+	3H2O		

	K78(9:). = 	
[78=>]

[78(9:).]>[:>].
	=	100.72	

and		

Ti(IV) + DFOB3- ⇄ [Ti(IV)(DFOB)]+  

Kcomp = 
[78(@A)(BC9D)]>

78(9:). [BC9D].E
=1038.1 

 

yielding a value of log Kf = 39.4 as defined above at pH > 3.5. 

 

 
1.) Whisenhunt, D.W.; Neu, M.P.; Hou, Z.; Xu, J.; Hoffman, D.C.; Raymond, K.N. 

Specific sequestering agents for the actinides. 29. Stability of the thorium(IV) 
complexes of desferrioxamine B (DFO) and three octadentate catecholate or 
hydroxypyridinonate DFO derivatives: DFOMTA, DFOCAMC, and DFO-1,2,-
HOPO. Inorg. Chem. 1996, 35, 4128-4136. 
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APPENDIX C 

CALCULATIONS OF BINDING CONSTANTS FOR TI(IV)-DFOB USING ITC 

 

To determine the stability constant for [Ti(IV)(HDFOB)]2+ by using ITC, a complex of 

a moderate ligand (EDTA) bound to Ti(IV) is titrated into a stronger ligand (DFOB) to 

obtain an apparent equilibrium constant (KITC). The overall reaction is:  

Ti(IV)EDTA + H4DFOB+ + H+ ⇄ [Ti(IV)(HDFOB)]2+ + H4EDTA  

KITC = 
[78(@A):BC9D]/> :=FB7G
78(@A)FB7G :=BC9D> :>

 

 
 The ITC fit returns the apparent dissociation constant (KD,app = 2.41 x 10-6); this 

value corresponds to a KITC for the reaction above of KITC = 1/KD,app = 4.15 x 105.  

 Relevant individual equilibria include: 

Ti(IV) + DFOB3- + H+ ⇄ [Ti(IV)(HDFOB)]2+  

b111 = 
[78(@A)(:BC9D)]/>

:> 78(@A) [BC9D.E]
 

 
Ti(IV) + EDTA4- ⇄ [Ti(IV)EDTA]  

bTi·EDTA = 
78(@A)FB7G

78(@A) [FB7G=E]
 = 1019.4 

 
DFOB3- + 4H+ ⇄ H4DFOB+  

bDFOB·4H = 
:=BC9D>

[BC9D.E] :> = = 1037.69 
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EDTA4- + 4H+ ⇄ H4EDTA  

bEDTA·4H = 
:=FB7G

[FB7G=E] :> = = 1020.34 

 

 

so that KITC = 
[78(@A):BC9D]/> :=FB7G
78(@A)FB7G :=BC9D> :>

 = b111 · (1/bTi·EDTA) · (1/bDFOB·4H) · 

bEDTA·4H  

 

 4.15 x 105 = b111· (1/1019.4) · (1/1037.69) · (1020.34) 
 

 log b111 = 42.4 

 We note that this analysis considers H4EDTA as the predominant form of EDTA, 

which it would be under the reaction conditions (Figure S9). If however, the form of 

released EDTA were H3EDTA-, then the relevant equilibria would be:  

 
Ti(IV)EDTA + H4DFOB+ ⇄ [Ti(IV)(HDFOB)]2+ + H3EDTA-  

KITC = 
[78(@A):BC9D]/> :.FB7GE

78(@A)FB7G :=BC9D>
 

 
EDTA4- + 3H+ ⇄ H3EDTA-  

bEDTA·3H = 
:.FB7GE

[FB7G=E] :> . = 1018.34 

 

with the corresponding log b111 = 44.4. 
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APPENDIX D 

CALCULATIONS OF BINDING CONSTANTS FOR TI(IV)-PVD USING ITC 

 
To determine the stability constant for [Ti(IV)(H2PVD)]2+ by using ITC, a complex of a 

moderate ligand (DFOB) bound to Ti(IV) is titrated into a stronger ligand (PVD) to obtain 

an apparent equilibrium constant (KITC). The overall reaction is:  

[Ti(IV)HDFOB]+ + H6PVD2+ ⇄ [Ti(IV)(H2PVD)]2+ + H4DFOB+ + H+ 

KITC = 
[78(@A):/HAB]/> :=BC9D >	[:]>

[78 @A :BC9D]>[:IHAB]/>
 

 
 The ITC fit returns the apparent dissociation constant (KD,app = 19.3 x 10-6); this 

value corresponds to a KITC for the reaction above of KITC = 1/KD,app = 5.13x 104.  

 

 Relevant individual equilibria include: 

Ti(IV) + [PVD]4- + 2H+ ⇄ [Ti(IV)(H2PVD)]2+  

b112 = 
[78(@A)(:/HAB)]/>

78(@A) HAB=E [:>]/
 

 
Ti(IV) + DFOB3- + H+ ⇄ [Ti(IV)HDFOB]+  

bTi·DFOB = 
[78 @A :BC9D]>

78(@A) BC9D.E [:]>
 = 1040.3 

 
PVD4- + 6H+ ⇄ H6PVD2+  

bPVD·6H = 
:IHAB/>

[HAB=E] :> I = 1044.57 
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DFOB3- + 4H+ ⇄ H4DFOB+  

bDFOB·4H = 
:=BC9D>

[BC9D.E] :> = = 1037.69 

 

so that KITC = 
[78(@A):/HAB]/> :=BC9D> [:>]
[ 78 @A :BC9D ]> :IHAB/>

 = 

 b112 · (1/bTi·HDFOB) · (1/bPVD·6H) · bDFOB·4H  

 

 4.15 x 105 = b111· (1/1040.3) · (1/1044.57) · (1037.69) 
 

 log b112 = 51.4 

   

 

 
 

 

 


