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ABSTRACT 

 

 The water solubility of transition metals constrain their use in the bioinorganic 

chemistry of organisms. Iron(III) is one of the most sought-after metals by organisms; 

however, it has poor solubility in water at physiological pH. Prior to the great oxidation 

event (GOE) 2.4 billion years ago, iron was more bioavailable in the 2+ oxidation state. 

This higher water solubility sustained a greater supply of iron to organisms that required 

it. Since the GOE and the oxidation of Fe(II) to Fe(III), organisms have been evolving 

methods to sequester iron from the environment. One method to obtain iron is through the 

use of low molecular weight molecules called siderophores which solubilize Fe(III) from 

their environment through chelation. The strongest siderophore to date is enterobactin (ent) 

which forms a Fe-ent complex with an association constant of 1049. While iron is utilized 

by most organisms, titanium is also a bioactive metal. Titanium is second to iron in 

abundance of transition metals in the Earth’s crust and is becoming increasingly relevant 

in medicine, technology, and commercial goods. Titanium(IV) (the most common 

oxidation state of titanium) also has a larger charge to size ratio than Fe(III) and may 

outcompete iron for binding. The already high abundance and increasing usage of titanium 

in the developed world leads to possible undocumented interactions between titanium and 

siderophores. 

 In an attempt to address the natural selection of the chemical elements during 

bioinorganic evolution, the solution interactions of Ti(III), Ti(IV), Fe(II), and Zn(II) with 

sulfide in a solution mimicking the sulfidic early ocean were explored. Anaerobic metal 

solutions were added to solutions with ocean-mimicking salts, acetic acid buffer, and 
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increasing concentrations of sodium sulfide. After equilibration, the soluble metal ion 

concentrations were measured using ICP-OES. 

Catechol ligands are important bioinorganic chelators. The synthesis and 

crystallization of the disodium, dilithium, and diammonium salts of the model catechol 

ligand 4,5-dihydroxy-1,3-benzenedisulfonate (tiron) are described. The dilithium and 

diammonium salts were synthesized from the disodium tiron salt by cation metathesis. The 

crystals were obtained by solvent evaporation in either alcohols or water. Crystal structures 

were acquired, solved, and analyzed revealing inter- and intramolecular interactions in the 

dictation tiron crystal structures. 

The synthesis of the siderophore enterobactin (ent) was improved upon from 

published methods to increase purity. Following the synthesis of ent, spectrophotometric 

techniques were used to analyze Ti-ent complex stability. Spectrophotometric titrations 

were carried out from p[H] 2-12 revealed that the fully catecholate bound [Ti(ent)]2- 

complex was the only species in the p[H] range 2-9. Above a p[H] value of 9 the trilactone 

backbone apparently hydrolyzed. This result indicates that protons cannot outcompete 

Ti(IV) binding at low p[H] and hydroxide cannot outcompete ent for binding to Ti(IV) at 

high p[H]. Using various Ti(IV)-ligand complexes, the log b110 for Ti-ent was probed at 

pH 6. The complex [Ti(DFOB)]+ (log b110 = 38.1) with 1000 fold excess desferrioxamine 

B (DFOB) was unable to compete with ent and every addition of ent lead to the formation 

of [Ti(ent)]2- yielding a lower limit log b110 of 52.9. The catecholate ligand tiron was used 

in a 4000:1 ratio of tiron:Ti(IV) forming [Ti(tiron)3]8- (log b130 = 57.6) to attempt to 

compete with ent. This yielded a lower limit log b110 for [Ti(ent)]2- of 61.2.  



v 

Kinetic studies of titanium sequestration from titanium containing species was also 

investigated. Using Ti(IV) complexes such as [Ti(DFOB)]+, [Ti(citrate)3]8-, and the 

titanium complex of human serum transferrin (Ti2HsTf) as the Ti(IV) source, the rate of 

titanium sequestration by ent was probed. Taken together, these findings indicate that ent 

is a strong binder of Ti(IV); however, it binds relatively slowly. 

 Strong binding ligands are able to coordinate and dissolve metal ions from the 

surface of metal oxides. Titanium mostly exists in the solid oxide form in the Earth’s crust, 

thus solubilization of these oxides may be important for Ti(IV) incorporation into an 

organism. To determine the effects of ent in solution at a TiO2 interface, 50 µM ent was 

added to a series of suspensions of TiO2 at pH 5 ± 0.5 with different loadings for 176 h. 

The [Ti]max for all anatase trials averaged to be approximately 20 – 25 µM indicating 40 – 

50% ent efficacy for TiO2 dissolution. This value was compared to previously reported 

TiO2 dissolution by 2 mM DFOB at pH 2 as well as dissolution of 50 µM and 150 µM 

DFOB and tiron, respectively, at pH 5 ± 0.5. Surface interactions between ent and anatase 

were probed using ATR-IR. 

 One extension of this work related to the avid Fe(III) ligand deferasirox (DSX). 

DSX is an orally administered chelator for Fe(III) overload. A Ti(IV)-DSX complex may 

be useful as an anticancer drug. The solution chemistry of DSX with Ti(IV) was 

characterized utilizing spectrophotometric and mass spectrometric techniques. A series of 

titrations with Ti(IV) and DSX from pH 6.7-11.2 revealed two distinct species. Additions 

of [Ti(HDSX)(DSX)]- to bovine serum albumin (BSA) indicated that the 

[Ti(HDSX)(DSX)]- complex binds to BSA. This transfer is possibly an important step in 
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the efficacy of Ti(IV) anticancer drugs and may relate to the possible mechanism for Ti(IV) 

delivery into cancerous cells. 
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 1 

CHAPTER 1. 

CO-EVOLUTION OF IRON(III) AND TITANIUM(IV) IN BIOLOGICAL 

SYSTEMS 

 
1.1 Introduction 

The possibility which life began and evolved has been a question that has 

continually intrigued scientists and non-scientists alike. While it may never be possible to 

definitively know what conditions engendered life, the progression, of early life can be 

approximated by having an understanding of the conditions on Earth as well as the 

chemistry of elements.1 Generally, elemental requirements for organisms reflect the time 

in which the organism first evolved. Therefore, the elemental requirements of organisms 

can provide a glimpse into the past conditions of Earth. For example, iron is heavily 

required by most organisms but its current availability is limited due to the insolubility of 

the Fe(III) oxidation state. The high demand but low availability implies that at some time, 

iron was more bioavailable. The abundance of iron throughout the history of Earth has been 

heavily studied and modeled to explain currently observed iron requirements. Data about 

the chemical speciation of titanium with respect to time is much more lacking. Limited 

information exists regarding how available titanium might have been to organisms. A 

reason for this deficiency is that no studied organism has demonstrated a requirement for 

titanium. Presented here is a consideration of the possibility that titanium might have been 

available and useful to an organism while still avoiding modern detection by experimental 

means. 

Most organisms require iron to live and as such the importance of iron in biology 

is widely accepted. One reason for iron’s high demand in organisms is its versatility.2 
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Among other uses, iron can be used in enzymes as a redox active or a Lewis acidic 

cofactor.3 A second reason for iron’s extensive usage in Earth’s biome is its high 

abundance. Iron is the most abundant transition metal and fourth most abundant metal in 

the Earth’s crust4 though its bioavailability is a more complicated story. 

In the Archean period, 3.85 billion years ago, the most common oxidation state of 

iron was the 2+ state.5 Of all the available environments on Earth during this time, life was 

most likely located in the ocean.6 Models of the early ocean suggest a high concentration 

of sulfide relative to present day values.7 The sulfides in the ocean dictate what metals are 

present in solution based on the solubility of the metal sulfides that inevitably form. Certain 

metals, such as zinc, were scarce in the early ocean due to the low solubility of zinc 

sulfides.7 On the other hand, iron sulfides are more soluble than zinc sulfides, thus soluble 

Fe(II) was more abundant in the early ocean.7 Because organisms utilize metal ions which 

are immediately available to them, it is no surprise that the higher availability of Fe(II) led 

to a high usage of iron in organisms that evolved at that time.1 The adequate supply of 

oceanic Fe(II) persisted until the concentration of dioxygen in the atmosphere dramatically 

increased, leading to oxidation of Fe(II) to less-soluble Fe(III). 

The great oxidation event (GOE) occurred approximately 2.4 billion years ago 

when dioxygen abruptly increased to a concentration that was detrimental to anaerobic 

life.8 It is generally believed that the increase in atmospheric oxygen was due to 

photosynthetic prokaryotic organisms called cyanobacteria; however, there is likely a more 

comprehensive mechanism that lead to the accumulation of atmospheric dioxygen.5 A 

striking modern trace of the GOE is the banded iron formations which occurred due to 

oxygen oxidizing Fe(II) to form Fe2O3 which sank to the bottom of the primordial ocean 
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forming a series of red bands.9 Even more compelling evidence for the presence of 

dioxygen in the atmosphere is the mass-independent fractionation (MIF) of sulfur 

isotopes.10 The GOE, while beneficial for dioxygen metabolizing organisms, was 

catastrophic for anaerobic bacteria, causing a divide in how organisms approached metal 

sequestration. 

Because Fe(II) is more water soluble at physiological pH than Fe(III), Fe(II) was 

more readily available to organisms prior to the GOE.7 After oxygen became more 

prevalent in the atmosphere, Fe(II) was oxidized to Fe(III), thus decreasing the 

concentration of iron in oceans. Furthermore, the sulfides present in the ocean were 

oxidized to sulfates which allowed previously precipitated metal sulfides such as zinc and 

copper to be soluble in water.7 Discrepancies in metal requirements between more ancient 

prokaryotic organisms and evolutionarily younger eukaryotic organisms suggest that 

enzymes rarely change drastically after their establishment by an organism.11 For example, 

cyanobacteria evolved as early as 3.2 billion years ago and have an almost absolute 

requirement for cobalt but not zinc.7 Eukaryotic algae, on the other hand, evolved after the 

GOE and require high concentrations of zinc to survive.7 Zinc can even be used as a 

substitute for cobalt in eukaryotic phytoplankton as in carbonic anhydrase.12 Furthermore, 

cyanobacteria exhibit sensitivity towards copper and high sensitivity towards cadmium.7 

In contrast, eukaryotic cells require copper for some of their metalloprotein active sites 

such as superoxide dismutase. These ancient conditions of low solubility of zinc, copper, 

and cadmium are apparent when comparing the relative age of organisms as their 

enzymatic needs have remained fairly constant through time. Therefore, the requirement 

of iron initially developed by prokaryotes would not be simply replaced by another more 
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soluble metal, especially considering the incredible versatility of iron. A method in which 

iron could be obtained from the environment would be necessary for the survival of 

prokaryotic cells. 

Upon oxidation of Fe(II) to Fe(III), the Lewis acidity of iron was increased, thus 

the affinity of Fe(III) to oxygen atoms increased in respect to other coordinating atoms. It 

is this characteristic that some prokaryotes utilized when evolving a way to obtain iron 

from the environment. Siderophores are low molecular weight molecules that have very 

high affinity for Fe(III). They utilize oxygen donors such as hydroxamate, catecholate, and 

a-hydroxycarboxylate acid moieties to powerfully bind and solubilize Fe(III) so that it can 

be returned to the cell and used by the organism.13 These moieties tend to be covalently 

bonded to a linker which allows for a thermodynamically favorable coordination of Fe(III) 

in which hexadentate octahedral coordination is usually preferred.13 The thermodynamic 

stability of these Fe(III)-siderophore complexes are sometimes so high that they can 

solubilize iron from iron oxides.13 The Fe(III)-siderophore complex is very stable due to 

the hard Lewis acidic nature of Fe(III); however, there are other metal cations which could 

be more Lewis acidic than Fe(III). 

At an abundance of 0.6%, titanium is the ninth most abundant element and second 

most abundant transition metal in the Earth’s crust.4 Of all the transition metal ions, Ti(IV) 

is one of the most Lewis acidic. The Lewis acidity of Ti(IV) is due to the high charge to 

size ratio that affects the chemistry of Ti(IV) in aqueous solution (Table 1.1). In comparing 

Ti(IV) to Fe(III), the +4 charge of Ti(IV) allows the charge to radius ratio (z/r) to be 

significantly higher than that of Fe(III) even though the radius of Fe(III) is only slightly 

larger than Ti(IV).14 This increase in charge density leads to a difference in properties 
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between Fe(III) and Ti(IV) in aqueous solution. The formation constant with hydroxide is 

higher for Ti(IV) than Fe(III) because of the greater charge density for Ti(IV) and better 

orbital overlap. Like Fe(III), Ti(IV) forms mostly insoluble oxides at physiological 

conditions, however current physiological conditions are significantly different than 

conditions billions of years ago. 

Before the GOE, the atmosphere was largely absent of oxygen and the oceans had 

redox potentials as low as -0.5 V as compared to the current redox potential of 0.8 V (at 

the surface of the ocean).15 In addition to a lower reduction potential, the oceans were more 

acidic with a pH between 2.0 and 5.0.15 Because of these conditions, the speciation of 

titanium in Earth’s oceans may have been different than what is seen today. Much as iron 

existed primarily as Fe(II), it is possible that any solubilized titanium in the early oceans 

existed as Ti(III) as seen in the Pourbaix diagram of titanium (Figure 1.1).  The comparison 

of Fe(II) to Ti(III) shows trends similar to Fe(III) and Ti(IV). The charge to size ratio of 

Ti(III) is significantly higher than Fe(II) causing a lower pKa1 of the respective hexaaqua 

metal complex and a higher formation constant of the metal hydroxide complex (Table 

1.1). Much like the solubility decrease of the Fe(II) oxidation to Fe(III), upon oxidizing 

Ti(III) to Ti(IV), the solubility decreases.16 Following the GOE, if some fraction of 

titanium existed as Ti(III) it was likely oxidized to Ti(IV) reducing the solubility. 
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Figure 1.1: Calculated Pourbaix Diagram of a 10 µM Ti2+ hydrated titanium system 

adapted from Acevedo-Peña, et. al.17 A possible typo is noted at pH values from 0-2 and 

reduction potentials at approximately 0-2 V vs. SHE for the species TiO2
+. The correct 

species is possibly TiO2+ based on other Pourbaix diagrams of hydrated Ti2+. 
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Table 1.1: Comparison of various physical attributes of Fe(II), Fe(III), Ti(III), and Ti(IV). 
 Fe(II) Fe(III) Ti(III) Ti(IV) 
radius (Å)a 0.77 0.645 0.67 0.605 
z/r 2.6 4.65 4.5 6.61 

pKa1 ([M(OH2)6]n+) 9.51b 2.5c 2.2d -0.3e 

logK1 (OH-) 4.3 (µ = 0.1)b 11.5 (µ = 0.5)c 11.8 (µ = 0.5)f 14.3 (µ = 12)e 

a Adapted from Shannon, R. D. Acta Crystallogr. Sect. A. 1976.14 Ionic radii assume a 

coordination number of six and high spin iron cations. 

b Adapted from Millero, F. J., Hawke, D. J. Mar. Chem. 1992.18 

c Adapted from Stefansson, A. Environ. Sci. Technol. 2007.19 

d Adapted from Brown, P., Ekberg, C. Hydrolysis of Metal Ions. 2016.16 

e Adapted from Ciavatta, L., Ferri, D., Riccio, G. Polyhedron. 1985.20 

f Adapted from Pecsok, R., Fletcher, A. Inorg. Chem. 1962.21 
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The Pourbaix diagram above (Figure 1.1) is constructed for hydrated (amorphous 

TiO2. The most common crystalline forms of TiO2 are rutile and anatase.22 The solubility 

of crystalline TiO2 in physiological conditions is quite low, approximately 1 nM.23 

Regardless of how low the solubility of TiO2 is, the solubility of iron oxides, such as 2-line 

ferrihydrite in similar conditions limit the concentration of Fe(III) to approximately 100 

pM – 1 nM.19 While both Fe(III) and Ti(IV) are insoluble, Fe(III) is able to be incorporated 

into organisms at physiological conditions which indicates that it might be possible for 

Ti(IV) to be incorporated as well, if doing so benefitted the organism in some way. 

Despite the low solubility of iron in physiological conditions, siderophores can 

dissolve Fe(III) from iron oxides and weakly bound iron. The formation constant of the 

metal hydroxide often positively correlates with the formation constant with a metal 

siderophore complex.24 Although the physiological function of siderophores is to sequester 

iron, these data suggest that siderophores may bind other metal ions more tightly as 

predicted by thermodynamics. Based on the formation constant of Ti(IV) and Fe(III) with 

hydroxide (Table 1.1), Ti(IV)-siderophore complexes should form more 

thermodynamically stable complexes compared to Fe(III)-siderophore complexes. Taken 

together, these metal scavenging molecules may have a higher probability of coordinating 

to Ti(IV) instead of Fe(III) based on thermodynamic properties and this coordination may 

be easier because of the similar solubility of Ti(IV) oxides compared to Fe(III) oxides. 

Therefore, these siderophores are likely to encounter Ti(IV) and form an incredibly stable 

complex which may be stronger than an Fe(III)-siderophore complex. In this fashion, 

Ti(IV) can interfere with the biogeochemical cycling of Fe(III) and the Ti(IV)-siderophore 

complex might starve the organism of Fe(III). Or if the Ti(IV)-siderophore complex is 



 9 

recognized as a Fe(III)-siderophore complex, the Ti(IV) may be metabolized by the 

organism in some way. This situation may occur in  the present day which may lead to 

incorporation of Ti(IV) into organisms, especially considering the steady increase of Ti(IV) 

products used in medicine, technology, and commercial goods.22 While Ti(IV) may be 

incorporated into organisms, it likely will not be a surrogate for Fe(III) as the chemical 

properties are different. 

 If an organism is to sequester Ti(IV) as opposed to its original target of Fe(III), 

Ti(IV) may allow for biologically relevant chemistry. The ability of Ti(IV) to coordinate 

and deprotonate water can be utilized by enzymes which require hydroxide to react with a 

substrate. As illustrated by the hexaaqua Ti(IV) complex pKa1, a hydroxide can be formed 

by a Ti(IV) ion in aqueous solution down to a pH of -0.3. This ability to deprotonate water 

may be beneficial for organisms which have naturally lower physiological pH such as 

ascidians, whose blood cells can have a pH as low as 2.25 In the case of zinc containing 

carbonic anhydrase, the pKa of water upon coordinating to Zn(II) can be reduced from 14 

to approximately 7 in a protein scaffold.26 Organisms like ascidians would be unable to 

utilize Zn(II) in a hydrolytic enzyme because the Zn(II)-hydroxide complex would be 

protonated at their blood pH as low as 2; however, if Ti(IV) were in the active site, the 

Ti(IV)-hydroxide complex would stay deprotonated well below the blood pH of ascidians. 

In addition to the deprotonation of water at low pH values, Ti(IV) would be able to 

deprotonate substrates with pKa values higher than that of water, such as alcohols.27 The 

high Lewis acidity of Ti(IV) is utilized by aldol condensation reactions in which Ti(IV) 

can act to increase the partial positive charge of the carbonyl carbon and/or stabilize the 

enolate ion.28 
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 While titanium in aqueous solution at physiologically relevant conditions normally 

exists as Ti(IV), the Ti(IV)/Ti(III) couple may be accessible. In certain protein 

environments, the reduction potential can be altered depending on the primary coordination 

sphere as well as the surrounding residues.29 The Ti(IV)/Ti(III) couple is 0.1 V vs. NHE in 

acid; however, the reduction potential can be shifted based on the ligand environment.30 

When the Ti(IV) triscatechol complex is formed, the reduction potential is reduced to -1.1 

V vs. NHE.31 A Ti(IV)/Ti(III) couple may be accessible in certain protein/ligand 

environments which favor reduction, such as a particularly acidic environment or one 

where the active site is less exposed to solvent.26 

 A cluster of a titanium mineral would also be able to contribute positively for an 

organism which has evolved to utilize titanium. Nanoparticle TiO2 can generate reactive 

oxygen species upon UV irradiation.22 While reactive oxygen species can cause deleterious 

effects to tissue surrounding the TiO2 cluster, protein scaffolds have been developed by 

organisms to avoid oxidation by the active site as in Cytochrome P450.32 Another possible 

use for TiO2 is utilization of its photoactive effects to block UV radiation. Commercially 

available sunscreens already utilize TiO2 nanoparticles to absorb UV radiation.22 

 If the sequestration of Ti(IV) by siderophores creates a thermodynamic well and 

titanium can perform biologically relevant chemistry, then how is it possible that there have 

been no discovered proteins or even whole organism that require titanium? Overall, the 

detection and identification of metal in metalloproteins is a difficult process and seemingly 

for titanium in particular.28 Modern metallomic techniques using inductively coupled 

plasma mass spectrometry (ICP-MS), in which a large number of low-abundance metal 

ions can be detected, may address this problem. In one report claiming the development of 
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a robust method for metalloproteins detection, titanium was identified in the cytoplasmic 

extract of P. furiosus (1.6 µM, fourth most abundant metal measured).33 After attempting 

to separate the metalloproteins by anion exchange chromatography, the titanium was 

apparently lost.33 First there would be a need to identify an organism that is suspected of 

utilizing titanium by observing a preferential sequestration of titanium using different 

sources of titanium such as the oxides and solubilized titanium. These organisms may be 

difficult to obtain as some possible targets would be near deep hydrothermal vents due to 

the low pH of the surrounding water. Then protein purification step which would minimally 

affect the protein structure and consequently the putative metal cofactor would be carried 

out. Care would be taken such that buffers do not contain phosphate.28 If an organism is 

found to sequester titanium and the target protein is suspected to utilize Ti(III) in the active 

site, anoxic or acidic conditions would be required to analyze the protein. If the organism 

utilizes a form of Ti(IV), detection would also be problematic. Due to Ti(IV) being a d0 

transition metal, there is no EPR signal.28 Utilization of NMR would be difficult as well 

because there are limited NMR active isotopes of Ti(IV).28 Also X-ray absorption 

spectroscopy (XAS) would be generally challenging as a protein crystal would be reqired.28 

Taken together, identification of the organism, isolation of the protein, and detection of 

titanium would present a series of laborious experimental procedures which could deter 

investigation. 

 Since the advent of life, organisms have searched for ways to produce various 

metabolites required for function. Regarding metalloproteins, the solubility of metals in 

aqueous environments dictate which metals were utilized by organisms. Prior to the GOE, 

titanium may have been more available to organisms; however, even in the current aerobic 
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conditions, Ti(IV) can be made available through chelation and subsequent solubilization. 

It is postulated that the evolution of life, while kinetically trapped in higher energy 

molecules (proteins, sugars, etc.), searches for local thermodynamic minima.34 Even if 

organisms did not find a way to utilize titanium before the GOE when it was possibly more 

water soluble, it is still possible that titanium can be obtained today. While siderophores 

are meant to seek Fe(III), complexation to Ti(IV) may yield the more thermodynamically 

stable product. With increasing usage of titanium and its oxides this may lead to more 

interactions of Ti(IV) with organisms and thus a higher probability of Ti(IV) incorporation 

into life. 
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CHAPTER 2. 

AQUEOUS SOLUTION INTERACTIONS OF TITANIUM WITH SULFIDE 

	
2.1 Introduction 

 As articulated in an influential bioinorganic text by da Silva and Williams,1 water 

has likely always been the “solvent for life,” as life most likely began in a body of water 

billions of years ago.1 The oceans provided an abundance of this solvent; however, the 

elemental composition of the oceans when life first evolved was very different than present 

day. This difference in composition would also determine how organisms may have 

evolved. In the same passage, da Silva and Williams noted that organisms utilize resources 

and elements according to their utility and availability.1 For example, the specific 

metalloenzymes that evolve depend on the inherent chemical capabilities of the metal ion 

(redox potential, exchange lability, Lewis acidity, coordination preference, etc., all tuned 

by the protein) together with the abundance and bioavailability of that ion. They call this 

phenomenon the “natural selection of the chemical elements.” Therefore, having a 

knowledge of the availability of the elements and how that availability changed over time 

would be necessary to understand the evolution of organisms and their bioinorganic 

requirements.  

 Before and even for a time after the great oxidation event (GOE), oceans were 

probably mostly anoxic and contained elevated levels of sulfide.2 The lack of oxygen had 

effects on the metals that were dissolved in the ocean. For example, at current physiological 

conditions in aqueous solution the oxidation state of iron in solution is typically Fe(III). 

Before the GOE, however, iron was reduced and was present as Fe(II). These dissolved 

metal ions interacted with the sulfide in the oceans and based on solubility precipitated as 
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metal sulfides.2 Therefore, the more soluble a metal sulfide is, the more available that metal 

ion would be to organisms in a sulfidic ocean. A comprehensive analysis2 took into account 

the known aqueous stability constants of metal-sulfide complexes and the solubility 

products for the sulfides. The sulfides of iron, manganese, nickel, and cobalt are all more 

soluble than the sulfides of cadmium, zinc, and copper, suggesting that the former metals 

were more bioavailable than the latter in an ancient ocean.2  

Enzymes typically evolve relatively slowly, such that an enzyme present today may 

be similar to the enzyme at its initial evolution,2 and in particular its reliance on a specific 

metal ion may be fixed. This analysis helps explain why nearly every species on Earth 

requires iron, even though iron in modern times is so difficult to manage. According to this 

analysis, the metalloenzymes found in extant organisms that first evolved before the GOE 

should provide insight into the metals that were available in the ancient ocean. 

Cyanobacteria are prokaryotic algae that first evolved as early as 3.2 billion years ago.2 

Cyanobacteria are thought to be responsible for oxygenating the atmosphere.3 The metal 

requirements of extant cyanobacteria do reflect the available metals predicted based on a 

sulfidic ocean model.2 Their metalloenzymes contain mostly Fe, Mn, Ni, and Co rather 

than Cd, Zn, and Cu. Furthermore, copper and cadmium, both metals which had the lowest 

metal sulfide solubility, are toxic towards cyanobacteria.2 This kind of analysis should be 

applicable to other metals which are not typically considered biorelevant. 

 As previously described, in addition to being useful, an element must be relatively 

available to an organism to have a higher probability of the element being utilized. While 

iron is the most abundant transition metal in the Earth’s crust, titanium is the second most 

abundant.4 The current general view of titanium is that it is inert and insoluble. The most 
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common oxidation state of titanium at physiological pH and conditions is Ti(IV), and in an 

aqueous solution it readily forms a mostly insoluble TiO2. Before the GOE, however, due 

to a primarily anoxic ocean with a pH between 2 and 5, it is possible that titanium existed 

as Ti(III).5 According to the analysis above, even if titanium is only sparingly bioavailable 

to organisms in modern times (an argument that will be partly refuted later in this thesis), 

its bioavailability in the ancient oceans is relevant to the possibility that it would be used 

by modern organisms. As described in Chapter 1, compared to Ti(IV), Ti(III) is more water 

soluble and is a weaker Lewis acid.6 This increase in water solubility could result in an 

increased bioavailability. 

 As described above related to the evolution of cyanobacterial metalloenzymes,2 the 

ability for organisms to utilize solubilized titanium prior to the GOE would have depended 

on titanium’s interaction with sulfide. A soluble titanium sulfide complex would facilitate 

the bioavailability.2 Titanium(III/IV) has documented interactions with sulfur even leading 

to reactivity.7–9 It would be very appealing to apply to Ti(III) and Ti(IV) the same analysis 

that was used for other metal ions in the cyanobacterial study.2 But aqueous stability 

constants and metal sulfide solubility products are not available for the analogous titanium 

compounds. Since titanium-sulfide interactions do occur, the investigation of these 

interactions in geologically relevant conditions to the early ocean must be carried out. Short 

of determining full physical inorganic thermodynamic values, which would be a much 

more ambitious undertaking, the current work aims to address in a more modest way the 

solubility of Ti(III) and Ti(IV) in solutions that reasonably model ancient sulfidic oceans. 

A multicomponent models solution is used for this determination. 
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 In this study, the solubility of Ti(III/IV) is measured with constant concentration of 

metal ion and increasing concentration of sulfide. From these data, a first estimate of the 

titanium concentrations in the early ocean can be made. Iron(II) and zinc(II) are employed 

as controls. Both Fe(II) and Zn(II) should both interact with sulfide and form precipitates, 

thereby reducing the solution concentration of these ions. The exact conditions 

(temperature, pH, redox potential, etc.) of Earth’s early oceans is difficult to know for 

certain and their composition is still debated.5,10 It is generally accepted that the oceans 

contained high levels of sulfide and were mostly oxygen free. A commercial artificial 

seawater, Crystal Sea,™ was utilized to represent the salts that may have been present in 

the ocean and the solutions used were extensively purged with nitrogen.5 Finally, the early 

ocean may have contained some organic component and acetic acid was used to represent 

this component and act as a low pH buffer (pH ~5). Due to a lack of oxygen, it is likely 

that alkanes were among the first molecules synthesized on early Earth.5 After time, 

oxidation of these alkanes in the primary position may have occurred by catalysis at a metal 

center such that insertion of CO followed by nucleophilic attack from water would yield a 

carboxylic acid.5 Acetic acid and Ti(III/IV) have spectroscopically documented 

interactions indicating the formation of a complex.11,12 The current experiments would 

address whether carboxylic acids, modeled by acetic acid, stabilize Ti(III) and/or Ti(IV) in 

the presence of increasing sulfide. 
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2.2 Methods 

2.2.1 Materials 

All aqueous solutions were prepared with Nanopure-quality water (Barnstead 

model D11931; 18.2 MW-cm resistivity). All glassware used was washed in a 20% HCl 

acid bath, triple rinsed with Nanopure-quality water, triple rinsed with 3% nitric acid 

aqueous solution (Fisher Scientific, TraceMetal grade), and triple rinsed with Nanopure-

quality water. Iron sulfate heptahydrate (Sigma-Aldrich, 99+%), zinc sulfate heptahydrate 

(Fisher, ACS certified), titanium trichloride (Acros, 20% w/v in 2 N HCl), titanium 

tetrachloride (Sigma-Aldrich, 99.9% trace metals basis), sodium sulfide nonahydrate (Alfa 

Aesar, ACS certified), acetic acid (Fisher, ACS certified), and Crystal Sea™ (Marine 

Enterprises International) were used as received. 

2.2.2 Preparation of Metal Ion Stock Solutions 

The iron sulfate solution was prepared by adding 10 mL of N2-purged 2 N H2SO4 

to 10 mg of iron sulfate using a Hamilton Gastight syringe. The solution of ZnSO4 was 

prepared by adding 10 mg of ZnSO4 to 10 mL of water and bubbling nitrogen through this 

solution for at least 15 minutes. The solution of TiCl3 was prepared by adding 0.1 mL of 

TiCl3 solution to N2-purged 2 N HCl. The solution was visibly purple/blue, in evidence of 

the presence of Ti(III). The solution of titanium tetrachloride was prepared by adding 0.1 

mL of neat TiCl4 to 25 mL of 0.1 M HCl to reduce precipitation. An aliquot of this solution 

was then added to water and nitrogen was bubbled through for at least 15 minutes. All 

metal solution concentrations were quantified by a Thermo-Scientific iCAP 7400-ASX520 

inductively coupled plasma optical emission spectrometer (ICP-OES). 
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2.2.3 Addition of Metal Ions to a Model Ancient Ocean 

In the first experimental trial, the concentrations of the metal ions in individual 

solutions were ~50-100 µM and the SH- concentrations ranged up to 10 mM. Sodium 

sulfide solutions for the range of 0-10 mM sulfide were prepared by adding an appropriate 

amount of sodium sulfide to a 0.5 M solution of acetic acid and a 29 g/L solution of Crystal 

Sea™ at pH 5. Preliminary experiments revealed an interaction of high concentration 

sulfide solutions with the needles used to purge the solution with N2. Therefore, each 

concentration of sulfide solution was purged with N2 for at least 15 minutes using a glass 

pipette to avoid iron contamination from contact with sulfide. Following proper purging 

times, 10.0 mL aliquots of each solution were divided into septum-covered 15 mL Falcon 

tubes using a Hamilton Gastight syringe and the headspace was purged with N2. 

In the second experimental trial, the concentrations of the metal ions were ~500 

µM and the SH- concentrations ranged up to 50 mM. For the sulfide range up to 50 mM, a 

10.0 mL aliquot of 0.5 M acetic acid with 29 g/L Crystal Sea™ solutions were added to 

sodium sulfide nonahydrate such that the final concentration of sulfide was 50 mM. These 

solutions were individually purged with nitrogen using a glass pipette for at least 15 

minutes. Aliquots of each metal solution were then added to each sulfide solution with a 

Hamilton Gastight syringe to allow for a constant total concentration with respect to each 

metal and each sulfide range. The purple/blue Ti(III) stock solution turned green upon 

addition to the acetate containing buffer, consistent with the formation of a known Ti(III) 

acetate complex.11 These colors were only faintly visible in the lower concentration trial.  

Following this step, the headspace was purged with nitrogen a final time. 
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To avoid exposure to oxygen, the pH of each sample was not obtained after sulfide 

and metal addition. The pH was obtained from parallel replicate studies which followed 

the same procedure as seen above however terminated after pH was recorded. The pH of 

those solutions was 5 ± 0.5. The septum was excessively wrapped with Parafilm and left 

to sit for 8 d. No special effort was made to exclude light. The Ti(III) solutions turned from 

green to colorless over the course of the trial. 

After 8 d, each solution was filtered by using a 0.22 µm syringe filter. The filtered 

solution was added to 0.15 mL of TraceMetal grade nitric acid, and allowed to digest for 

approximately one hour. The solution was then diluted such that the final concentration of 

nitric acid was 3% (v/v). Metal ion concentrations in each solution were determined by 

ICP-OES. 

 

2.3 Results and Discussion 

 The model early ocean employed in this study is oxygen free and contains a similar 

salt concentration and distribution as the current ocean, however the pH is much lower (pH 

5 as compared to the current pH 8).5 The highest sulfide concentrations in this study are 

higher than the likely concentrations of these species in the ancient ocean. This condition 

allows for more accurate quantitation using ICP-OES while keeping the sulfide:metal ratios 

realistic.2 The most striking deviation from the presumed early ocean is the acetic acid 

buffer. While the concentration of carboxylic acids was likely lower than 0.5 M, there were 

likely some carboxylic acids in the early ocean which could interact with metal ions 

increasing their solubility. 
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 Initial metal ion concentrations for two independent trials are summarized in Table 

2.1. All metal concentrations are equal to or higher than the maximum probable metal 

concentrations in the early ocean.2 These concentrations were selected to ensure metal 

sulfide, if formed, would be too concentrated to stay in solution at the highest sulfide 

concentrations.2,13,14 The solutions were not kept in an inert atmosphere chamber, but they 

were septum-sealed and it was estimated that a sufficiently anaerobic environment was 

maintained to reduce any oxidation of the metal salts or the sulfide solution. 

 

Table 2.1: Initial metal ion concentrations in two independent trials. 

Cation Ti(IV) Ti(III) Fe(II) Zn(II) 

[metal ion]initial 

(µM) 

Trial 1 

90.02 44.7 64.15 55.24 

[metal ion]initial 

(µM) 

Trial 2 

417.4 442.6 563.7 441.7 
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Figure 2.1: Final absolute metal concentrations in simulated ancient seawater solutions 

after 8 d. Ti(III) (red) and Ti(IV) (blue) are referenced to the left y axis, while, Fe(II) 

(green) is referenced to the right y axis. 
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 After 8 d, solutions of both Ti(III) and Ti(IV) developed a white precipitate at the 

bottom of the Falcon tube. This solid was presumably the Ti(IV) oxide TiO2 because the 

Ti(III) oxide Ti2O3 is blue. The solution concentration of Ti for both oxidation states was 

markedly decreased in all samples. The average absolute concentration of Ti(III) and 

Ti(IV) from 0 – 10 mM sulfide is approximately 1.3 and 1.6 µM, respectively (Figure 2.1).  

The concentration of Fe(II), however, remained consistent and much higher than 

both titanium species regardless of sulfide concentration. The average Fe(II) concentration 

remained at around 55 µM and was fairly constant up to 10 mM sulfide. This result is 

consistent with the relatively higher solubility of Fe(II) sulfide2 and also suggests that the 

solution was not extensively oxidized, as Fe(III) would likely have precipitated as the oxide 

under these conditions. No observable precipitate was visible in the sample or the filter. 

Between Zn(II) and Fe(II), zinc should have the lower solubility assuming the zinc 

sulfide forms; however, the concentrations of zinc in solution after 8 d were consistently 

high, and in fact higher than the total amount added (data not shown due to apparent 

contamination of sample). According to a simple consideration of the zinc sulfide solubility 

products,2 this product should have precipitated, especially in the highest sulfide samples. 

It is possible that the zinc in solution was supersaturated, perhaps stabilized by the acetate 

ion. The source of the higher and inconsistent zinc concentrations is still undetermined. 

The solution concentrations of zinc did not correlate with the amount of sulfide added, 

which would have suggested zinc contamination of the sulfide reagent. Instead, deviations 

from the theoretical concentrations appeared to be random. A more likely option which 

would also explain the higher zinc concentration in the 0 M sulfide sample is the zinc 

content in Crystal Sea™. Considering that each solution was made independently, 
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heterogeneity in this reagent could explain the inconsistent and higher than expected 

concentrations of zinc. An independent measurement of Crystal Sea™ without any added 

sodium sulfide or metal salt, however, suggested zinc content below the level of detection 

in Crystal Sea.™ Perhaps there is some zinc in the falcon tubes. These cannot be cleaned 

by acid washing and while metal ion contamination from these tubes has not been seen 

before, we have not generally been trying to quantitate zinc. 

 The second trial of the study increased the concentrations of both the metal and the 

sulfide to try to further promote precipitation of any metal sulfide species. In this trial, the 

metal ion concentration was on the order of 500 µM and the maximum sulfide 

concentration was 50 mM. Eight days were allowed for all samples to reach equilibration. 

Again, both titanium samples had white precipitate and had only negligible titanium in 

solution after filtration according to ICP-OES. In contrast, there was still presence of iron 

in solution and the amount is relatively consistent at approximately 97% of the added iron 

(Figure 2.2). According to thermodynamic models, FeS should have just begun to 

precipitate at the highest concentrations, though this phenomenon was not observed.2 The 

concentration of zinc, according to ICP-OES, was less consistent than for iron and as seen 

in the first portion of the study, was higher than the theoretical amount of zinc added. 
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Figure 2.2: Final absolute metal concentrations in simulated ancient seawater solutions 

after 8 d, Fe(II) (green). 
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Efforts to detect spectroscopic changes upon solution interactions between 

Ti(III)/Ti(IV) and sulfide in aqueous solution have been unsuccessful (data not shown). If 

there is an interaction between either titanium species and sulfide, it cannot be detected 

within the 200 – 800 nm spectroscopic range or the spectroscopic change is very small. 

Direct addition of either Ti(III) or Ti(IV) to a solution of only sodium sulfide without the 

other components of the model ancient ocean at pH values close to the study outlined 

resulted in rapid formation of a dark blue solid or a white solid (presumably Ti2O3 and 

TiO2 from Ti(III) and Ti(IV), respectively, though some sulfur may be contained in the 

lattice). Furthermore, the formation of the titanium-acetic acid complex might further 

enhance solubility. 

 Neither trial supported that Ti(III) or Ti(IV) remained in solution following eight 

days of equilibration in the presence (or even in the absence) of sulfide. The control 

reactions, though, do raise some concerns. According to early ocean models, the 

concentration of zinc should be negligible due to zinc sulfide formation and the 

concentration of iron should be higher than zinc, but not completely soluble.2 One possible 

explanation as to what could have gone wrong is the leakage of air into the experimental 

vessels either while setting up each individual solution or during the eight-day 

equilibration. Leakage of air would result in the oxidation of sulfide to sulfate,15 Ti(III) to 

Ti(IV), and Fe(II) to Fe(III). This oxidation could allow the iron and zinc to avoid reaction 

with sulfide and remain solubilized as a metal sulfate or coordinated to acetic acid. 

Oxidation of Ti(III) to Ti(IV) decreases the water solubility of titanium and prevents the 

stabilizing Ti(III)-acetic acid complex from forming. This reaction provides the ability for 

a putative Ti(IV)-acetic acid complex to form, however such a complex was not 
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documented to form in aqueous solutions.12 While the solutions may have oxidized 

slightly, a more likely reason as to why the results suggest limited precipitation of iron and 

zinc is that the model is incorrect. The amount of air to get into each solution is likely not 

enough to oxidize all the sulfide present, therefore there must be another reason as to why 

the iron and zinc remained in solution. A likely explanation is that the iron and zinc 

coordinated with some anion in the Crystal Sea™ and/or the acetic acid present. In contrast, 

the Ti(III) likely oxidized as the precipitate was white as opposed to blue, indicating 

oxidation. Blue precipitate was not observed over the eight-day equilibration; therefore, it 

is likely that oxygen was present in the solution initially. 

 

2.4 Conclusion 

 From the presented results, Ti(III/IV) did not remain in solution even with the 

addition of acetic acid. As outlined above, experimental issues may have caused the 

oxidation of Ti(III) to Ti(IV) leading to the formation of a possibly less stable Ti(IV)-acetic 

acid complex. The lower stability of the complex is seen by the precipitation of the Ti(IV) 

sample. However, this study was likely an inadequate model of the early ocean as Fe(II) 

and Zn(II) still did not form their respective sulfides. However, changing conditions will 

likely only lead to a reduction in final Fe(II) and Zn(II) concentration as opposed to 

increase the final Ti(III/IV) concentrations. This result does not indicate conclusively that 

titanium was not freely available to organisms prior to the GOE. The model this study uses 

is one for the bulk ocean, however, there are many different microenvironments in the 

ocean or even in smaller bodies of water. For example, hydrothermal vents offer an 

environment with a pH between 2-3 and a heavily reducing environment.16 These 
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conditions could allow for titanium to exist as the more soluble Ti(III); however the 

concentration of titanium was never recorded because the vessel utilized to obtain the water 

sample was constructed with titanium metal which would introduce massive error to the 

result.17 

	 This chapter presents experiments which outline the possibility for titanium to be 

bioavailable to organisms. Possible next steps were briefly mentioned above, however, 

regarding further studies, other ligands to stabilize titanium (and other tested metals) should 

be utilized. For example, citrate is a common biologically relevant ligand which binds 

titanium, iron, and zinc.18–20 It may be possible for the citric acid to bind to titanium more 

tightly than iron or zinc, therefore stabilizing it enough to allow it to remain in solution. 

The usage of citrate also introduces a larger buffering range such that pH values above 5 

can be reasonably sampled. A further advantage of higher pH values is a reduction in 

sulfide loss (pKa H2S = 7.0).21 Ideally, an in-depth physical inorganic treatment of the 

interactions of Ti(III/IV) with sulfide can be carried out to obtain stability constants for a 

putative Ti(III/IV)-sulfide complex. Experimentally, this is problematic due to a lack of 

experimental means to quantify the interaction. As mentioned, there is no spectroscopic 

change upon adding Ti(III/IV) to a solution of sulfide. Potentiometric methods are also 

difficult as common combination electrode which are fitted for pH measurements utilize a 

Ag/AgCl reference electrode. Because of this, sulfide can react with the silver causing 

slower pH measurements and drifting. Finally, the usage of cyclic voltammetry has been 

successfully exploited to obtain the speciation of various metal salts with sulfide.22 

Titanium, however, has a reduction potential which will require the usage of a hanging 
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mercury drop electrode. This method is currently unavailable to be accessed and the 

regulations of mercury containing instruments has precluded its usage. 
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CHAPTER 3. 

SOLID-STATE STRUCTURES OF 4,5-DIHYDROXY-1,3-

BENZENEDISULFONATE SALTS 

	

3.1 Introduction 

Catechol moieties are a common functionality in biological chemistry due to their 

immense range of uses.1–6 One particularly important feature for organisms is the ability of 

catechols to chelate metal ions.7 In one recent example, a protein found in sessile marine 

organisms utilizes a cooperation between surface residues containing 3,4-

dihydroxyphenylalanine (DOPA) and lysine to bind strongly to mineral surfaces.8 The 

positively charged lysines displace hydrated cations and following this step, the DOPA 

strongly binds to the mineral surface.8 The DOPA residues in this protein have inspired 

efforts to make a biomimetic peptide containing DOPA that binds to titanium implants and 

increase biocompatibility.9 Catechols are also utilized to sequester metals for metal 

trafficking. Some species of ascidians produce a polyphenol-containing molecule that has 

been implicated in metal binding and/or metal function.10 Siderophores that contain 

catechol metal binding moieties have some of the highest association constants for Lewis 

acidic metals.7 A catechol-containing siderophore, enterobactin (ent) has the strongest 

characterized Fe(III) siderophore complex to date (Ka = 1049).11 

The interactions of metals with catechols has been extensively studied and 

documented.12 Upon binding to metal cations such as Fe(III) and Ti(IV), catechols 

typically form brightly colored complexes.13,14 In solution, however, catechols can oxidize 

and form polymers, thus forming metal complexes that are more difficult to characterize.15 
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As a surrogate for catechol, 4,5-dihydroxy-1,3-benzenedisulfonic acid (tiron) (Figure 3.1) 

allowed for improved water solubility as well as reduced polymerization by substituting 

electron withdrawing sulfonic acid moieties in the first and third position. Tiron has been 

studied regarding its interactions with metal ions as well as its use for colorimetric 

determination of Fe(III) and Ti(IV), thus acquiring the name tiron by combining the 

elemental names this ligand was utilized to quantitate (titanium and iron).13,16,17 

The free acid of tiron has been used in an aqueous flow battery due to its two-

electron oxidation, redox couple within range of an aqueous system, high water solubility, 

and low cost.18 Tiron salts could increase the efficiency of a battery by increasing the ionic 

strength of the aqueous solution, allowing more charge to flow. Despite the longstanding 

use of tiron as an analytical reagent and in technology, only the solid-state structure of 

some alkaline Earth metal salts of tiron (those of Mg2+, Ca2+, Sr2+, and Ba2+) are available.19 

The microporous structure of the crystal varies over this series. But no structures with other 

cations, including the commercially available Na+ salt, have been reported. Due to this 

absence, a preparation of monovalent cationic tiron salts was developed. Elucidation of 

their structure may be especially valuable to tiron-based batteries. Reported here are the 

preparation and crystal structures of Li+, Na+, and NH4
+ tiron salts. 

 

Figure 3.1: Tiron 
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3.2 Experimental Section 

3.2.1 Materials 

All water used in the synthesis and crystallization of the tiron salts was Nanopure-

quality (Barnstead Nanopure Diamond; 18.2 MW-cm resistivity). Dichloromethane (DCM) 

used in the synthesis was ACS certified and stabilized. The diethyl ether used in the 

purification was anhydrous and ACS certified. Both LiPF6 and NH4PF6 (Acros Organics 

and Sigma Aldrich, respectively) were used as received. All syntheses and crystallizations 

utilized 4,5-dihydroxy-1,3-benzenedisulfonic acid disodium salt monohydrate 

(Na2tiron·H2O) (Sigma Aldrich) as the source of tiron. 

3.2.2 Crystallization of Na2tiron•H2O 

Na2tiron was used as received from the commercial source and added to water until 

it was saturated. The slurry was filtered into a 1 dram scintillation vial and covered with a 

Kimwipe. The solution was allowed to sit undisturbed at room temperature until the water 

evaporated. The crystals which developed were off-white needles. 

3.2.3 Synthesis and Crystallization of Li2tiron•2.5H2O 

 In 2.00 mL of water, 0.100 g of Na2tiron was dissolved. To this solution, 0.94 g of 

LiPF6 was added. Once the Li+ salt dissolved, 0.120 mL 15-crown-5 was added which 

immediately resulted into a white precipitate. The slurry was stirred while adding 1 mL of 

DCM, then the DCM layer was removed by pipette. The aqueous solution was extracted 

twice more with DCM for a total of three times. The water was then evaporated by gentle 

heating. A white powder was obtained and triturated with 1 mL of diethyl ether three times. 

The resulting solid was dried, partially dissolved in ethanol, filtered, and allowed to sit 



	 39 

undisturbed in a 1 dram scintillation vial at room temperature. The resulting crystals were 

off-white needles. 

3.2.4 Synthesis and Crystallization of (NH4)2tiron•H2O 

 Na2tiron (0.100 g) was added and dissolved in 2.00 mL of water. After Na2tiron 

was dissolved, 0.098 g of NH4PF6 was added and dissolved. Upon adding NH4PF6, the 

solution turned rose pink. To this solution, 0.120 mL of 15-crown-5 was added and a white 

precipitate formed. The slurry was extracted three times total with 1 mL of DCM each time. 

The aqueous solution was gently heated to dryness. The solid was then triturated with three 

separate 1 mL portions of diethyl ether. The solid was dried and dissolved in methanol, 

filtered, and allowed to sit undisturbed in a 1 dram vial at room temperature. The crystals 

which formed were off-white needles with purple/rose-colored oily residue coating them.  

3.2.5 Acquisition of XRD Data 

Crystal diffraction data were collected by Dr. Michael Gau using a Bruker APEX 

II DUO diffractometer. Mo Kα	 radiation was used for single-crystal structural 

determination. The crystals were mounted on MiTeGen loops using Paratone-N oil. Data 

collection, including strategy, unit cell refinement, integration, scaling, and absorption 

correction was performed by Dr. Michael Gau using the Bruker APEX2 suite (Bruker, 

2008).	Crystal structure reports can be found in Appendix A. 

3.3 Results and Discussion 

3.3.1 Asymmetric Unit Cells 

A series of three tiron salts were crystallized with a monovalent cation of varying 

effective radius. Of the three tiron salts reported, Li2tiron and (NH4)2tiron were both 

synthesized from commercially available Na2tiron by salt metathesis. In each case, the Na+ 
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cation was removed by 15-crown-5 crown ether. Changing the cation revealed different 

ways cations interact with the tiron anion in the solid state. This series of structures may 

be valuable for understanding charge transfer in a solid-state fuel cell utilizing tiron. 

All asymmetric units (Figure 3.2) contain two of their respective cations. Water is 

included in all asymmetric units, however in different amounts. Both sodium and 

ammonium tiron have one water in the asymmetric unit whereas lithium has 2.5 waters in 

the asymmetric unit. The lithium ion is also disordered and occupies two different sites 

(Figure 3.3). Both structures have similar binding modes to lithium, however they differ in 

orientation of the tiron with respect to lithium. For the major structure (75% occupancy) 

the free water is next to the three position sulfonate whereas the minor structure (25% 

occupancy) the free water is next to the one position sulfonate. Also, the hydroxyl groups 

of the major structure are pointing away from the three position sulfonate while the 

hydroxyls of the minor structure are pointing towards the three position sulfonate. 
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Figure 3.2. Asymmetric units from crystal structures of tiron salts synthesized and 

characterized in this study. Ellipsoids shown at 50% probability. Hydrogen atoms shown 

as spheres. A. Li2tiron•2.5H2O. Water coordinated to Li+ coordinated to the third position 

sulfonate suggests disorder. B. Na2tiron•H2O C. (NH4)2tiron•H2O 
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Figure 3.3: Asymmetric unit cell of minor structure of Li2tiron•2.5H2O. Ellipsoids shown 

at 50% probability. Hydrogen atoms shown as spheres. 
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3.3.2 Primary Coordination Sphere 

Both lithium and sodium are coordinated by hydroxide and sulfonate portions of 

tiron as well as by water atoms. Due to the smaller size, lithium is bonded to only three 

sulfonate moieties, and one water in distorted tetrahedral geometry. Each sodium atom is 

bonded to four sulfonate moieties, one hydroxide, and one water oxygen atom in a distorted 

octahedral geometry. Because ammonium is unable to coordinate as a ligand, it can only 

situate itself around negatively charged moieties such as the sulfonates. 

3.3.3 p-Stacking Interactions 

The most striking differences between each crystal structure is the intermolecular 

packing structure. All three cation tiron salts suggest p-stacking between tiron catechol 

moieties. Centroids were calculated in the p-system aromatic plane of tiron. Distances 

between calculated centroids in the tiron molecules were consistent with p-stacking. Of all 

the cation tiron complexes, the NH4
+

 salt had the greatest p-stacking distance (4.006 Å). 

The Na+ and Li+ salts of tiron both had significantly smaller p-stacking distances of 3.718 

and 3.753 Å, respectively. The larger p-stacking distance of the NH4
+ tiron salt resulted in 

a 2.08˚ difference in the two planes incorporating the tiron molecules with the calculated 

centroid. When calculating the angle between the two planes generated by the tiron for 

either the Na+ or Li+ tiron salts, a 0.00˚ difference was calculated. This discrepancy in p-

stacking distances could be due to the NH4
+

 cation being larger than both Na+ and Li+ 

causing tiron molecules to be further apart, thus reducing p-stacking interactions. The 

slight increase in centroids for the Li+ tiron salt may be due to either a slight disorder in the 

unit cell or the tetrahedral coordination of Li+ allowing for a greater separation between 

the tiron molecules. 
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3.3.4 Hydrogen Bonding Interactions 

Hydrogen bonding (H-bonding) is present inter- and intramolecularly for all tiron 

salts in this study. The H-bonding in the Na+ tiron complex is entirely intermolecular 

(Figure 3.4). Both hydroxyl moieties H-bond to a sulfonate moiety on an adjacent tiron 

molecule. The hydroxyl in the fourth position H-bonds to the sulfonate in the first position 

(O-H…O-S 2.055 Å). The other hydroxyl in the fifth position H-bonds to the same sulfonate 

in the first position with a slightly shorter H-bond (O-H…O-S 1.985 Å). These two H-bonds 

decrease hyperconjugation to the p-system from the oxygen atom in the hydroxyls by 

reducing the torsion angle by 32.08˚ and 46.16˚ for the fourth and fifth position hydroxyls, 

respectively. This deviation from a fully hyperconjugated hydroxyl exemplifies the 

importance of the formation of the H-bond. An H-bond not shown exists between a proton 

in water bound by Na+ and a tiron based hydroxyl on the fifth position as well as a sulfonate 

in the first position (O-H…O-H 2.182 Å, O-H…O-S 2.135 Å). 

The H-bonding present in the packing structure for the Li+ tiron salt is mostly 

intermolecular. Due to the difficulty to interpret the positions of the hydrogen bonding 

moieties in the minor structure, only the major structure will be considered regarding H-

bond interactions. The hydroxyl on the fifth position H-bonds to a water that is coordinated 

to a Li+ (O-H…OH2 2.114 Å). The same water bound to Li+ H-bonds to the first and third 

position sulfonate, both on different tiron molecules (O-H…O-S 1.948 Å, O-H…O-S 2.121 

Å). An interstitial water in the crystal structure H-bonds with the third position sulfonate 

(O-H…O-S 2.307 Å) (Figure 3.5). 
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Figure 3.4: Tiron based H-bonding in Na2tiron•H2O. Ellipsoids shown at 50% 

probability. Hydrogen atoms shown as spheres. 
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Figure 3.5: Tiron based H-bonding in Li2tiron•2.5H2O. Ellipsoids shown at 50% 

probability. Hydrogen atoms shown as spheres. 
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Unlike Na+ and Li+, NH4
+ is unable to coordinate to any atoms on tiron or water. 

Because of this inability, NH4
+ interactions with the surrounding molecules are primarily 

H-bond based. Both ammonium ions H-bond to three sulfonate moieties and an oxygen 

from a hydroxyl (tiron based) or a water (Table 3.1). NH4(1) forms H-bonds with two tiron 

molecules that are horizontally next to each other in the unit cell as well as a tiron above 

and a tiron below. NH4(2) also forms a similar H-bonding network with the tiron molecules 

but also stabilizes an interstitial water. This water H-bonds to two first position sulfonate 

moieties in alternating layers of tiron molecules (O-H…O-S 1.867 Å, O-H…O-S 2.041 Å). 

Finally, a fifth position hydroxyl on the tiron is hydrogen bonded to this interstitial water 

(O-H…OH2 1.992 Å) (Figure 3.6). Regarding intramolecular H-bonding, because the 

protons on the hydroxyls are pointed away from each other to allow for H-bonding to 

NH4(1), the hydroxyl in the fourth position is directed to H-bond with the third position 

sulfonate. 
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Table 3.1: H-bonding to all NH4
+ based protons in (NH4)2tiron•H2O. Nitrogen in NH4

+ 

denoted by subscript, hydrogens are numbered arbitrarily.   

Proton on NH4 H-bond donor/acceptora H-bond distance (Å) 

N1H1 H…OH(4) 2.034 

N1H2 H…OS(1), H…OS(3) 2.140, 2.295 

N1H3 H…OS(3) 2.018 

N1H4 H…OS(1) 2.102 

N2H1 H…OH2 1.954 

N2H2 H…OS(3) 2.034 

N2H3 H…OS(1) 1.998 

N2H4 H…OS(3) 1.873 

a denotes position of moiety on tiron, if applicable. 
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Figure 3.6: Tiron based H-bonding in (NH4)2tiron•H2O. Ellipsoids shown at 50% 

probability. Hydrogen atoms shown as spheres. 
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3.3.5 Packing Structure 

The packing structure yields further data and possible uses for the tiron salts. Both 

the Li+ and NH4
+ tiron allow for interstitial water. The Li+ tiron (Figure 3.7) has two 

interstitial waters flanked by tiron molecules and coordinated Li+ atoms. These waters sit 

in a channel that continue the entire length of the Li+ tiron crystal structure. The interstitial 

water in NH4
+ tiron is situated near the first position sulfonate moiety (Figure 3.8). Na+ 

tiron, however, does not have interstitial waters due to coordination to Na+ (Figure 3.9). 

The coordinated water contributes to µ bridging utilizing the fourth position hydroxyl and 

the water between two Na+ ions. This situation causes less space in the crystal lattice for 

waters to inhabit. 

3.4 Conclusions 

 The crystal structures presented here represent the synthesis and solid-state 

structure of three tiron salts utilizing a monovalent cation for usage as an aqueous flow cell 

battery. The reported structures, however, show additional promise for other means in 

which a proton must be efficiently delivered. The solid-state structures of Li+ and NH4
+ 

tiron salts exhibit a channel of waters that are oriented in such a way that the transfer of a 

proton from H3O+ to an adjacent water would be geometrically favorable. These tiron salts 

may be too redox unstable for fuel cells; however, a framework inspired from these solid-

state structures may be proposed. 

	 Presented here was the synthesis and characterization of Na+, Li+, and NH4
+ tiron 

salts. The synthesis of Li+ and NH4
+ salts followed a simple cation metathesis substituting 

Na+ for the intended cation. The method described above was successful for Li+ and NH4
+, 

however, multiple attempts to imitate the procedure utilizing a K+ cation were 
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unsuccessful. It is possible that 15-crown-5 formed a complex with Na+ as well as K+ ions 

reducing the effectiveness. An alternative method utilizing the synthesis of Li+ tiron 

followed by the coordination of Li+ utilizing 12-crown-4 and cation metathesis with KPF6 

was unsuccessful. Further methods will be attempted, such as the addition of K+ salts which 

the anion forms an insoluble precipitate with Li+ (K2CO3 or K3PO4). Other accounts have 

suggested that stacking of aromatic sulfonated molecules in a crystal lattice can allow for 

solid state luminescence properties.20 These sulfonated biphenyl molecules utilize metal 

binding to sulfonate to form a layered lattice similar to what is seen above. It is possible 

that the described molecules can exhibit the same properties. Finally, as mentioned, the 

channel created by Li2tiron which interstitial water inhabits can be utilized as a proton 

pump. A possible method to study the ability of Li2tiron to shuttle protons through the 

crystal structure can be carried out by using a capillary in which Li2tiron is loaded into. On 

one side of the capillary, a high concentrations of protons relative to the opposite portion 

of the capillary can be introduced. Over time, if equilibrium is attained, Li2tiron can 

transport protons. A control using Na2tiron must be used to confirm the proton transport 

abilities of Li2tiron.	

 

 

 

 

 

 

 



	 52 

 

 

 

 

 

Figure 3.7: Major structure (75%) Li2tiron•2.5H2O packing diagram. 
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Figure 3.8: (NH4)2tiron•H2O packing diagram. 
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Figure 3.9: Na2tiron•H2O packing diagram 
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CHAPTER 4. 

INTERACTIONS OF ENTEROBACTIN WITH TI(IV): THERMODYNAMIC 

AND KINETIC INVESTIGATIONS 

 

4.1 Introduction 

Organisms have been adapting methods to obtain and utilize metals to facilitate 

biological function since the advent of life.1 Many metalloproteins contain iron, therefore 

demand for iron in organisms is high.2 In the presence of oxygen, however, most iron exists 

as Fe(III). In this oxidation state, the solubility under physiological conditions is low (10-

12 M).3,4 To respond to this low bioavailability, microbial organisms evolved siderophores 

to increase the solubility of Fe(III) by exceptionally strong chelation. Siderophores’ ability 

to tightly chelate Fe(III) is due to the thermodynamic stability of the Fe(III)-siderophore 

complex. Siderophores can instead bind other metal ions, and the thermodynamic stability 

of the complex with a specific metal ion often positively correlates with the Lewis acidity 

of the metal ion.5 

One siderophore, enterobactin (ent), has among the highest measured association 

constant for Fe(III) with any ligand at physiological pH and the highest association constant 

for any Fe(III)-siderophore complex (1049) (Figure 4.1).6 Ent is a catecholate type 

siderophore and has three catechol moieties for metal binding. Iron(III) triscatechol 

complexes typically have high association constants, despite the incremental increase of 

negative charge of the complex.7 Until the very recent report of the crystal structure of 

[Fe(ent)]3-,8 the crystal structure of [V(ent)]2- was used as a surrogate.9 However, it was 

hypothesized even before the crystal structure of [Fe(ent)]3- was obtained and based on 
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[V(ent)]2- that the [Fe(ent)]3- complex had a D configuration.10 The three catecholate 

moieties are connected by a triserine backbone which reduces the entropic cost of a metal 

complex formation.11 Upon chelation, the amide linkers which connect the catechol moiety 

to the triserine backbone afford a H-bonding interaction between the deprotonated ortho 

catechol hydroxyl and the amide proton, further increasing the stability of the metal-

siderophore complex. The strong metal complex forming abilities of ent and the Lewis 

acidity of Fe(III) combine to allow for an incredibly thermodynamically stable complex.  
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Figure 4.1:  A. The siderophore enterobactin. B. Metal bound to enterobactin through full 

catecholate binding mode. C. Metal bound to enterobactin with one meta hydroxyl 

protonated leading to one salicylate binding mode to the metal. 
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 Titanium is Earth’s second most abundant transition metal, only behind iron, and 

makes up 0.6% of the Earth’s crust.12 In an aqueous solution at physiological pH and 

aerobic conditions, titanium primarily exists as Ti(IV). The solubility of Ti(IV) under these 

conditions, however, is relatively low due to the propensity of any Ti-OH2 species to 

hydrolyze (pKa1 Ti(OH2)6
4+ = -0.3) and form fairly insoluble TiOxHy species.13 Because of 

this hydrolysis, titanium has been regarded as not biologically relevant due to the putative 

inability of organisms to sequester titanium. Due to the insolubility of titanium at most pH 

values relevant to life, titanium (and its alloys and oxides) have been used in a multitude 

of different consumer goods, pigments, surgical devices, and implants. The solubility of 

titanium in aqueous solutions under physiological conditions, however, is actually greater 

than that of iron. The concentration of Ti(IV) as compared to Fe(III) in solution at 

physiological conditions based on the solubility of crystalline TiO2 and 2-line ferrihydrite 

is 10-9 M and 10-9 – 10-10 M, respectively.4,13 Therefore, if ent can bind Fe(III) from the 

environment at its low concentration, the same might apply to Ti(IV) if ent is able to 

interact with Ti(IV). 

 Ent has been observed to coordinate trivalent and tetravalent metals other than 

Fe(III), including Ti(IV).14 In one study reporting an interaction of Ti(IV) and ent, the 

Ti(IV)-ent complex was the most thermodynamically stable compared to complexes of 

Si(IV) and Ge(IV).14 Furthermore, the Ti(IV)-ent complex was kinetically inert.14 Despite 

reporting its ability to form and its x-ray crystal structure, no association constant was 

measured for the Ti(IV)-ent complex. In comparison to Fe(III), Ti(IV) is a smaller ion and 

has a larger positive charge thus making it more Lewis acidic.15 This difference in Lewis 
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acidity is exemplified by comparison of the first pKa of Ti(OH2)6
4+ and Fe(OH2)6

3+ (-0.3 

and 2, respectively).13 

 Herein the solution interactions of Ti(IV) and ent are determined and the binding 

ratio in solution is confirmed. The Ti(IV)-ent complex is probed from p[H] 2-11 and the 

speciation of this complex is determined through spectrophotometric and potentiometric 

means. A lower limit of the association constant of the Ti(IV)-ent complex will be 

identified as well as implications of this limit. The kinetics of formation of the Ti(IV)-ent 

complex will be observed using different solubilized Ti(IV) sources. Finally, the kinetics 

of Ti(IV) sequestration from human serum transferrin (HsTf) by ent will be determined 

through UV/vis measurements as well as fluorescence. 

4.2 Experimental Section 

4.2.1 Materials 

All aqueous solutions were prepared with Nanopure-quality water (Barnstead 

model D11931; 18.2 MW-cm resistivity). All glassware used was washed in a 20% HCl 

acid bath, triple rinsed with Nanopure-quality water, triple rinsed with 3% nitric acid 

aqueous solution (TraceMetal grade, Fisher Scientific), and triple rinsed again with 

Nanopure-quality water. Solutions containing 4,5-dihydroxy-1,3-benzenedisulfonic acid 

disodium salt monohydrate (Sigma-Aldrich) were prepared fresh and analyzed within three 

days (limited oxidation detected). Solutions of enterobactin were prepared from a stock 

solution in methanol stored at -20°C. Concentration of enterobactin in the stock nitrogen 

purged methanol solution was calculated from the e313 = 9500 M-1cm-1.16 Both NaCl and 

KCl were ACS-grade crystals (JT Baker) and used as received. NaOH and HCl solutions 

were made fresh before each titration and kept for two weeks before disposal (Dilut-It 
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Analytical Concentrate, J.T. Baker). Solutions of NaOH and HCl (both 0.1 M and 1.0 M 

solutions) were stored in high density polyethylene bottles wrapped in Parafilm and capped 

with an appropriately sized septum. The bottles were purged with nitrogen after each use. 

Aqueous titanium solutions were prepared using TiCl4 (ReagentPlus, 99.9% trace metal 

basis, titanium(IV) tetrachloride, neat, Sure-Seal glass bottle, Sigma-Aldrich). Citric acid 

monohydrate (Sigma-Aldrich, TraceSELECT) was used as received. 2-(N-

Morpholino)ethanesulfonic acid (MES) monohydrate buffer (MP Biomedicals) was used 

as received. The purity of human serum transferrin (HsTf) (Athens Research and 

Technology, ≥ 95%) was verified by gel electrophoresis and used as received. 

4.2.2 Synthesis of Enterobactin 

Enterobactin was synthesized following to a previously published method14 with 

modifications to improve purity (Scheme 4.1). NMR spectrum of each isolated 

intermediate is presented in Appendix B. 
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Scheme 4.1 Synthesis of Enterobactin 
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4.2.2.1 2,3-bis(benzyloxy)benzoic acid 

A solution of 2,3-dihydroxybenzoic acid (1.015 g, 6.587 mmol) and benzyl bromide (4.7 

mL, 6.8 g, 40 mmol) was prepared in acetone (200 mL). A slurry was formed by adding 

K2CO3 (3.642 g, 26.348 mmol) to this solution. The reflux apparatus was purged with 

nitrogen and the slurry was refluxed for 24 h under nitrogen. The slurry was then allowed 

to cool and the white precipitate was filtered off. The solvent was removed in vacuo 

yielding a tan oil. A steady stream of air was passed over the resulting oil for 16 h at 

ambient temperature generating benzyl 2,3-bis(benzyloxy)benzoate (2.731 g, 97%). 1H 

NMR (DMSO-d6, 500 MHz) d = 7.50-7.17 (m, 18H), 5.31 (s, 2H), 5.19 (s, 2H), 4.99 (s, 

2H) ppm; 13C NMR (CD2Cl2, 126 MHz) d = 165.58, 152.29, 146.87, 137.12, 136.57, 

135.91, 128.40, 128.39, 128.21, 128.14, 128.06, 128.00, 127.96, 127.80, 127.77, 126.46, 

124.29, 121.70, 117.65, 74.78, 70.24, 66.39 ppm; ESI-HRMS: m/z calculated for 

[C28H24O4+Na]+: 447.1573; found: 447.1565 

Methanol (390 mL) was added to 2,3-bis(benzyloxy)benzoate (2.731 g, 6.433 mmol). To 

this solution, 5 M NaOH solution in water (100 mL) was added. The bilayer was refluxed 

for 3 h and allowed to cool afterwards. The methanol was removed in vacuo yielding a 

cloudy white aqueous emulsion. The emulsion was acidified with 10% HCl in water to pH 

4 then saturated with NaCl, and the resulting white precipitate was filtered. The white solid 

was washed with 3 x 30 mL pH 4 H2O (1 x 10-4 M HCl) and added to 300 mL EtOAc and 

filtered. The EtOAc was removed by rotary evaporation to yield 2,3-bis(benzyloxy)benzoic 

acid (2.113 g, 98%). 1H NMR (DMSO-d6, 400 MHz) d = 12.91 (s, 1H), 7.50-7.29 (m, 11H), 

7.22 (dd, J = 1.2 Hz, J = 7.6 Hz, 1H), 7.15 (t, J = 8.4 Hz, 1H), 5.19 (s, 2H), 5.00 ppm (s, 
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2H); 13C NMR (DMSO-d6, 126 MHz) d = 168.18, 152.68, 146.92, 137.86, 137.19, 128.99, 

128.69, 128.66, 128.56, 128.39, 128.30, 124.77, 122.00, 117.44, 75.20, 70.69; ESI-HRMS: 

m/z calculated for [C21H18O4+Na]+: 357.1103; found: 357.1098 

4.2.2.2 Trilactone backbone 

N-trityl-L-serine methyl ester (4.000 g, 11.10 mmol) was added to xylenes freshly dried 

over 3 Å molecular sieves (120 mL) in a round bottom flask. To this suspension, 2,2-

dibutyl-[1,3,2]dioxastannolane (0.320 g, 1.09 mmol) was added. The round bottom flask 

was attached to a Soxhlet apparatus with a thimble containing 4 Å molecular sieves. The 

entire setup was purged with nitrogen and the mixture was heated at reflux for 36 h. The 

solvent was removed in vacuo resulting in a dark brown sludge. The crude product was 

partially purified with a silica gel column (DCM:Hexane 2:1). The solvent in the eluent 

was removed and the off white to yellow solid was dissolved in DCM and precipitated with 

hexanes. Following DCM evaporation, the white solids were filtered and washed with 

hexanes affording triseryl trilactone backbone (2.606 g, 71%). 1H NMR (CD2Cl2, 400 

MHz) d = 7.43-7.41 (m, 18H), 7.32-7.24 (m, 27H), 3.90 (t, J = 10.5, 3H), 3.44 (dd, J = 

10.5 Hz, J = 4.5 Hz, 3H), 3.30 (dt, J = 10.5 Hz, J = 4.5 Hz, 3H), 2.58 (d, J = 10.5 Hz, 3H) 

ppm; 13C NMR (CD2Cl2, 126 MHz) d =172.37, 145.56, 128.67, 128.04, 126.76, 71.17, 

66.31, 54.84 ppm; ESI-HRMS: m/z calculated for [C66H57N3O6+Na]+: 1010.4145; found: 

1010.4124 

4.2.2.3 Trilactone backbone HCl salt 

A solution of 1.0 M HCl in dry EtOH (1.39 mL, 1.42 mmol)17 was added to a suspension 

of triseryl trilactone backbone (0.3511 g, 0.355 mmol) in absolute EtOH (8.89 mL). The 

suspension was heated at reflux for 15 min and following reaction the solvent volume was 
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reduced by approximately half by rotary evaporation. The resulting white solid was filtered 

off and washed with 5 mL each of absolute EtOH, chloroform, and diethyl ether. The solid 

was left to dry while under a stream of nitrogen yielding the triseryl trilactone backbone 

HCl salt (0.098 g, 65%). 1H NMR (DMSO-d6, 400 MHz) d = 9.16 (s, 9H), 5.09 (dd, J = 

12.8 Hz, J = 2.0 Hz, 3H), 4.63 (s, 3H), 4.28 ppm (dd, J = 12.4 Hz, J = 1.6 Hz, 3H) ppm; 

13C NMR (DMSO-d6, 126 MHz) d =165.32, 63.55, 53.03 ppm; ESI-HRMS: m/z calculated 

for [C9H15N3O6+Na]+: 284.0859; found: 284.0855 

4.2.2.4 Benzylated Enterobactin 

2,3-bis(benzyloxy)benzoic acid (0.714 g, 2.14 mmol) and Ethyl 

cyano(hydroxyimino)acetate (OxymaPure) (0.455 g, 3.20 mmol) were added to dry DCM 

(19.7 mL) at room temperature under N2. In a separate Schlenk flask under N2, triseryl 

trilactone backbone HCl salt (0.250 g, 0.584 mmol) was added to dry DCM (10.8 mL). 

Simultaneously, diisopropylcarbodiimide (DIC) (0.494 mL, 0.398 g, 3.16 mmol) was 

added to the flask containing the benzoic acid and freshly distilled and dried over calcium 

hydride triethylamine (0.459 mL, 0.333 g, 3.29 mmol) was added to the flask containing 

the triseryl trilactone backbone HCl salt. Both solutions were stirred for 30 min under N2 

at room temperature. After 30 min had elapsed, the triseryl amine solution was added to 

the activated benzoic acid solution via cannula transfer. The combined solutions were 

stirred overnight at room temperature under N2. The solvent was removed by a rotary 

evaporator and was loaded onto a silica column utilizing a DCM/MeOH 100:1 solvent 

system. Fractions were evaluated using TLC chromatography using the same solvent 

system and selected fractions were analyzed using 1H NMR. Fractions containing the 

product were collected and the solvent was removed in vacuo. The yellow oil was dissolved 
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in acetone and water was added to this solution. Half of the volume of acetone added was 

evaporated and the bilayer was centrifuged at 3000 rpm for 10 min. The water layer was 

decanted from the yellow oil. This wash was repeated 2 more times for a total of 3 times 

until the diisopropyl urea was removed from the product, yielding pure benzylated 

enterobactin (0.447 g, 63%). 1H NMR (CD2Cl2, 500 MHz) d = 8.31 (d, J = 7.5 Hz, 3H), 

7.49 (dd, J = 8.0 Hz, J = 1.5 Hz, 3H), 7.37-7.01 (m, 36H), 5.16-5.04 (m, 12H), 4.91-4.87 

(m, 3H), 4.21 (dd, J = 11.0 Hz, J = 5.0 Hz, 3H), 4.06 (dd, J = 10.5 Hz, J = 7.5 Hz, 3H) 

ppm; 13C NMR (CD2Cl2, 126 MHz) d =169.30, 164.84, 151.89, 146.97, 136.59, 136.31, 

129.03, 128.68, 128.60, 128.48, 128.26, 127.84, 126.63, 124.30, 122.90, 117.50, 76.26, 

71.26, 64.30, 51.70 ppm; ESI-HRMS: m/z calculated for [C72H63N3O15+H]+: 1210.4338; 

found: 1210.4343 

4.2.2.5 Enterobactin 

In an acid washed and 3% nitric acid (trace metal basis) rinsed round bottom flask, 

benzylated enterobactin (0.447 g, 0.397 mmol) was added to EtOAc (12.7 mL) and to this 

solution EtOH (10.9 mL) was added. To this solution, 10% Pd/C (0.139 g) was added and 

the suspension was stirred under H2 for 24 h. After filtration of the catalyst under a stream 

of N2, the solvents were removed by rotary evaporation to yield enterobactin (0.1490 g, 

56%). 1H NMR (DMSO-d6, 500 MHz) d = 11.47 (s, 3H), 9.61 (s, 3H), 9.17 (s, 3H), 7.29 

(dd, J = 8.0 Hz, J = 1.0 Hz, 3H), 6.95 (dd, J = 8.0 Hz, J = 1.0 Hz, 3H), 6.71 (t, J = 8.0 Hz, 

3H), 4.92-4.88 (m, 3H), 4.57 (t, J = 10.5 Hz, 3H), 4.53 (dd, J = 9.5 Hz, J = 2.5 Hz, 3H) 

ppm ; 13C NMR (DMSO-d6, 126 MHz) d =169.87, 169.25, 149.02, 146.65, 119.60, 118.96, 

116.02, 64.23, 52.00 ppm; ESI-HRMS: m/z calculated for [C30H27N3O15+H]+: 670.1521; 

found: 670.1516 
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4.2.3 Preparation of Spectrophotometric Titration Solutions 

All solutions were purged of oxygen and carbon dioxide by displacement with 

nitrogen. Nitrogen purging involved a minimum 10 min of sonication under reduced 

pressure followed by a minimum of 10 min of sparging with nitrogen. This method was 

repeated two additional times for a total of three cycles. Carbonate free 0.1 M NaOH 

solution was prepared from nitrogen purged water and 1.0 M stock solution and 

standardized by titrating against a 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. Absence of carbonate was confirmed by 

a Gran’s plot analysis.18,19 A solution of 0.1 M HCl from 1.0 M HCl was prepared and 

standardized by titrating against standardized NaOH solution (described previously), 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. 

4.2.4 Spectrophotometric Titration 

The titration apparatus described in previous work20 consisted of a 100 mL water-

jacketed vessel (Kontes Co.) attached to a thermostatted water bath kept at a constant 25°C. 

The removable lid (McMaster Carr Co.) has appropriately sized holes for the pH electrode 

(Orion model 8102BNUWP), argon inlet, UV/vis dip probe and coupler (Varian parts 79-

100326 and 02-101593, respectively; calibrated with CuSO4), and septum covering 

injection inlet. The bottom of the lid has a doughnut-shaped airtight silicon rubber seal. 

Both the lid and the glass vessel are covered in black tape to reduce the amount of light 
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able to pass through to the sample. Argon is passed through a wetting solution (5% 

methanol in water) in a bubbler that is immersed in the thermostatted water bath used to 

keep the titration vessel at constant temperature. 

 Prior to the spectrophotometric titration, the pH electrode was calibrated to free 

hydrogen concentration, [H+], (as opposed to free hydrogen ion activity, AH)18 at 25°C 

under positive argon pressure in the water jacketed titration vessel. The concentration of 

hydrogen ions in a HCl solution (50.00 mL) of known concentration was monitored by 

Orion model 520 A+ pH meter (accurate to 0.1 mV) and recorded as mV readings with 

successive introductions of standardized NaOH solution. The calibration was carried out 

in the pH range between 2-12 and the points were plotted by mV readings vs. calculated 

p[H]. 

 Spectrophotometric titrations follow a general procedure of 1-500 µL of 0.1 M 

NaOH added (to allow for an approximate 0.1 p[H] unit increase) via a Hamilton gas-tight 

syringe followed by allowing the reaction to come to equilibrium. Equilibrium was defined 

as a constant mV reading (± 0.1 mV) for 3 min. Following equilibrium, the mV reading 

was transcribed and a spectrum was collected. All spectra were analyzed and fit by 

SPECFIT/32.21 

Nitrogen purged water, stock solution of NaCl, and a standardized 0.1 M solution 

of HCl were added to the titration apparatus and a blank was taken. To this same solution, 

a nitrogen purged methanol stock solution of enterobactin was added (5% total methanol). 

This solution was titrated with standardized 0.1 M NaOH from p[H] 4 – 10. 

For the spectrophotometric titration of the Ti-ent species, a blank was taken of 

nitrogen purged water and a stock solution of NaCl. Following this step, a nitrogen purged 
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methanol stock solution of enterobactin was added and the concentration of enterobactin 

in solution was determined as previously described. A solution of aqueous titanium was 

prepared fresh by adding TiCl4 to 0.1 M HCl. The concentration of titanium was 

determined by a Thermo-Scientific iCAP 7400-ASX520 inductively coupled plasma 

optical emission spectrometer (ICP-OES) by comparison to a calibration curve prepared 

with 1000 µg/mL titanium atomic absorption standard (Sigma-Aldrich). The final 

methanol concentration was 5% and the solution was titrated from p[H] 3 – 12. 

To explore the Ti-ent species below p[H] 3, a titration solution was prepared as 

described above and titrated with standardized 0.1 M HCl. 

4.2.5 Competition Titrations 

 All vials used to contain the solutions involving the competition titrations were 

soaked in 20% HCl at least overnight, rinsed three times with DI water, rinsed three times 

with 3% trace metal grade nitric acid, and rinsed three more times with DI water. The vials 

were then placed in a glassware oven to dry. 

4.2.5.1 Tiron versus Ent 

The disodium salt of 4,5-dihydroxy-1,3-benzenedisulfonic acid (tiron) was utilized 

to compete with enterobactin for the titanic ion. The Ti(IV)-tiron complex utilized forms 

slowly over time; therefore, the complete formation of the Ti(IV)-tiron complex required 

the development of a procedure to ensure full complexation of Ti(IV) by tiron. A solution 

of Ti(IV)-citrate complex was formed by first adding TiCl4 to a 0.1 M solution of HCl. The 

concentration of Ti(IV) in this solution was quantitated by ICP-OES. A volume of this 

solution of known Ti(IV) concentration was added to a solution of citric acid to yield a 

final citrate:Ti(IV) ratio of 10:1. Cluster formation has been observed with Fe(III)-citrate 
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complexes when the citrate:Fe(III) ratio is less than 10:1.22,23 Using this logic applied to 

Ti(IV), excess citrate ensures limited Ti-O-citrate cluster formation in aqueous solutions 

as well as ensure longevity of the sample to utilize as a stock solution. The Ti-citrate 

solution was then added to vials with a solution of tiron containing 0.2 M MES buffer and 

KCl at pH 6. The final proportions of the solutions are 1:10:4000 Ti:citrate:tiron. The 

citrate in solution was found not to reduce complexation to tiron by an appreciable amount. 

Furthermore, the excess of tiron encouraged complete formation of the 3:1 L:M species as 

well as facilitated a competition with ent. The pH of the solution (pH = 6) allowed for 

immediate formation of 3:1 tiron:Ti(IV) species without lower pH intermediates.24 This 

solution was then allowed to react at 45°C until a stable absorbance at 383 nm was achieved 

(~24 h).  

To the vials, a methanol stock solution of ent was added in increasing equivalents. 

Methanol alone was also added to each vial to allow the concentration of methanol in each 

vial to be 10%. Vials were diluted with water to yield a final concentration of 0.1 M MES 

buffer at pH 6, 0.1 M KCl, 100 mM tiron, 25.1 µM Ti(IV), 10% methanol, and varying 

amounts of enterobactin (0 – 2.87 equiv). These vials were allowed to approach equilibrium 

over the duration of 20 h. Oxidation of tiron was unavoidable due to the high concentration; 

however, it did not affect the fit due to the constant concentration of tiron in each vial. 

Following this interval, the UV/vis spectra of each sample was taken. UV/vis spectra were 

analyzed with SPECFIT/32.21 

A second competition method utilized the Ti-ent species. A series of vials were 

prepared containing pH 6 0.1 M MES buffer, 0.1 M KCl to maintain ionic strength, a 

premade solution of Ti(ent), and varying amounts of tiron (0 – 4445 equivalents) in an 
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aqueous solution of 5% methanol. These solutions were allowed to reach equilibrium over 

the course of 16 h. The UV/vis spectra of each sample was collected and analyzed with 

SPECFIT/32.21 

4.2.5.2 DFOB versus Ent 

Desferrioxamine B (DFOB) is a siderophore that is frequently used for iron 

overload therapy and it also binds tightly to Ti(IV) ions.25 A solution of Ti-DFOB was 

performed by adding a 1:10 Ti:citric acid stock solution to a DFOB solution in vials of 0.2 

M MES/0.2 M KCl. This solution was allowed to react until equilibrium was reached. 

Following this interval, a stock solution of ent in methanol and water were added to each 

vial such that the final concentration of MES/KCl was 0.1 M and the concentration of Ti-

DFOB and methanol was constant. Equivalents of ent were added which ranged from 0-

1.43 in respect to Ti(IV) content. The solutions were allowed to react for approximately 18 

h so that equilibrium could be reached. The spectra of each were collected and analyzed 

using SPECFIT/32.21 

An excess of DFOB was used to compete with the formation of Ti-ent. A solution 

of 0.1 M MES at pH 6, 0.1 M KCl to maintain ionic strength, a premade solution of Ti-

DFOB, increasing amounts of excess DFOB (0 – 9447 equiv), and a solution of ent in 

methanol was added to a series of vials. The aqueous solutions had a final methanol 

concentration of 5%. After 16 h, their UV/Vis spectra were collected. The suite of spectra 

was analyzed using SPECFIT/32.21 

4.2.5.3 Citric acid versus Ent 

 An excess solution of citric acid (cit) was used to compete with the formation of 

Ti-ent. A solution of 0.1 M MES at pH 6, 0.1 M NaCl to maintain ionic strength, a premade 
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solution of Ti-citrate (1:10 Ti:citrate ratio), increasing amounts of excess citrate (0 – 11,157 

equivalents), and a solution of ent in methanol was added to a series of vials. The aqueous 

solutions had a final methanol concentration of 5%. After 16 h, the UV/vis spectrum of 

each solution was collected. After collection, the spectra were analyzed by SPECFIT/32.21 

4.2.6 Ligand Exchange Kinetics 

4.2.6.1 Ti(DFOB) Ti exchange with ent 

 A solution of TiCl4 was prepared by adding 0.1 mL TiCl4 to 25 mL 0.1 M HCl. The 

exact concentration of this solution was determined by ICP-OES. The TiCl4 solution was 

added to a solution of DFOB in 0.1 M MES buffer and 0.1 M KCl to allow for a 1:1 

DFOB:Ti ratio. This solution pH was raised to 6 by adding 1 M KOH. Equilibrium was 

established and the solution was added to a 1.000 cm path length quartz cuvette (Hellma 

Analytics). The cuvette and contents were sealed, placed in the thermostatted cell holder, 

and allowed to reach the set temperature. To this solution, ent in methanol and additional 

methanol was delivered into the solution using a gas-tight syringe (Hamilton) to the desired 

ent concentration and to allow for 5% methanol aqueous solution. The cuvette was resealed 

and the contents were properly mixed and replaced into the cell holder. The duration of 

addition of ent and methanol to replacing the cell into the cell holder was standardized to 

15 s. Once the cell was replaced, spectra were taken of the solution over 5 h (220 nm – 500 

nm; 600 nm/min). Data were analyzed using SPECFIT/32.21 

4.2.6.2 Ti-citrate Ti Exchange with ent 

 A solution of TiCl4 was prepared by adding 0.1 mL TiCl4 to 25 mL 0.1 M HCl. The 

exact Ti concentration of this solution was determined by ICP-OES. Solutions of various 

citrate concentrations with respect to ent added were prepared containing 0.1 M MES and 
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0.1 M KCl and the quantitated TiCl4 solution was added to them to allow for a 3:1 citrate:Ti 

ratio. The pH of the solution was increased to 6 with 1 M KOH. After the solution reached 

equilibrium, it was added to a 1.000 cm path length quartz cuvette (Hellma Analytics). The 

cuvette and contents was sealed, placed in the thermostatted cell holder, and allowed to 

reach the set temperature. To this solution, ent in methanol and additional methanol was 

delivered into the solution using a gas-tight syringe (Hamilton) to the desired ent 

concentration and to allow for 5% methanol aqueous solution. The cuvette was resealed 

and the contents were properly mixed and replaced into the cell holder. The duration of 

addition of ent and methanol to replacing the cell into the cell holder was standardized to 

15 s. Once the cell was replaced, spectra were taken of the solution over 5 hours (220 nm 

– 500 nm; 600 nm/min). Data were analyzed using SPECFIT/32.21 

4.2.6.3 Ti(IV) Sequestration from Ti2HsTf by ent 

 A stock solution of HsTf was made by adding HsTf to a solution of 0.1 M Tris 

buffer, 0.1 M NaCl, 10 mM sodium citrate, and 20 mM sodium bicarbonate. The 

concentration of HsTf was quantitated by UV/vis (e280 = 93,000 M-1cm-1). An aliquot of 

this solution was taken and an amount of 10:1 citrate:Ti(IV) stock solution was added to 

the apo-HsTf solution in buffer such that the Ti(IV) was at a 4:1 excess. The solution was 

allowed to react at room temperature for 18 h. After the reaction time, the solution was 

excessively dialyzed with the buffer described above but not containing sodium citrate to 

remove excess [Ti(citrate)3]8-. The absorbance at 280 nm was collected to obtain the 

concentration of HsTf after dialysis. Nitric acid was added to an aliquot of this sample and 

it was heated at 80°C for 5 min and centrifuged. The supernatant was analyzed for titanium 
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content by ICP-OES by comparison of intensity of emission at 336.121 nm to standards of 

known concentration.  

 The solution of Ti2HsTf in the specified buffer was added to a 1.000 cm pathlength 

cuvette and sealed. The cuvette and contents were placed in the thermostatted cell holder 

and allowed to reach the reaction temperature. To this solution, ent in DMSO and 

additional DMSO were delivered into the solution using a gas-tight syringe (Hamilton) to 

the desired ent concentration and to allow for 10% DMSO/aqueous solution. The cuvette 

was resealed and the contents were properly mixed and replaced into the cell holder. The 

duration of addition of ent and methanol and replacement of the cell into the cell holder 

was standardized to 15 s. Once the cell was replaced, spectra were taken of the solution 

over 20 h (220 nm – 500 nm; 600 nm/min). Data were analyzed using SPECFIT/32.21 The 

kinetic traces were analyzed with KaleidaGraph. 

 The fluorescence measurements were taken by addition of the solution above 

containing Ti2HsTf to a 96-well black assay plate (Costar 3916) and adding ent in DMSO 

in the specified ratio. Controls containing Ti2HsTf, apo-HsTf, ent only, and buffer only 

were measured as well. The solutions were excited at 280 nm and the emission was 

collected at 330 nm every minute for 3 hours. The fluorescence values were normalized 

with respect to the first reading. Data were analyzed using SPECFIT/32.21 

4.3 Results and Discussion 

4.3.1 Improved Synthesis of Ent 

 Some modifications were made to the reported synthesis of ent14 to avoid lingering 

impurities in some steps. For example, the synthesis of the trilactone backbone yielded a 

yellow impurity which was not reported in Baramov, et al.14 Alleviation of this impurity 
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was possible by dissolving the product and impurity in DCM and precipitating the product 

with hexanes, suggesting that the impurity is a hydrophobic species. Additional impurities 

were removed in the synthesis of the benzylated enterobactin. The byproduct of the 

synthesis was diisopropylurea. This impurity persisted following column purification 

regardless of how the crude product was loaded onto the column. Diisopropylurea was 

removed by first drying the eluted product then dissolving the yellow oil in acetone. After 

the crude product was dissolved in acetone, water was used to precipitate both 

diisopropylurea and benzylated enterobactin. The physical properties of benzylated 

enterobactin and diisopropylurea allow for centrifugation of the solution to separate the 

two components. Benzylated enterobactin is denser than water and diisopropylurea readily 

forms a fine white precipitate suspended in water. 

4.3.2 Hydrolysis of Ent in Aqueous Solution 

 Ent is known to hydrolyze in solution at physiological pH due to nucleophilic attack 

on the trilactone backbone carbonyl carbon.26 The hydrolysis of ent is important for the 

release mechanism of Fe(III) because after [Fe(ent)]3- retrieval by bacteria, the hydrolysis 

of the backbone increases the reduction potential of the [Fe(ent)]3- complex.11 The 

reduction of Fe(III) to Fe(II) dramatically reduces the affinity of ent to Fe(II) and thus 

Fe(II) is able to be recovered from the complex.11 For the purposes of studying the 

thermodynamic properties of ent with Ti(IV), however, hydrolysis is detrimental to the 

results. In order to obtain information of how stable ent is at different pH values, ent in 5% 

methanol was added to a pH 5 and 6 acetic acid buffer and monitored by mass spectrometry 

over 52 h. 
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 Three m/z values with relatively high abundance were identified which represent 

intact ent in solution. The intensities were monitored with respect to time and fit to a line. 

The slope was recorded for all three trials and averaged (Table 6.1). This slope represents 

the reduction of ent in solution due to hydrolysis of the trilactone backbone. Generally, pH 

5 solutions have steeper slopes than those at pH 6. The exception being the [Ent + K + 

MeOH]+ intensity generated slope. From this result, it may be postulated that pH 6 would 

lead to less hydrolysis as the slope is less steep. This assumption, however, may be flawed 

as it contradicts previous studies which indicate that only 5% of ent hydrolyzes in solution 

after 12 h.11 The reduction of ent in solution according to the mass spectrometry is 

approximately 20% after 12 h. Additionally, the intensities associated with intact 

enterobactin decreased, however, no additional peaks consistent with degradation products 

were observed to increase in tandem, possibly indicating that ent is actually precipitating 

out of solution. Since the solution was very low concentration (~10 µM), it may be possible 

that ent was adsorbing to the sides of the mass spec vial, effectively reducing free ent in 

solution. 
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Table 4.1: Slopes yielded from plotting intensity at given m/z value with respect to time. 

Characterization m/z pH 5 (D intensity/h) pH 6 (D intensity/h) 

[Ent + H]+ 670.1 -78.91 -57.36 

[Ent + K]+ 708.1 -95.74 -72.91 

[Ent + K + MeOH]+ 740.1 -78.57 -85.21 
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4.3.3 Ent Binding to Ti(IV) in Solution 

Ent complexes Ti(IV) in a 1:1 coordination through full catecholate binding as seen 

in its x-ray crystal structure.14 Much like the crystal structures of the ent complexes with 

V(IV), Ge(IV), and Si(IV), the Ti(IV)-ent has D configuration. Circular dichroism 

experiments indicate that Fe(III), Cr(III), and Rh(III) analogs with ent are also 

D configuration.10,11,28 There is limited information regarding the binding to Ti(IV) by ent 

in solution and other spectroscopic properties. 

 A solution of constant concentration of Ti(IV)-citrate at pH 6 was titrated with a 

methanolic solution of ent such that the final concentration of methanol was 5% (Figure 

4.2). Citrate was utilized to prevent precipitation of Ti(IV) from solution. Additions of ent 

yielded an increase in a transition at 385 nm from a mole ratio of 0-1.0. At a mole ratio of 

1.0-2.0, this transition at 385 nm leveled off. This 385 nm transition is attributed to the 

LMCT of the Ti-ent complex which is consistent with other Ti(IV)-catechol 

complexes.29,30 At 1.5 equiv, a transition at 315 nm is resolved due to free ent in solution. 

The absorbance at 385 nm were plotted with respect to mole ratio of enterobactin. The 

earlier portion of the titration (mole ratio 0-0.8) and the later portion of the titration (mole 

ratio 1.0-2.0) were fit to linear functions. The intercept of the functions is slightly less than 

a mole ratio of 1:1 ent:Ti(IV). This deviation is likely because of difficulties in enterobactin 

quantification. While the intercept is slightly less than 1 mole ratio of ent:Ti(IV), this result 

likely indicates that ent complexes Ti(IV) in a 1:1 coordination in solution. Dividing the 

slope of the linear fit from the lower mole ratio portion of the titration by the concentration 

of titanium yielded a molar extinction coefficient at 385 nm for [Ti(ent)]2- of 15,700 M-

1cm-1. 
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Figure 4.2: The titration of ent into a solution of Ti(IV)-cit. A. UV/vis spectra of constant 

[Ti(IV)] and increasing [ent] at pH 6.0 and ionic strength 0.1 with KCl. Additions of ent 

into solution provide an increase in absorbance at 385 nm indicating formation of a Ti(IV)-

ent species. B. The plot of absorbance at 385 nm versus mole ratio of ent with respect to 

Ti(IV). The blue points indicate the portion of the titration in which the absorbance is 

increasing thus increasing Ti(IV)-ent formation. The red points indicate the portion of the 

titration in which the absorbance is approximately constant indicating a stable 

concentration of Ti(IV)-ent. When the blue points are fit to a linear function, the slope, 

when divided by the [Ti(IV)] yields the molar extinction coefficient. 
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4.3.4 Spectropotentiometric Titration of Ti(IV)-ent 

A solution of Na2[Ti(ent)] was prepared in situ by first adding ent to a 5% methanol 

solution (I = 0.1). The concentration of ent was determined by UV/vis (e316 nm = 9500 M-

1cm-1)16 and to this solution, an aliquot of freshly prepared and ICP-OES-quantitated TiCl4 

solution in 0.1 M HCl was added to yield a 5% excess of ent to Ti. This solution was titrated 

from p[H] 3-12 by varying additions of standardized 0.1 M NaOH (Figure 4.3). At p[H] 3-

9, the LMCT of [Ti(ent)]2- seen at 385 nm persists. At higher p[H] values (9-12) a decrease 

in this transition is observed and it is replaced with a transition at 345 nm. In addition to a 

345 nm transition, the equilibration times grew progressively larger. This 345 nm transition 

is likely hydrolyzed and fully deprotonated ent as it is similar to the spectrophotometric 

titration of the ligand alone.6 Following hydrolysis of the trilactone backbone, Ti(IV) may 

be released into solution; however, no precipitate was observed in the duration of the 

titration. The Ti(IV) may be complexed as a dimer species with the available hydrolyzed 

ent. This possible dimer species may be seen in the shoulder at approximately 380 nm or 

at shorter wavelengths. Dimer species are possible for high pH Ti(IV)-catechol systems 

and the LMCT from the bis(µ-oxo) Ti(IV)-catechol dimer was blueshifted relative to the 

[Ti(catechol)3]2- species.29 Furthermore, unpublished data indicates that a bis(µ-oxo) 

Ti(IV)-tiron dimer can exist at high pH (Appendix C Figure C1). The bis(µ-oxo) Ti(IV)-

tiron dimer suggests that steric bulk from moieties connected to the catechol cannot prevent 

dimerization. Using standardized 0.1 M HCl, a second spectrophotometric titration 

observed the [Ti(ent)]2- complex from p[H] 3-2. When the spectra were corrected for 

dilution there was no change in absorbance (Figure 4.4). 
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Figure 4.3: The spectrophotometric titration of Ti(IV)-ent. A total of 67 spectra were 

collected at varying p[H] with approximately 0.1 p[H] unit between each spectrum. The 

titration was performed under an Ar atmosphere at 25 °C with a 5% excess of ent to Ti(IV) 

to ensure limited Ti(IV) cluster formation. From p[H] 3-9 the characteristic LMCT of 

Ti(IV)-ent was constant at 385 nm. Above this p[H], the 385 feature decreased and a 

transition at 340 nm is observed. 
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Figure 4.4: The spectrophotometric titration of Ti(IV)-ent at low p[H]. A. A total of 8 

spectra were collected from a p[H] of 3-2 under an Ar atmosphere at 25 °C. An excess of 

5% ent was used to ensure limited Ti(IV) cluster formation. A decrease in the LMCT of 

the Ti(IV)-ent complex possibly suggests the dissociation of the Ti(IV)-ent species. B. The 

molar extinction coefficients of each spectra reveal that the decrease in absorbance is due 

to dilution. This result suggests that the same Ti(IV)-ent species exists at p[H] 3 that exists 

at p[H] 2. 
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 The potentiometric titration of the [Ti(ent)]2- complex yields an effectively 

featureless curve reminiscent of a strong base into strong acid titration (Figure 4.5A). The 

equivalence point of the curve is approximately at 6 equiv of base to ligand. This value 

indicates 6 catecholate protons are released upon binding to the added Ti(IV). Because the 

potentiometric curve is featureless, the pKa of the ortho hydroxyl to the amide on the 

catecholate binding moiety of ent (the more acidic of the two hydroxyls on the catechol) is 

below 3 (and presumably below 2) when Ti(IV) is in solution. Furthermore, there are no 

titratable protons on the complex between p[H] 2 and 9. 

 Use of ZL and ZM plots affords additional insight regarding the species present from 

p[H] 3-11 (Figures 4.5B, 4.5C).31 Throughout the duration of the titration, both ZL and ZM 

plots indicate limited variation in proton release (from ligand) or hydroxide consumption 

(by metal). Both ZL and ZM plots have approximate values of 0.5 and -0.5, respectively, 

during most of the titration while both approaching 0. These observations support limited, 

if any, proton release from the ligand or hydroxide usage by the metal below p[H] 9. Taken 

with the potentiometric curve indicating a total of 6 protons released upon Ti(IV) 

complexation, ent likely binds with Ti(IV) through full catecholate binding from p[H] 3-9 

(and likely from p[H] 2-3) consistent with the crystal structure. At p[H] 9, however, there 

is a precipitous drop in the ZL plot and a large increase in the ZM plot. This drastic change 

in the plots is likely due to the base-catalyzed hydrolysis of the trilactone backbone of ent. 

This hydrolysis of the trilactone backbone with the Fe(III) complex with ent has been 

observed.11 With a base catalyzed hydrolysis, the use of the hydroxides should be equal to 

the introduction of hydroxide and the introduction of the proton from the ligand to the 

solution.
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Figure 4.5: The potentiometric titration of Ti(IV)-ent. A. Potentiometric curve for Ti(IV)-

ent from p[H] 3-11 where a is moles of base/moles of ligand. The featureless potentiometric 

curve has an equivalence point at approximately six eq. of base to ent. B. The ZL curve for 

the potentiometric titration of Ti(IV)-ent. The ZL curve measures the number of protons 

consumed or released into solution during the titration. C. The ZM curve for the 

potentiometric titration of Ti(IV)-ent. The ZM curve measures the number of hydroxides 

consumed or released into solution during the titration. 
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 According to the spectropotentiometry, there is limited, if any shift in speciation 

for the [Ti(ent)]2- complex from p[H] 2-9. This result, suggests that protons are unable to 

outcompete Ti(IV) for binding to any of the 6 catecholate oxygens. This ability of Ti(IV) 

to strongly bind ent through catecholate binding mode from p[H] 2-9 contrasts other 

metals’ interactions with ent. The first pKa values of Fe(III)-, Al(III)-, Ga(III)-, Sc(III)-, 

and In(III)- ent complexes range from 4.02 – 5.15.6 Each M-ent complex, upon protonation 

of the meta hydroxyls and shifting from catecholate to salicylate binding (Figure 4.1 B, C), 

exhibits a significant change in its UV/vis spectrum which is not seen for the titration of 

[Ti(ent)]2-.6 When comparing the speciation of the [Fe(ent)]3- complex (Figure 4.6) to what 

is observed from the [Ti(ent)]2- complex, there are multiple protonations of the [Fe(ent)]3- 

complex beginning at a pH of 4.95. There are no detectable protonations of the [Ti(ent)]2- 

complex indicating the high affinity of the catecholate ligands with Ti(IV). 
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Figure 4.6: A. Speciation for Fe(III)-ent as a function of pH. The species are as follows: 

[Fe(H3ent)] (pink), [Fe(H2ent)]- (black), [Fe(Hent)]2- (green), [Fe(ent)]3- (red).6 B. Modeled 

speciation for Ti(IV)-ent as a function of pH. The species are as follows: [Ti(ent)]2- (red), 

[Ti(hydrolyzed-ent)]2- (black). 
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There is also indication that size of the ion limits salicylate binding mode by ent by 

increasing strain on the complex if the metal ion is too small or too large for the binding 

pocket. Of all the metal ions studied with known pH dependent spectroscopic data, Al(III) 

and In(III) have the smallest and largest radii, with ionic radii of 0.54 and 0.80 Å, 

respectively.15 The ionic radius of Ti(IV) is 0.605 Å which falls in the range of the M-ent 

complexes with known first pKa values. Therefore, prevention of a salicylate binding mode 

of Ti(IV)-ent is not due to the size of Ti(IV). The lack of protonation indicates that the 

extreme stability of the [Ti(ent)]2- complex is mostly due to the very hard Lewis acidity of 

the titanic ion as opposed to any differences in size vs. Fe(III). 

4.3.5 Competition Titration: DFOB versus ent 

The [Ti(ent)]2- complex stability constant could not be obtained directly through 

spectropotentiometric means due to the inability of protons to compete with the binding 

site of ent when Ti(IV) is available. Therefore, competition titrations were attempted to 

obtain the stability constant of the [Ti(ent)]2- complex. While the Ti(IV) apparently binds 

ent through full catecholate binding mode from pH 2 – 9, the rapid base catalyzed 

hydrolysis of the trilactone backbone of ent must be considered. Thus, a Ti(IV)-ligand 

system must be chosen based on the criteria of: 1) a known and sufficiently high stability 

constant with Ti(IV) 2) ability of use in a suitable pH range for solubility of the Ti(IV)-

ligand competitor system as well as hydrolytic stability of the trilactone backbone, 3) a 

homogenous species at the selected pH, and 4) limited spectroscopic interference. 

Titanium(IV) was found to bind to desferrioxamine B (DFOB) in a 1:1 fashion with a 

stability constant (log b110) of 38.1 for the species that predominates at pH of 6.5 The 

species which is present at almost complete abundance (99%) is [Ti(DFOB)]+ which has a 
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lmax = 310 nm. These characteristics lead to the possible usage of the Ti(IV)-DFOB 

complex to determine the stability constant of the [Ti(ent)]2- complex. 

Solutions of [Ti(DFOB)]+ at constant concentration with 1000 fold excess of DFOB 

and ionic strength (I = 0.1) in pH 6 MES buffer were titrated with 0-1.4 equiv of ent (Figure 

4.7). For each competition titration, the formation of [Ti(ent)]2- can be observed by an 

increase in a transition at 385 nm. Each set of spectra was fit using SPECFIT/32 using the 

series of log b values obtained for the protonation of DFOB5 and ent6 as well as the major 

M-L complexes relevant at that pH ([Ti(DFOB)]+ log b110 = 38.1)5 (Appendix C Table C1). 

The [Ti(ent)]2- species was utilized as the major Ti(IV)-ent species at pH 6. According to 

the generated speciation model, there is an increase in concentration of [Ti(ent)]2- with 

every introduction of ent. The interpretation of this fit is that at even at 1000 equiv of DFOB 

to Ti(IV), the sequestration of Ti(IV) by ent is similar to that of free Ti(IV) in solution. 

This linear function from the calculated concentration of [Ti(ent)]2- restrains the calculated 

log b to a lower limit. The stability of the Ti(IV)-ent species must be greater than this value 

to overcome competition from DFOB, a ligand of known avidity, but there is no way to 

know how much greater. Previous competition titrations with [Ti(DFOB)]+ and ent with 

DFOB:Ti ratios of 1:1, 10:1 and 1000:1 (1:1 and 10:1, Appendix C Figure C2) all yielded 

linear fits of [Ti(ent)]2- concentration. Lower limits for log b110 for [Ti(ent)]2- of 50.2, 50.4, 

and 52.9 were obtained through these fitted spectra of DFOB:Ti ratios of 1:1, 10:1 and 

1000:1, respectively. These obtained lower limits for the log b of [Ti(ent)]2- are likely quite 

low and are expected to be approximately 10 log units higher by comparison to other 

catecholate Ti(IV) metal complexes such as [Ti(tiron)3]8- and [Ti(catechol)3]2- (log b of 

57.6 and 61.6, respectively).32 Further experiments into this ligand system were attempted. 
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Up to a DFOB:ent ratio of 9500:1 was used while keeping the concentration of ent constant; 

however, a satisfactory fit could not be obtained (Figure 4.8). A decrease in absorbance at 

385 nm is noted over the course of the titration with increasing [DFOB]; however, if ent 

was being released, there should be a simultaneous increase in absorbance around 315 nm 

indicating free ent. 
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Figure 4.7: Competition titration of DFOB and ent with 1000-fold excess of DFOB to 

Ti(IV). A. Titration of ent into constant concentration of Ti(IV)-DFOB. The spectral series 

progresses from blue to dark red with in respect to [ent]. An increase of transition at 385 

nm indicates the formation of the Ti(IV)-ent species. B. Speciation plot of the defined 

competition titration. The black triangles are Ti(IV)-DFOB, the green diamonds are Ti(IV)-

ent, the blue squares are H6ent, and the red circles are H5ent. Increasing equivalents of ent 

with respect to Ti(IV) (0-1.434) yield a linear increase of Ti(IV)-ent. 
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Figure 4.8: Competition titration Ti(IV)-ent and DFOB. A. Incremental additions of DFOB 

into a constant concentration of Ti(IV)-ent. Titration progresses from blue to dark red as 

0-9448 equiv of DFOB are added. B. Series of spectra after subtraction of DFOB only 

spectrum. The absorbance contributed from DFOB subtracted was dependent on the 

concentration of DFOB added. Each spectrum corresponds to the same colored spectrum 

in Figure 4.8A. A slight decrease in absorbance at 385 nm (from dark blue to dark red) may 

indicate that there is a decrease in the amount of [Ti(IV)-ent], however, the entire spectrum 

decreases, as opposed to only the transition at 385 nm. 
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4.3.6 Competition Titration: DFOB versus tiron 

To obtain a closer approximation of the log b of [Ti(ent)]2-, tiron was used to 

compete with [Ti(DFOB)]+. While the stability constants are known for both Ti(IV) 

complexes (previously indicated), the spectra of the competition between [Ti(DFOB)]+ and 

increasing equivalents of tiron might provide insight into how stable the [Ti(ent)]2- 

complex is. For example, if tiron is able to form the [Ti(tiron)3]8- complex upon every 3 

equiv of tiron added to a solution of [Ti(DFOB)]+ similarly to the addition of ent into 

[Ti(DFOB)]+, then DFOB forms too weak of a complex with Ti(IV) at pH 6 for a complex 

that forms a log b of 57.6 (the log b of [Ti(tiron)3]8-) or higher. This result would justify a 

characterization of a higher log b than previously found for the [Ti(DFOB)]+ competition 

with ent. The spectra of the competition between a 1:1 ratio of [Ti(DFOB)]+ and tiron 

indicate that upon adding tiron, there is a gradual increase of a transition at 380 nm, 

characterized as the LMCT of the [Ti(tiron)3]8- complex. When these data were fit with 

SPECFIT/32, a sigmoidal curve corresponding to the concentration of [Ti(tiron)3]8- is 

observed. From this fit a log b of 54.5 is obtained. This sigmoidal curve indicates that 

DFOB does compete with tiron for Ti(IV) binding (unlike its failure to compete with ent). 

Furthermore, the ratio of DFOB:Ti was 1:1 and not the 1000:1 ratio at which ent was able 

to freely extract Ti(IV) from DFOB. The obtained log b of 54.5 for the [Ti(tiron)3]8- 

complex is approximately three log units less than the literature value of 57.6.32 It is not 

clear whether this discrepancy comes from the transitive nature of these measurements, 

which are several experiments removed from a direct determination of stability constant or 

whether they reflect differences in solution conditions. 
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4.3.7 Competition Titration: tiron versus ent 

The Ti-DFOB complex selected for study was unable to compete with ent for 

Ti(IV), thus a stronger ligand for Ti(IV) was needed. There are fairly limited options in 

regards to a strongly binding ligand to Ti(IV) which have known stability constants. The 

tris(tiron) system, however, has a log b of 57.6 with Ti(IV).32 It would be logical that the 

tris(tiron) system might be able to adequately compete with ent because the metal binding 

moieties of ent are catechols, the same metal binding moieties as tiron. This similarity, 

however, increases the difficulty of spectral interpretation due to the similar LMCT 

transition of [Ti(tiron)3]8- (e378 nm = 14,400 M-1cm-1) compared to [Ti(ent)]2- (e385 nm = 

15,700 M-1cm-1). In addition to the similar spectral properties, the cubed term for [tiron] in 

the equilibrium expression causes difficulties in the calculation. Slight deviations to the 

concentration of released tiron become cubed leading to a dramatic skew of the calculated 

Keq and from that the log b. Furthermore, due to the requirement that the solutions must be 

fairly dilute in concentration18 the initial concentration of tiron must be < 1 M. Very high 

relative concentrations of tiron must be used to mitigate the heavy reduction in value after 

cubing the concentration. Due to the strong p à p* transition for tiron at 280 nm, the 

spectra experience heavy interference and the collective spectra must be truncated to 

reduce contribution from tiron alone. 

A solution of [Ti(tiron)3]8- in pH 6 MES buffer (I = 0.1) was prepared in situ by 

adding Ti-citrate (in a 1:10 ratio of Ti:citric acid) to a solution of tiron. The ratio of tiron:Ti 

was 4000:1, thus tiron was in a great excess with respect to Ti. The vials were allowed to 

sit at room temperature overnight to allow for full equilibrium to be reached. Methanol was 

added to each vial such that the final percentage of methanol would be 10%. The 
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concentration of methanol was increased to ensure that no ent was precipitating during the 

duration of the equilibration. The concentration of ent was varied in each vial from 0-2.9 

equivalences with respect to Ti (Figure 4.9). The initial spectrum yielded a clear transition 

at 380 nm which is indicative of [Ti(tiron)3]8- complex. After an initial addition of ent, the 

peak resembled a shoulder but there was increase around 380 nm. Each additional 

introduction of ent resulted in a similar increase around 380 nm. The data were truncated 

at 380 nm to reduce contributions from free tiron. When fit in SPECFIT/32, contributions 

from ent, [Ti(tiron)3]8-, and [Ti(ent)]2- were modeled (the spectra of ent were fixed from a 

control in the experiment). The resulting spectra of [Ti(tiron)3]8- and [Ti(ent)]2- were within 

error. Both calculated spectra were approximately 5% higher than previously recorded 

spectra. This increase is likely due to the 10% methanol in the solution reducing the final 

volume below the calculated amount. The increase in concentration of [Ti(ent)]2- seen in 

the fit indicates that this fit will produce a log b that is again a lower limit. The fit obtained 

from these spectra resulted in a log b110  for [Ti(ent)]2- of at least 61.2. This log b is the 

highest stability constant ever measured for any metal-siderophore complex. 
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Figure 4.9: Competition titration of tiron and ent with 4000-fold excess of tiron to Ti(IV). 

A. Titration of ent into a constant concentration of Ti(IV)-tiron. A progression of blue to 

dark red indicates the amount of ent added. Determination of the species present was 

difficult due to the high concentration of tiron (100 mM) and because every addition of ent 

appears as an increase of a shoulder at 385 nm. B. Speciation plot of the tiron and ent 

competition for Ti(IV). The black triangles are [Ti(tiron)3]8-, the green diamonds are 

[Ti(ent)]2-, the blue squares are H6ent, and the red circles are H5ent. A linear increase of 

[Ti(ent)]2- formation indicates that even though tiron is at a very high concentration and 

[Ti(tiron)3]8- has a very high stability constant, the fit returns a lower limit for the log b110 of 

the [Ti(ent)]2- complex. C. Species modeled by SPECFIT/32 for the speciation plot in 9B. 

The green curve is the [Ti(ent)]2- complex, the black curve is the [Ti(tiron)3]8- complex, and 

the blue curve is H6ent. The H6ent was input as a fixed spectrum; however, the [Ti(ent)]2-

and the [Ti(tiron)3]8- spectra were generated by the model. 
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4.3.8 Kinetics of Ti(IV) Sequestration from Ti(IV)-citrate by Ent 

Ti(IV) can be exchanged among ligands in aqueous solution without precipitation, 

with the observed rates varying over many orders of magnitude. Ti(IV) is inherently labile, 

with bound waters exchanges thousands of times per second.33 But exchange between 

biorelevant bidentate ligands citrate and ascorbate takes place of minutes to hours,34 and 

metal ion delivery into even avid binding proteins like transferrin can take hours.35 

Despite the very strong affinity ent has for Ti(IV), the sequestration of Ti(IV) is 

quite slow. When a solution containing a 3:1 citrate:Ti(IV) ratio at pH 6 (I = 0.1) is mixed 

with a methanol solution containing ent such that the final concentration of MeOH is 5%, 

a gradual increase of [Ti(ent)]2- concentration is observed (Figure 4.10). This experiment 

was repeated for a 10, 20, and 50 ratio of [Ti(citrate)3]8- to ent a minimum of three times 

each and each was fit to a kinetic model using SPECFIT/32 (Appendix C Figure C3).21 
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Figure 4.10: Addition of ent to 10 equivalents of Ti(IV)-citrate (3.38:1 citric acid:Ti(IV)) 

at pH 6.0 and I = 0.1 (KCl). A. A series of spectra after addition of ent into Ti(IV)-citrate 

over 300 minutes. An increase of absorbance at 385 nm indicates the formation of Ti(IV)-

ent over time. B. The three species are obtained from the fit to the series of spectra. With 

respect to reaction time, the red curve is the first species, the blue curve is the second 

species, and the green curve is the third species present. C. Concentration profile of the 

three species present with respect to time. 
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Each concentration of [Ti(citrate)3]8- yielded a best fit to a two-step kinetic model. 

A standardized 15 s lag time between addition of ent and taking the first spectrum resulted 

in the inability to obtain an initial spectrum without any [Ti(ent)]2- formation. This lack of 

spectrum with no [Ti(ent)]2- is reflected in the fit as the first species already has a feature 

at approximately 380 nm. A stopped-flow experiment would be required to resolve the 

early time points. The second species has a pronounced absorbance at 385 nm. Finally, the 

third species is similar in absorbance to the second species; regardless, the model required 

all three species to obtain a satisfactory fit. Furthermore, a plot of the natural log of A385 

with respect to time for all ratios did not yield a straight line, supporting the finding that 

the kinetics were more complicated than simple first order. 

Two observed rate constants were obtained for each [Ti(citrate)3]8-:ent ratio. For 

the [Ti(citrate)3]8-:ent ratios of 10:1 and 20:1, k1obs and k2obs were similar. For the 

[Ti(citrate)3]8-:ent ratio of 50:1, k1obs and k2obs were approximately 2.5 and 3 fold higher 

than the 20:1 ratio, respectively. Citrate has weaker binding to Ti(IV) than does ent.20 The 

total duration of the reaction of Ti-citx with ent seems to take between 100-300 min 

depending on the Ti-citx to ent ratio. 
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Table 4.2: Specfit/32 determined rate constants for varying 

[Ti(citrate)3]8-/[ent] ratios 

[Ti(citrate)3]8-/[ent] k1obs (s-1) k2obs (s-1) 

10 0.499±0.006 0.026±0.003 

20 0.60±0.02 0.027±0.001 

50 1.9±0.2 0.07±0.01 
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4.3.9 Kinetics of Ti(IV) Sequestration from Ti(IV)-DFOB by Ent 

The ligand DFOB has a higher affinity to Ti(IV) than citrate as seen in the log b of 

the Ti-DFOB complex.5 The kinetics of Ti(IV) sequestration from the Ti-DFOB complex 

by ent were measured at pH 6 (I = 0.1). A solution of Ti-DFOB:ent in MES buffer and KCl 

was added to ent such that the final ratio was 10:1. During the reaction (Figure 4.11), a 

shoulder at approximately 400 nm increased with subsequent decrease and blueshift in a 

transition at 312-306 nm. These transitions indicate an increase in concentration of the 

[Ti(ent)]2- complex and a subsequent decrease of Ti-DFOB and ent concentration for the 

400 nm shoulder and the 312 nm decrease/blueshift, respectively. The experiment was 

repeated in triplicate and each series of spectra were fit to a three-step kinetic model with 

pseudo first order rate constants 1.73 x 10-2 ± 1 x 10-4 s-1, 1.83 x 10-3 ± 5 x 10-5 s-1, and 2.45 

x 10-4 ± 2 x 10-6 s-1 as kobs1, kobs2, and kobs3, respectively. A single step as well as a two-step 

kinetic model did not adequately fit the data. According to the fit, most of the increase of 

the transition at 400 nm occurred at the first step and most of the decrease/blueshift of the 

312 nm transition occurred in the third step. Overall, the reaction did not come to 

completion by 300 minutes. In comparison to Ti-citx, the duration of the reaction is longer. 

The extended time required for the reaction between Ti-DFOB and ent may reflect a greater 

stability of the starting complex and/or the steric difficulty of transfer from one hexadentate 

siderophore to another. 

Relative to other metal ions, Ti(IV) is labile with water exchange > 1000 s-1.33 Upon 

chelation to a molecule with negatively charged oxygen donors, the exchange rate of Ti(IV) 

dramatically reduces (< 1 s-1).34 Shown here is the sequestration of Ti(IV) from a small 

molecule (citrate) and a siderophore (DFOB) by ent. The rate constants obtained from the 
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Ti(IV) sequestration from Ti(IV)-citrate by ent are similar to the maximum rate constants 

obtained through the removal of Ti(IV) from Ti(IV)-ascorbate by citrate. The maximum 

rate constants for the removal of Ti(IV) from Ti(IV)-citrate by ent, however, was not 

obtained as there is a sharp increase in rate from 20 to 50 equivalents of [Ti(citrate)3]8- to 

ent. The trend, however, indicates that Ti(IV) removal from Ti(IV)-citrate should become 

much faster than for the Ti(IV)-ascorbate/citrate example. However, in comparison to the 

sequestration of Ti(IV) from Ti(IV)-DFOB by ent, the max rate constants of the Ti(IV)-

ascorbate/citrate example are approximately an order of magnitude faster. While the 

maximum rate constants for the removal of Ti(IV) from Ti(IV)-DFOB by ent were not 

measured due to spectroscopic interferences of high concentration of [Ti(DFOB)]+, this 

result does follow a trend of chelation to metal and a reduction in rate. Monodentate ligands 

bind to Ti(IV) on the order of 4 – 100 s-1.33,36 It follows that the sequestration of Ti(IV) 

from Ti(IV)-citrate by ent is slower than monodentate ligands interchanging with Ti(IV) 

because citrate is a bidentate ligand. In comparison, Ti(IV) removal from Ti-DFOB (a 

hexadentate complex) by ent is the slowest rate constant measured for all tested rates. 

Additionally, the additional step required to adequately fit Ti(IV) sequestration from Ti-

DFOB by ent could be due to the full removal of all three hydroxamate moieties on a single 

DFOB molecule. 
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Figure 4.11: Addition of ent to 10 equiv of Ti(IV)-DFOB at pH 6.0 and I = 0.1 (KCl). A. 

A series of spectra with respect to time upon adding ent to a solution of Ti(IV)-DFOB. 

Increase of a shoulder around 385 nm indicates formation of Ti(IV)-ent. B. Four species 

are required to fit the series of spectra. With respect to reaction time, the red curve is the 

first species, the blue curve is the second species, the green curve is the third species, and 

the black curve is the fourth species present. C. Concentration profile of the four species 

present with respect to time. 
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4.3.10 Kinetics of Ti(IV) Sequestration from Ti(IV)-HsTf by Ent 

 Human serum transferrin (HsTf) is an 80kDa bilobal protein that is primarily 

utilized for iron transport.37 Consistent with the binding of Fe(III):HsTf, Ti(IV) binds to 

HsTf in a 2:1 ratio.38 The spectroscopy of the Ti2HsTf complex suggests that Ti(IV) is 

bound in a similar coordination environment as Fe(III).38 Titanium(IV) coordination by 

HsTf has been found to have a higher logb than that of the Fe2HsTf complex.35 The log b 

values for the Ti2HsTf adduct are 26.8 and 25.7 for the C and N lobe, respectively.35 A 

major component in blood which binds extensively to metals is citrate. The concentration 

of citrate present in human plasma is 100 µM.39 The binding of Ti(IV) by HsTf, however, 

is stronger than that of citric acid, therefore it is unable to remove Ti(IV) from HsTf at 

appreciable concentrations.35 Enterobactin, however, should have a sufficiently high 

stability constant to remove Ti(IV) from HsTf. It remained to be determined whether that 

removal would occur at a physiologically relevant rate. 

Titanium(IV) was loaded into apo-HsTf by addition of excess Ti-citrate complex 

(Ti-citrate:apo-HsTf 4:1) in buffer at pH 7.4. This apo-HsTf/Ti-citrate solution was 

allowed to react at room temperature for approximately 18 h. This time has been shown to 

be sufficient to yield a full conversion of apo-HsTf to Ti2HsTf.35 The doubly loaded Ti-

HsTf was excessively dialyzed, the concentration of HsTf was measured by UV/vis (e280 = 

93,000 M-1cm-1) and the concentration of titanium was found with ICP-OES.16 Various 

concentrations of ent in DMSO (used to avoid degradation of protein that might result from 

high concentrations of MeOH) were then added to dilutions of this Ti2HsTf stock solution 

and spectra were recorded at a rate of 600 nm/min for at least 20 h. The series of spectra 

were then fit to a general kinetic model with Ti2HsTf being the initial species. 
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Each ratio of ent:Ti2HsTf yielded a series of spectra in which a single step was 

unable to adequately fit the model (Appendix C Figure C4-C8, Appendix C Table C2). The 

ratios of 20:1 through 1:1 of ent:Ti2HsTf required to be fit to a three step kinetic model and 

the 0.5:1 ent:Ti2HsTf experiment required a four step kinetic model. For the ratios of 20:1 

through 1:1, the initial step, according to the resulting spectra from the fit, indicates support 

for chelation of ent to Ti(IV), presumably in the binding site of HsTf due to the quick 

increase of a shoulder at approximately 380 nm. The first step in the 0.5:1 ent:Ti2HsTf 

ratio, however, does not indicate an increase of a shoulder around 380 nm indicating that 

there is likely not chelation of ent to Ti(IV) in the first step. There is an increase in 

absorbance around 380 nm in the second step, however. Regarding the 20:1 through 1:1 

ent:Ti2HsTf fits, strangely, the slow step becomes apparently slower for the 10 and 20 

equiv of ent to Ti2HsTf. 

A wavelength of 425 nm was selected for each ratio of ent and was plotted with 

respect to time (Figure 4.12A). This wavelength was selected due to the lack of interference 

from ent alone or Ti2HsTf. The rise in absorbance was fit to a two-term exponential growth 

function (Equation 4.1).  

! = #$ +#& 1 − )*+,- + #.(1 − )*+0-)                                   (4.1) 

Upon binding to metal, the lobe of HsTf closes and causes a local change in the 

protein environment around Trp264 causing a fluorescence quenching of HsTf.37,40 This 

quenching has been used to monitor the binding of Ti(IV) to HsTf.41 A control observing 

the reduction in the fluorescent quenching of Ti2HsTf as Ti(IV) was sequestered by ent had 

matching rate constants to the UV/vis experiments (Figure 4.12B, Appendix C Figure C9). 

Furthermore, the fluorescence experiments indicated that the transition at 425 nm is 
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exclusively due to the sequestration of Ti(IV) from Ti2HsTf (Table 2). There is a slight 

decrease in the rate constants obtained through fluorescence techniques. This decrease 

could be due to either a longer mixing time required for fluorescence measurements 

compared to UV/vis experiments. This longer mixing time would result in not obtaining 

initial kinetic measurements which have a relatively faster rate. Another reason for the 

decrease in rate is because of a constant overall decrease in fluorescence over the course 

of the experiment. This decrease can be seen in the normalized fluorescence plots (Figure 

4.12B). The initial rate constant was extracted from the UV/vis fit and it was then plotted 

in respect to ent concentration. 
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Figure 4.12: Kinetic traces of a 5:1 ratio of ent:Ti2HsTf. A. UV/vis absorbance 

measurements at 425 nm in respect to time. The red line represents the fit B. Fluorescence 

measurements from an excitation at 280 nm and an emission at 322 nm for a 5:1 ratio of 

ent:Ti2HsTf. The green points are ent and Ti2HsTf, the red points are Ti2HsTf alone, and 

the blue points are apo-HsTf. All points are normalized to fluorescence of the first reading. 
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Table 4.3: Observed rate constants for the shown ent/Ti2HsTf 
ratios. 
[Ent]/[Ti2HsTf] kobs1 UV/vis (s-1) kobs1 Fluorescence (s-1) 

20 0.0051 0.0033 

10 0.0048 0.0037 

5 0.0027 0.0017 

1 0.0022 N/A 

0.5 0.0016 N/A 
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The rate constants were then fit to a function (Equation 4.2) consistent with 

equilibrium binding followed by a reaction.42,43 This fit (Figure 4.13) supports a model in 

which a ternary species forms upon addition of ent to Ti2HsTf (Equation 4.3).  

2345 = 	 78[:;<]>?@
&.BC&.B	>?@[:;<]

                                                  (4.2) 

Furthermore, from the fit a dissociation constant of the ternary species to ent and Ti2HsTf 

alone (Kd) was determined to be 6x10-4 M. The rate constant for the formation of [Ti(ent)]2- 

from the ternary species (k2) was ascertained to be 0.01 sec-1. The kinetics of Fe(III) 

sequestration from Fe2HsTf an ent analogue, 3,4-LICAMS have been previously measured 

(Figure 4.14).44 The ligand 3,4-LICAMS is a linear ent mimic consisting of a 

polymethylene linker tethering catechol amide binding moieties. Both the k2 and Kd were 

lower than the ent/Ti2HsTf system (0.0011 sec-1 and 4.1x10-2 M, respectively).44 The cyclic 

trilactone backbone of ent increases the stability of the M-ent complex and since 3,4-

LICAMS is a 

                  (4.3) 

linear mimic of ent, the formation constant of Fe(III)-3,4-LICAMS is less than that of 

Fe(III)-ent.44 Regardless of the lower formation constant of Fe(III)-3,4-LICAMS, the 

obtained kobs for 3,4-LICAMS and ent were the same at a 1:1 ligand:Fe2HsTf ratio.44 This 

result supports the notion that the ent/Ti2HsTf system can be compared to the 3,4-

LICAMS/Fe2HsTf system regarding kinetics. Determination of the efficiency (k2/Kd) of 

the ent/Ti2HsTf system and the 3,4-LICAMS/Fe2HsTf system yield ratios of 20 and 0.027 

M-1sec-1, respectively. This factor of three difference between the efficiencies of the 

Ti2HSTf  +   H6ent Ti2HSTf    H6ent
k1

k-1

k2 [Ti(ent)]2-  +  TiHSTf
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ent/Ti2HsTf and 3,4-LICAMS/Fe2HsTf systems illustrates the high affinity of Ti(IV) for 

ent. 
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Figure 4.13: The ligand 3,4-LICAMS. Upon deprotonation of the red protons, 3,4-

LICAMS forms a hexadentate complex with metals through coordination by all three 

catechol moieties. 
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Figure 4.14: Plot of observed rate constants for the removal of Ti(IV) from Ti2HsTf in 

respect to ent added. 
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4.4 Conclusions 

 The lower limit of the logb for the [Ti(ent)]2- complex was found to be the highest 

measured for any metal-siderophore complex to date. Because of this high stability 

constant, the presence of ent has implications for a system in which contains any 

solubilized or even insoluble Ti(IV) source. The ability of ent to sequester Ti(IV) from 

seemingly any source is not limited by acidic pH values as the [Ti(ent)]2- complex persists 

at every pH value and no change in speciation was detected spectrophotometrically or 

potentiometrically. This observation is unprecedented for any spectropotentiometrically 

probed metal with ent. The lowest first pKa of the series of metals Al(III)-, Ga(III)-, Fe(III), 

Sc(III)-, and In(III)- ent was 4.02 from the In(III)-ent complex. The first pKa of the 

[Ti(ent)]2- complex, however, must be lower than 2. While the [Ti(ent)]2- complex is 

incredibly thermodynamically stable, its formation is relatively slow with Ti-citrate and 

Ti-DFOB complexes. Finally, it was found that ent could remove Ti(IV) from HsTf at 

relatively fast rates. In a broader sense, if enteric bacteria secrete ent in hopes to obtain iron 

and Ti(IV) is in solution, Ti(IV) would likely outcompete Fe(III) and Ti(IV) could be 

returned to the cell. 

 The ability of ent to sequester Ti(IV) from [Ti(tiron)3]8- suggest an incredibly high 

log b110. Despite the high stability constant, the kinetics of the formation of [Ti(ent)]2- is 

slow. The combination of the slow formation of [Ti(ent)]2-, the hydrolysis of ent in solution, 

and the spectroscopic similarities of [Ti(tiron)3]8- to [Ti(ent)]2- prevent the ability to obtain 

an absolute log b110 for [Ti(ent)]2-. Because of this, further experiments regarding 

[Ti(ent)]2- will be mostly kinetic or comparative in nature. Experiments involving the 

sequestration of Ti(IV) from [Ti(citrate)3]8- will be focused on. Further variation of the 
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[Ti(citrate)3]8- to ent ratio will be carried out in order to find the kmax. The energy of 

activation can also be obtained by varying the temperature of the reaction of [Ti(citrate)3]8- 

with ent. It is suggested that the B à C step for the Ti(IV) sequestration of [Ti(citrate)3]8- 

by ent is [citrate] dependent. Therefore, to obtain characterization data for the proposed 

species for the sequestration of Ti(IV) from [Ti(citrate)3]8- by ent, the concentration of 

citrate excess to Ti(IV) will be varied. The tested pH for all kinetic measurements was a 

pH of 6. Because at this pH the catechols in ent are mostly protonated, variation of the pH 

should affect the rate of Ti(IV) sequestration from [Ti(citrate)3]8-. The pH will be altered 

by utilizing an overlapping buffer system to ensure limited interference from different 

buffers. A higher pH should allow for a faster reaction; however, this may not have an 

effect on Ti(IV) sequestration. Finally, a comparison of crystalline [Ti(cat)3]2- to [Ti(ent)]2- 

will be made using X-ray absorption spectroscopy (XAS). Using XAS, the degree of s- 

and p-bonding of catechol to Ti(IV) in [Ti(cat)3]2- and ent to Ti(IV) in [Ti(ent)]2- can be 

analyzed.45 From this, since the stability constant of [Ti(cat)3]2- is known,32 an increased 

s- and p-bonding character of ent to Ti(IV) will indicate that [Ti(ent)]2- does have a higher 

stability constant compared to [Ti(cat)3]2-. 
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CHAPTER 5. 

DISSOLUTION OF TIO2 MEDIATED BY THE SIDEROPHORE 

ENTEROBACTIN 

 

5.1 Introduction 

 At an abundance of 0.6% of the Earth’s crust, titanium is the second most abundant 

transition metal.1 Titanium occurs mostly in its oxide form (TiO2, most commonly anatase 

and rutile) which has fairly low water solubility.2 Regardless of the low solubility of TiO2, 

titanic ions, (Ti(IV)) still leach into the environment.2–4 Increasing usage of TiO2 in 

consumer products, pigments, and industrial applications has increased the presence of 

Ti(IV) released into the environment.5 Concentrations of titanium in seawater can vary 

according to the sampling site, ranging from 4-300 pM.6 Freshwater, however, often 

contains higher concentrations of titanium between 1 pM and >100 nM.7–11 

 Titanium alloys are heavily utilized in surgical devices and implants due to their 

perceived inertness, biocompatibility, and resistance to corrosion due to a thin layer of TiO2 

that forms on the surface from immediate oxidation of titanium metal.12 Despite the inert 

reputation of titanium implants, patients with titanium implants are found to have higher 

titanium concentrations in their blood.5 Even titanium implants which do not experience 

mechanical wear can cause increased titanium concentrations in the body.12,13 When sites 

on titanium implants are exposed in buffer simulating physiological conditions, the metal 

surface quickly hydrolyzes and forms mostly anatase by one month.14 The titanium 

released from the implants is likely to exist as a titanium citrate species, if not bound to 

proteins.15 Once titanium is in the blood, it can be taken up by dendritic cells and is 
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hypothesized to bind to phosphate-containing proteins causing metal hypersensitivity and 

aseptic loosening in some patients.16 Complications of titanium implants results in more 

than $100 million per year cost to health services.12 

 Iron is a heavily sought after metal in Nature and organisms have devised powerful 

strategies to sequester this metal. Siderophores are low molecular weight molecules that 

are metabolized by organisms and have high association constants with iron.17 The 

association constants of these siderophores are so high that they are capable of dissolving 

iron oxides.18 Even at low concentrations, the presence of siderophores can increase the 

solubility of iron oxides dramatically.19 

 Enterobactin (ent) (Figure 4.1) has the highest association constant of any Fe(III)-

siderophore complex (KA = 1049).20 Enterobactin is a triscatecholate type siderophore and 

binds Fe(III) and other metals in hexadentate coordination. Enterobactin has been found to 

have exceptionally strong binding to Ti(IV) and likely stronger binding than Fe(III)-ent 

(Chapter 4). When ent is bound to Fe(III) at lower pH values, there is subsequent 

protonation of the catechol meta hydroxyls leading to salicylate binding to Fe(III).21 The 

ent complex formed with Ti(IV) does not exhibit this protonation and in the pH range from 

2-9 ent binds Ti(IV) with full catecholate binding. Only above pH 9 does the backbone 

begin to hydrolyze. 

 The dissolution of hydrous amorphous TiO2 by catechol has been reported.22, 23 A 

weaker siderophore than ent, desferrioxamine B (DFOB), can solubilize Ti(IV) from 

crystalline TiO2.24 In that work, the most effective dissolution was observed at relatively 

high siderophore concentrations (up to 2 mM), at low pH (pH 2), and over long times 

(days). In this work, the dissolution of anatase mediated by ent is monitored 
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spectroscopically and by inductively coupled plasma optical emission spectroscopy (ICP-

OES). The concentrations obtained at fixed time points are plotted with respect to time and 

kinetics of dissolution are presented. The kinetics and extent of titanium solubilization are 

compared to tiron and DFOB at similar concentrations and conditions. Utilization of 

attenuated total reflectance infrared spectroscopy (AT-IR) permits monitoring of ent 

adsorbing onto anatase and allow confirmation of catecholate binding to the TiO2 surface. 

Finally, rutile is examined for the extent of titanium dissolution. 

5.2 Experimental Section 

5.2.1 Materials 

All glassware used was soaked in a 20% HCl bath for at least overnight, rinsed 

three times with Nanopure-quality water (Barnstead Nanopure DIamond) (18.2 MW-cm 

resistivity), rinsed three times with 3% nitric acid (TraceMetal grade, Fisher Scientific), 

and rinsed three times with Nanopure-quality water. Anatase TiO2 powder (Aldrich, 

11K3596, min. 99.0%) was used as received. Rutile TiO2 powder (Aldrich, 03008JS, <5 

micron, 99.9+% metals basis) was used as received. Enterobactin (ent) was synthesized 

according to previously published methods.25 The desferrioxamine B (DFOB) used was 

the mesylate salt (Aldrich, 92.5%). The 4,5-dihydroxy-1,3-benzenedisulfonic acid 

disodium salt (tiron) used was the monohydrate (Aldrich). 

5.2.2 Instrumentation 

Spectroscopic measurements were obtained using a Cary 50 Bio UV-vis 

spectrophotometer. Solution pH was monitored using a Thermo Orion model 410 pH meter 

equipped with an Orion 8103BNUWP Ross Ultra semimicro pH electrode. Concentrations 

of titanium in solution were quantified by a Thermo-Scientific iCAP 7400-ASX520 
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inductively coupled plasma optical emission spectrometer (ICP-OES) using the 336.121 

nm emission wavelength in axial mode. ICP-OES data were collected with assistance from 

Lauren Profitt. Infrared spectra were obtained on a Golden Gate diamond (single bounce) 

ATR cell (Specac™) mounted in a Nexus 670 FT-IR spectrometer with a liquid N2 cooled 

mercury cadmium telluride A (MCTA) detector. ATR-FTIR data were collected with 

assistance from Elizabeth Cerkez. 

5.2.3 TiO2 Dissolution 

All solutions used were prepared immediately before addition to TiO2 in volumetric 

glassware. Appropriate amounts of KCl (J.T. Baker, ACS reagent) were added to each 

volumetric flask such that the final concentration would be 0.10 M after dilution. Methanol 

(Fisher, certified ACS) was added to the volumetric flasks to allow for the final methanol 

concentration to be 5%. DFOB and tiron were weighed out and added to the respective 

volumetric flasks. A stock solution of ent in methanol was added to the appropriate 

volumetric flask via a gastight Hamilton syringe. The solutions were added to either 20 

mg/mL, 15 mg/mL, 10 mg/mL, or 5 mg/mL suspensions of TiO2 (anatase or rutile) in 15 

mL polypropylene Falcon tubes. The initial pH of these suspensions was measured. Along 

with ligand containing solutions, ligand only and TiO2 only controls were used to ensure 

that all titanium in solution originates from TiO2 due to ligand-induced dissolution. The 

Falcon tubes containing the solutions were wrapped in foil to reduce ambient light and 

continuously mixed on a laboratory rotor at a frequency of 0.6 sec-1 at 22-23 °C. The 

laboratory rotor holding the samples was placed in a foil covered fume hood. 

Samples were collected at t = 0, 1, 2, 3, 6, 11, 23, 49, 80, and 176 h by shaking the 

samples to ensure homogenous distribution of TiO2 and extracting 1 mL aliquots of the 
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sample. The aliquot was then filtered using a 0.22 µm polyethersulfone syringe filter (Tisch 

Scientific). The filtrate was analyzed by UV-vis and ICP-OES. The UV-vis spectrum was 

obtained from 200-800 nm at a scan rate of 600 nm/min. The optical density at 700 nm 

(selected for lack of interference from absorbing species) was monitored to ensure no 

particulates were in the solution. Calculated concentrations of [Ti(ent)]2- were obtained by 

the extinction coefficient previously determined (e385 = 15,700 M-1cm-1). The calculated 

concentration of [Ti(tiron)]8- was obtained by the extinction coefficient e380 = 14,400 M-

1cm-1.26 Ti-DFOB was unable to be quantified by UV-vis because the resulting soluble Ti 

after dissolution was not concentrated enough. 

Samples were prepared for ICP-OES in 5 mL volumetric flasks by diluting 800 µL 

of each sample to the mark with 3% nitric acid (trace metals basis). A standard curve was 

generated by using titanium ICP standard with 1000mg/L titanium, TraceCERT® (Fluka, 

BCBM6591V). 

5.2.4 Surface Interactions of ent 

 A solution of ent was made by adding methanol to ent and quantifying the 

concentration by UV-vis (e313 = 9,500 M-1cm-1).27 100 µL of this solution was added to 

900 µL of water. The final [ent] was 692 µM. A slurry of anatase was prepared and 

sonicated. An aliquot of this slurry was added to the top of the ATR-IR crystal and dried 

by a steady stream of N2. A spectrum was taken of the anatase film. A 10% methanol 

solution (30 µL) was added to the top of the anatase film and a spectrum was taken. 

Following this spectrum, 30 µL of the ent solution was added to the 10% methanol solution 

and a spectrum was immediately taken. Spectra were manually taken over five hours with 

a glass cap over droplet to avoid evaporation. 
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5.3 Results and Discussion 

5.3.1 Ent Mediated Anatase Dissolution Kinetics 

 The kinetics of the dissolution of titanium from TiO2 by ent was monitored by UV-

vis and ICP-OES. Each slurry consisted of 0.1 M KCl, 5% methanol, 50 µM ent, and 

varying amounts of anatase. The small amount of methanol helps the stability of the 

unmetallated ent, and has been used in previous work with Fe and ent.20 To avoid 

interferences, no buffer was utilized. The pH, however, remained fairly constant through 

the course of the experiment (pH 5 ± 0.5). Previous studies suggest that ent complexes 

Ti(IV) in a 1:1 ratio at all pH values from pH 2 – 9 to form [Ti(ent)]2-. This complex 

exhibits an extinction coefficient of 15,700 M-1cm-1 at 385 nm. Utilizing this extinction 

coefficient, the concentration of Ti(IV) complexed by ent was monitored over 176 hours 

(Figure 5.1). Another notable feature in the series of spectra is a drastic initial reduction in 

solution ent concentration according to the transition at 313 nm (e313 =9,500 M-1cm-1). The 

absorbance for this transition should be approximately 0.475 for the initial spectrum. This 

dramatic decrease in absorbance is likely due to the fast adsorption of ent to TiO2. 

 

 

 

 

 

 

 



	 128 

 

Figure 5.1: Series of spectra collected for 20 mg/mL loading of anatase with 50 µM ent in 

5% methanol (µ = 0.1, KCl, pH 5 ± 0.5). Increase of absorbance at 385 nm indicates the 

formation of [Ti(ent)]2-. 
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 Utilizing the extinction coefficient of [Ti(ent)]2-, the concentration of dissolved 

Ti(IV) in solution was determined by UV-vis and plotted as a function of time in hours 

(Figure 5.2). To further supplement UV-vis, ICP-OES was employed (Figure 5.3). Three 

trials of each anatase loading were averaged and fit to two kinetic steps. The fast step 

happens within 12 hours yielding a k1 = 0.20 ± 0.12 h-1. Within error, the rate constant for 

the first step is unchanged across all TiO2 loadings. The second step is slower than the first 

and has a different value for anatase loadings of 20 – 10 mg/mL versus 5 mg/mL. For the 

20 – 10 mg/mL loadings, the rate constant k2 is 0.020 ± 0.007 hr-1 as compared to the 

slightly slower 5 mg/mL loading with k2 = 0.0075 ± 0.0005 h-1. The difference could be 

due to experimental difficulties associated with lower TiO2 loadings. Over the duration of 

the dissolution study, some TiO2 adhered to the walls of the Falcon tube leading to less 

available suspended TiO2. If the amount lost were the same across all loadings, this 

adhesion would remove a greater percentage of material in the 5 mg/mL experiment. The 

final solubilized concentration of titanium was consistently higher as quantitated by UV-

vis measurements compared to ICP-OES measurements. After 176 h, the concentration of 

titanium in solution began to approach 25 ± 2.5 µM according to UV-vis and 20 ± 1.4 µM 

according to ICP-OES with a slightly linear upward trend. Titanium concentration may be 

apparently higher in UV-vis measurements because of interferences from ent alone or the 

oxidation of ent increasing the absorbance at 385 nm. If either of these possibilities are 

correct, the values from ICP-OES should be considered more reliable. Tables 5.1 and 5.2 

summarize values obtained from kinetic fits for UV-vis and ICP-OES, respectively. 
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Figure 5.2: Dissolution results obtained by UV-vis for various anatase loadings over three 

trials. Initial anatase loadings: 20 mg/mL (red circles), 15 mg/mL (blue squares), 10 mg/mL 

(green diamonds), 5 mg/mL (black triangles). Initial ent concentration is 50 µM for all 

trials in 5% methanol with pH 5 ± 0.5 (µ = 0.1, KCl). 

 

Figure 5.3: Dissolution results obtained by ICP-OES for various anatase loadings over 

three trials. Initial anatase loadings: 20 mg/mL (red circles), 15 mg/mL (blue squares), 10 

mg/mL (green diamonds), 5 mg/mL (black triangles). Initial ent concentration is 50 µM 

for all trials in 5% methanol with pH 5 ± 0.5 (µ = 0.1, KCl). 
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Table 5.1: Fit from anatase dissolution by ent monitored by UV-vis. 

Initial TiO2 loading 

(mg/mL) 
20 15 10 5 

[Ti]max (µM) 21.1 22.1 27 28 

D[Ti]k1 (µM) 9 9 8 5.3 

k1 (hrs-1) 0.26 0.16 0.13 0.16 

D[Ti]k2 (µM) 11.2 13 18 22 

k2 (hrs-1) 0.027 0.020 0.016 0.008 

% ent consumed 42.2 44.2 54 56 

 

Table 5.2: Fit from anatase dissolution by ent monitored by ICP-OES. 

Initial TiO2 loading 

(mg/mL) 
20 15 10 5 

[Ti]max (µM) 18.5 19.1 19.8 21 

D[Ti]k1 (µM) 6.2 10 3.2 2.8 

k1 (hrs-1) 0.28 0.11 0.32 0.18 

D[Ti]k2 (µM) 12.1 9 16.6 18 

k2 (hrs-1) 0.025 0.014 0.019 0.007 

% ent consumed 42.2 44.2 54 56 
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 Even considering the slower second step for the 5 mg/mL loading, k1 was greater 

than k2 for each trial in respect to solubilized titanium. The faster initial rate of titanium 

dissolution may be indicative of initial scavenging of more available Ti(IV) at defects or 

steps on the surface of anatase followed by a slower dissolution of less-available anatase. 

This observation is consistent with previous unpublished work examining dissolution of 

anatase by DFOB at pH 2.24 The dissolution of TiO2 by ent occurs at approximately the 

same rate as 2 mM DFOB at pH 2 for the first step even at the higher pH and much lower 

siderophore concentrations; however, the second step is an order of magnitude faster for 

20 – 10 mg/mL loadings (0.020 hr-1 vs. 0.005 hr-1 for ent and DFOB, respectively).24 This 

step is generally responsible for the highest percentage of the [Ti]max. This faster k2 for ent-

mediated TiO2 dissolution consistent with the higher stability constant of the Ti-ent 

complex, with its apparently larger ratio of on- to off-rates. This hypothesis explains the 

slow rate of the second step as the dissolution of bulk, less accessible, and more difficult 

to dissolve TiO2.  

The results for TiO2 dissolution by DFOB at pH 2 indicated that higher anatase 

loading yielded higher maximum solubilized titanium.24 This finding differs from the 

dissolution of anatase by ent, in which [Ti]max was found to be approximately the same 

across all loads of TiO2 added with a slight increase upon decreasing load. This relative 

independence of TiO2 loading to the resulting [Ti]max indicates a possibility that the 

mechanism is [ent] dependent. A similar dissolution study was carried out in which the 

anatase loading was 20 mg/mL and the concentration of ent was 20 µM as opposed to 50 

µM (Figure 5.4). Preliminary results indicate a reduction in final [Ti] at 176 h relative to 

the 50 µM ent dissolution. The dissolution was executed twice and [Ti] was obtained by 
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UV-vis and ICP-OES to result in 4.19 and 3.18 µM, respectively. The total ent consumed 

for the 20 µM ent dissolution was 21% and 16% for UV-vis and ICP-OES measured 

concentrations, respectively. This value is approximately half of the total ent consumed 

compared to the 50 µM ent dissolution, indicating a likely dependence of ligand 

concentration for the mechanism. 
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Figure 5.4: Comparison of 50 µM ent (red circles) and 20 µM ent (blue square outline) 

both with 20 mg/mL anatase, 0.1 M KCl, 5% methanol and with pH 5 ± 0.5. Titanium 

concentration for both samples was quantified by UV-vis. The 50 µM ent sample was 

repeated three times and averaged and the of 20 µM ent sample was repeated twice in 

which the better trial was presented. 
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5.3.2 Comparison to tiron/DFOB Mediated TiO2 Dissolution 

The dissolution of anatase by tiron and DFOB were monitored in triplicate under 

the same conditions as the foregoing ent dissolution at µ = 0.1 (KCl), 5% methanol, pH 5 

± 0.5, and 20 mg/mL anatase loading (Figure 5.5). While both ligands are able to dissolve 

TiO2,22,24 lower concentrations were employed for this study. The concentrations used for 

tiron and DFOB were 150 µM and 50 µM, respectively. Because tiron chelates Ti(IV) in 

solution in a 3:1 tiron:Ti(IV) ratio, the concentration was increased by three-fold. Both 

UV-vis and ICP-OES were used to monitor the concentration of titanium in solution. The 

Ti-DFOB complex that formed was not concentrated enough to be detected by UV-vis, 

therefore only the ICP-OES titanium concentration measurements are shown. 

The kinetic fits of the tiron and DFOB dissolution described are summarized in 

Table 5.3. Each ligand dissolution exhibited a fast initial increase in titanium concentration 

followed by a slow decrease. This decrease is attributed to a “kinetic overshoot” for which 

the exact mechanism is unknown.28 The first step for tiron occurs approximately as fast as 

for the first step of ent-mediated dissolution of TiO2, while dissolution by DFOB occurred 

faster, possibly due to less bulk around the hydroxamate moieties of DFOB. The second 

kinetic step and the D[Ti] yielded high error in fitting and is not considered in this analysis. 

The most striking feature is the [Ti]max for each ligand which ranges from 0.84 – 2.7 µM, 

with DFOB being lower than tiron. This concentration is drastically lower than the [Ti]max 

for ent mediated TiO2 dissolution. The percentage of the total ligand consumed ranges from 

1.7 – 5.4%. 
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Figure 5.5: Dissolution of anatase by tiron (blue – UV-vis; red – ICP-OES) and DFOB 

(green) at 20 mg/mL anatase loading over three trials each. The concentration of tiron was 

150 µM and the concentration for DFOB was 50 µM. All trials had 0.1 M KCl, 5% 

methanol, and pH 5 ± 0.5. 
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Table 5.3: Fit from anatase dissolution (20 mg/mL loading) by tiron and 
DFOB monitored by ICP-OES and UV-vis (tiron only). The maximum 
titanium concentration ([Ti]max) was determined as the titanium 
concentration at the peak of the first step. 

Ligand ([Ti] 

determination 

method) 

Tiron (UV-vis) 
Tiron (ICP-

OES) 

DFOB (ICP-

OES) 

[Ti]max (µM) 2.7 2.3 0.84 

D[Ti]k1 (µM) 2.6 2.2 0.74 

k1 (hrs-1) 0.11 0.12 0.6 

D[Ti]k2 (µM) -2 -3 -1 

k2 (hrs-1) 0.005 0.002 0.003 

Max % ligand 

consumed 
5.4 4.6 1.7 
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The DFOB consumption percentage compared to previously determined TiO2 

dissolution by 2 mM DFOB at pH 2 is an order of magnitude lower (15% for TiO2 

dissolution at pH 2 vs. 1.7% for TiO2 dissolution at pH 5 ± 0.5). This reduction in ligand 

consumption is likely due to the higher solution pH values conducted in this study. As the 

pH increases to approximately 5.9, the surface of TiO2 approaches the point of zero charge 

(pzc).29 The dissolutions in this study were performed at a pH 5 ± 0.5, which is closer to 

the pzc leading to less positive charge on the surface of TiO2. The reduction in positive 

charge reduces the attraction of a ligand to the surface of TiO2 reducing total [Ti] in 

solution. Regardless of using a higher pH for ent mediated dissolution of TiO2, the ligand 

consumption percentages were significantly higher in all trials as compared to the pH 2 

DFOB TiO2 dissolution. Assuming no hydrolysis of the trilactone backbone of ent at pH 

2, it would be conceivable that there would be even further dissolution of TiO2 by ent at 

pH 2. 

5.3.3 Ent Adsorption to Anatase Probed by Vibrational Spectroscopy 

 Utilizing attenuated total reflectance infrared spectroscopy (ATR-IR), ent 

adsorption onto a deposited anatase surface was monitored. A spectrum was taken of the 

anatase film as a reference and a spectrum of a 10% methanol solution on the film was 

used to subtract from each collected spectrum. Addition of ent in 10% methanol to the film 

immediately lead to an increase in absorbance of characteristic vibrational modes to ent 

(Figure 5.6 A; Table 5.4). This result is consistent with the dissolution experiment above, 

in which appreciable ent was removed from solution by exposure to TiO2, before [Ti(ent)]2- 

began accumulating in solution. The transitions obtained in these series of spectra allow a 

determination of how ent binds to anatase. The 1460, 1443, 1259, and 1223 cm-1 indicate 
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a catecholate binding to the TiO2 surface as opposed to a salicylate binding mode.30 

Furthermore, the presence of the 1749 cm-1 transition indicates that the trilactone backbone 

of ent does not become hydrolyzed. The transition at 1749 cm-1 represents the ester 

carbonyl stretch and this stretch would be at a lower wavenumber if hydrolysis occurred 

suggesting the formation of a carboxylic acid. 

 The duration of this experiment was over five hours and a clear gradual increase of 

ent based transitions can be observed. Due to a lack of steady agitation, the deposition of 

ent onto anatase cannot be fit kinetically; however, the increase of a specific wavelength 

over time can indicate how quickly ent adsorbs to anatase (Figure 5.6 B). The cut-through 

of the series of spectra at 1620 cm-1 from 0 – 5 hours indicate an initial sharp increase of 

absorbance which happens within the first six minutes. Following the initial dramatic 

increase, there is a slower closely linear increase that persists for approximately 70 min. 

Finally, the remainder of the trace suggests a slow downward curve that does not stabilize. 

If agitation were applied, it is possible that the initial sharp increase of ent deposition would 

occur over more time and the adsorption of ent onto anatase would occur faster. 
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Figure 5.6: AT-IR spectra of adsorption of 346 µM ent onto anatase in 10% methanol over 

five hours. A. Series of spectra interlaid showing the increase of ent adsorption onto an 

anatase film adhered to the AT-IR stage. B. Increase of absorbance at 1620 cm-1 of above 

series of spectra. The wavenumber of 1620 cm-1 was selected because it was the most 

defined peak; however, other peaks show similar increase in absorbance. 
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Table 5.4: Vibrational modes of ent adsorption onto anatase. 

Observed transition 

(cm-1) 

Reported Transition 

(cm-1)a Assignmenta 

1749 1749 
n C=O, trilactone 

backbone 

1620 1612 n C=O, catecholamide 

1587 (shoulder) 1591 d N-H, n C=C (ring) 

1549 1552 d N-H 

1460 1460 n C=C (ring) 

1443 1447 n C-O, n C=C (ring) 

1346 (shoulder) 1351 n C=C 

1259 1256 n C-O, meta 

1223 1226 n C-O, ortho 

a. Values and assignment from reference [30] 
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5.3.4 Ent Mediated Rutile Dissolution Kinetics 

 The dissolution of rutile by ent did not behave like the dissolution of anatase by ent 

(Figure 5.7). A characteristic transition at 380 nm for the [Ti(ent)]2- complex was observed, 

however the rate of its formation was slower. When the concentration of titanium in 

solution was calculated and plotted with respect to time, no simple rate equation could be 

utilized to fit the data kinetically. Furthermore, the calculated [Ti]max at 176 h was only 1.3 

µM averaged between two trials (2.6% ent consumption). It is likely that crystalline rutile 

is less dissolved due to reduced availability of easily accessible Ti(IV) as compared to 

anatase.31 While the Ti(IV) is less available, the rutile solid did develop a yellow coloration 

indicative of coordination by a catecholate ligand. 
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Figure 5.7: Dissolution of rutile by ent. A. Series of spectra collected for 20 mg/mL loading 

of rutile with 50 µM ent in 5% methanol with pH 5 ± 0.5 (µ = 0.1, KCl). Increase of 

absorbance at 385 nm indicates the formation of [Ti(ent)]2-. B. Calculated concentration of 

[Ti(ent)]2- in solution using e385 = 15,700 M-1cm-1. 
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5.4 Conclusions 

The low micromolar concentration of ent used in the dissolution studies is much 

lower than the concentration used for the pH 2 DFOB mediated dissolution of TiO2 (2 

mM). In addition to this lower concentration, the pH used in this study was higher and 

more environmentally relevant. The dissolution of TiO2 by siderophores like ent should be 

favorable under common environmental conditions such as in natural fresh waters. This 

study showed that at environmentally relevant pH and at lower concentrations than 

previously studied, titanium can accumulate in solution. The concentration of ent used, 

however, is still much higher than the estimated concentration of siderophores in the 

environment (300 pM – 100 nM).19 The rate of ent to dissolve TiO2 occurs over 176 h with 

a high percentage of siderophore complexing Ti in solution. As the presence of TiO2 

increases by introduction into items such as consumer products and medical devices, the 

effects on these materials of siderophores and other avid Ti ligands should be considered. 

The consequences of TiO2 accumulation in the environment such as natural waters should 

be identified. It is seen here that TiO2 interacts strongly with ent and the resulting Ti(IV) 

containing complex may interfere with microbial iron cycling or may lead to a different 

unidentified fate. 

 The dissolution of titanium from TiO2 mediated by ent has been presented and the 

mechanistic data is mostly conjecture at this point. Therefore, most future experiments will 

involve the determination of the mechanism. Because the [Ti]max suggests that dissolution 

of titanium from TiO2 is ligand concentration dependent, the concentration of ent will be 

varied and analyzed similarly to experiments described above. More surface analysis 

indicating the interactions of ent with TiO2 will be carried out. For this surface analysis, 
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scanning electron microscopy (SEM) and transmission electron microscopy (TEM) will be 

used to observe the surface coordination of ent to TiO2. Both methods should also indicate 

if a change in the TiO2 surface after ent dissolves titanium from it. This could support if 

the first step is in fact a scavenging of more easily accessible titanium from TiO2. Finally, 

the dissolution of titanium from titanium wire by ent will be analyzed which will allow a 

more realistic depiction of how titanium is removed from titanium implants by ent. 
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CHAPTER 6. 

INTERACTIONS OF DEFERASIROX WITH TI(IV): SOLUTION SPECIATION, 

THERMODYNAMICS, AND INTERACTIONS WITH BOVINE SERUM 

ALBUMIN 

 

All presented work has been executed by an excellent Undergraduate Science Scholar  

of Temple University, Olivia Stepanic. 

6.1 Introduction 

The serendipitously discovered cisplatin has been used as an effective anticancer 

drug for over 40 years. The search for different metal-based anticancer agents with high 

effectiveness on different cancers and fewer side effects has been ongoing since cisplatin’s 

discovery. Titanocene dichloride was one of the initial Ti(IV) anticancer complexes shown 

to be effective against a wide range of cancers.1 Titanium(IV) based complexes, however, 

did not find clinical success due to their lack of solubility and high tendency to hydrolyze.2 

While there have been reports of more promising Ti(IV) anticancer complexes, 

their efficacy is still lacking. Development of less hydrolysis-prone Ti(IV) complexes has 

increased shelf life and in vivo stability; however, there is low selectivity for cancerous 

cells.3 One reason for the unfulfilled promise of Ti(IV) anticancer complexes is the lack of 

understanding of the mechanism behind cell death caused by Ti(IV).4 

One postulated mechanism of action of Ti(IV) anticancer complexes involves the 

coordination and delivery of Ti(IV) into cancerous cells by transferrin. Human serum 

transferrin (Tf) is a bilobal protein that transports hydrolysis-prone iron throughout the 

body and to cells. Because cancerous cells require a higher amount of Fe(III) relative to 
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non-cancerous cells, replacement of Fe(III) by Ti(IV) in Tf should have a selective negative 

effect on cancerous cells.5 

While Ti(IV) has been shown to bind to Tf more tightly than does Fe(III)6, ligands 

that mimic aspects of the binding site of Tf upon chelation to metal have been adopted to 

possibly serve as Ti(IV) containing anticancer compounds.7 Deferasirox (DSX) is an orally 

active Fe(III) chelator used for iron overload diseases (Figure 6.1).8 The free ligand has 

pKa values of 3.7, 9.0, and 10.6. The fully protonated neutral ligand is only sparingly 

soluble in water and solutions exhibit a persistent precipitate below pH 4. Its complexes 

with Fe(III) have been characterized in solution and include [Fe(DSX)2]3-,  

[Fe(DSX)(HDSX)]2-, [Fe(HDSX)2]-, and others.9  

Because of the chemical similarities between Fe(III) and Ti(IV), it was attractive to 

investigate the ability of DSX to bind and stabilize Ti(IV). While this work on its aqueous 

solution speciation was in progress, a new paper reported that the Ti(IV)-DSX complex 

exhibited anticancer activity towards cancerous human lung cell line A549.7 In that work, 

the stated rationale behind the efficiency of the Ti(IV)-DSX complex to promote cancer 

cell apoptosis was that the Ti(IV) binds more weakly to DSX compared to Fe(III) due to 

the axially coordinated nitrogens.7 

 

Figure 6.1: The ligand deferasirox. 
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Presented here is a consideration of the solution chemistry of the Ti(IV)-DSX 

complex. The solution chemistry of Ti(IV)-DSX was probed spectroscopically and the 

DSX:Ti(IV) ratio at near neutral pH was determined through the use of DSX titrations into 

Ti(IV). In contrast to the previous work observing Ti(IV)-DSX,7 a fully aqueous batch 

titration was analyzed and species in solution at tested pH proposed with support from least 

squares fitting and HR-ESI-MS. Competition titrations utilizing citric acid assessed the 

binding affinity of Ti(IV)-DSX. Finally, the binding of bovine serum albumin (BSA) and 

Ti(IV)-DSX in solution at physiological pH was studied. 

6.2 Experimental Section 

6.2.1 Materials 

 All DI water used was Nanopure-quality water (Barnstead Nanopure DIamond) 

(18.2 MW-cm resistivity). The purity of deferasirox (Ontario Chemicals Inc., 17070-

0720HT) was verified by 1H NMR and the compound was used as received. Titanium 

tetrachloride (Aldrich, ReagentPlus®, 99.9% trace metals basis), potassium chloride (J. T. 

Baker, ACS reagent), citric acid monohydrate (Aldrich, ACS reagent), and bovine serum 

albumin (Aldrich, Fraction V, ~99%) were used as received. 

6.2.2 Instrumentation 

 All spectroscopic data was obtained by a Cary 50 Bio UV-vis Spectrophotometer. 

The pH values for all aqueous experiments were obtained using a Thermo Orion model 

410 pH meter equipped with an Orion 8103BNUWP Ross Ultra semimicro pH electrode. 

All titanium containing solutions were quantified by a Thermo-Scientific iCAP 7400-

ASX520 inductively coupled plasma optical emission spectrometer (ICP-OES). ICP-OES 

data were collected with assistance from Lauren Profitt. The characteristic emission of 
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titanium at 336.121 nm was measured in axial mode. All mass spectrometric data was 

obtained in negative ion mode by an Agilent 6520 ESI-QTOF mass spectrometer using 

MassHunter software. Mass spec data were collected with assistance from Anna Gallo. 

6.2.3 Ligand Titration into TiCl4 

 To separate vials, a solution of KCl, varying concentrations of DSX, and a 

quantitated aqueous solution of TiCl4 in 0.1 M HCl were added. The pH of each vial was 

adjusted to 6.7 and additional water was added to allow for constant concentration between 

samples. The solutions stood undisturbed for at least 12 h until equilibrium was reached. 

After 12 h elapsed, the pH of each solution was tested to ensure minimal drift. The solutions 

were then filtered to remove any precipitated Ti(IV) (TiO2). The UV-vis spectrum of each 

solution was recorded from 200-800 nm at a scan rate of 600 nm/min. 

6.2.4 Batch Titrations 

 Batch titrations were performed with and without the presence of citric acid (cit). 

In the absence of cit, solutions of KCl and DSX were added. A solution of TiCl4 in 0.1 M 

HCl quantitated by ICP-OES was added to each vial. The pH of each solution was adjusted 

to be in the range of 6.7 – 11.2 while adding water to maintain constant concentration 

between samples. The final concentrations of Ti(IV) and DSX were 28.96 and 59.46 µM, 

respectively. The samples equilibrated for over 12 h. The spectrum of each solution was 

measured from 200-800 nm at a scan rate of 600 nm/min. The spectroscopic data were 

analyzed with SPECFIT/32.10 

 Citric acid was utilized to stabilize Ti(IV) in solution to prevent cluster formation 

and to facilitate chelation to DSX. Citrate is a much weaker chelator than DSX and does 

not significantly compete for Ti(IV) binding (see below) but allows the preparation of more 
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stable solutions. A TiCl4 solution was prepared by adding TiCl4 to a solution of 0.1 M HCl 

and quantitating this solution by ICP-OES. An aliquot of this solution was then added to a 

citrate solution such that the final citrate:Ti(IV) was 10:1. Batch titrations including citrate 

were carried out similarly to the batch titrations in the absence of citrate, however the 

Ti(IV) source was added initially before the DSX solution. The final concentrations of 

Ti(IV) and DSX were 29.9 and 89.9 µM, respectively. Each solution equilibrated and the 

spectra were measured. The data obtained were analyzed with SPECFIT/32.10 

6.2.5 Competition with Citric Acid 

 A series of vials were prepared with the previously described 10:1 citrate:Ti(IV) 

stock solution. Additional citrate was added to increase the concentration in two other sets 

of samples to 100:1 and 1000:1 citrate:Ti(IV). Supporting electrolyte (KCl) and DSX was 

added and the pH was adjusted. The final concentrations of Ti(IV) and DSX was 29.9 and 

89.9 µM, respectively. The pH for each sample was approximately 7.4. After allowing the 

solutions to reach equilibrium (at least 12 h), the UV-vis of each sample was taken from 

200 – 800 nm. 

6.2.6 Interactions of Ti-DSX and DSX with Bovine Serum Albumin 

 A buffer system of 150 mM NaCl, 20 mM NaHCO3, and 50 mM Trizma base at 

pH 7.6 was prepared. BSA was added and its concentration was measured by UV-vis (e280 

= 43,824 M-1cm-1)11. A sample containing Ti(IV)-DSX in this buffer was made. The 

controls included BSA in buffer, Ti(IV)-DSX2 in buffer, and buffer only. The final BSA 

concentration in all samples was 25 µM. The concentration of Ti(IV)-DSX2 in all samples 

was 100 µM. All solutions stood undisturbed for at least 12 h at ambient temperature. 

Following the reaction period, all solutions were dialyzed in buffer system for 24 h with 
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one buffer exchange and then dialyzed for an additional 24 h. Following the dialysis, the 

spectrum of each solution was acquired and the buffer-only spectrum was subtracted. The 

experiment was repeated twice more and the best trial is presented. 

 A similar buffer system was used for the interaction between DSX only (with no 

metal ion) with BSA containing 150 mM NaCl, 20 mM NaHCO3, and 50 mM Trizma base. 

The pH was altered to 7.4 at 4 °C and BSA was added and the concentration was 

determined. The vials prepared are as follows: BSA and DSX in buffer, BSA in buffer, 

DSX in buffer, and buffer only. The final concentration of BSA was 12.79 µM and the 

final concentration of DSX was 140 µM. The solutions equilibrated for at least 12 h. 

Dialysis buffer had the same composition as previously described. Solutions were dialyzed 

for 24 h in the buffer system with one buffer exchange followed by an additional 24 h of 

dialysis. The spectrum of each solution was measured and the buffer-only spectrum was 

subtracted. 

6.3 Results and Discussion 

6.3.1 DSX Titration into Constant [Ti(IV)] 

 To determine the ligand to metal ratio for a Ti(IV)-DSX complex at physiologically 

relevant pH, a series of solutions with constant [Ti(IV)] and increasing concentrations of 

DSX was analyzed. Preliminary measurements indicated that near pH 7 a new UV-vis 

transition occurred upon adding Ti(IV) to DSX. No resolved peak can be determined 

therefore the shoulder is approximated at 350 nm. This transition is likely a LMCT of the 

Ti(IV)-DSX complex due to having a similar wavelength as other Ti(IV)-phenolate 

complexes.12,13 Increasing the concentration of DSX leads to a steep increase in the 350 

nm absorbance at pH 6.7 (Figure 6.2). After approximately two equiv of DSX were added, 
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the absorbance at 350 begins to stabilize. Further increases in absorption are consistent 

with the tail of the UV absorption of the ligand alone. 
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Figure 6.2: Titration of DSX into a constant concentration of Ti(IV). A. Titration proceeds 

from blue curve to red curve. An increase of a shoulder at approximately 350 nm develops 

as DSX is added to a solution of Ti(IV) at pH 6.7. B. Plotted increase in absorbance at 375 

nm with respect to DSX added. Initial increase of absorbance is indicated by blue points 

and the final portion of the titration is indicated by red points. 
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When the initial portion of the titration (Figure 6.2 B, blue points) and the final 

portion of the titration (Figure 6.2 B, red points) are both fitted to individual separate 

straight lines, an intersection at 1.73 is observed. The resulting analysis suggests that at pH 

6.7, a Ti(IV)-DSX complex persists with a 1.73:1 stoichiometry. It is likely that it is 

actually a 2:1 DSX:Ti ratio as the Fe(III)-DSX complex forms in a 2:1 DSX:Fe(III) ratio.9 

There are possible experimental complications which cause this lower than expected 2:1 

ratio. One explanation is the precipitation of Ti(IV) as TiO2 prior to coordination to DSX 

thereby reducing the availability of complex formation. 

6.3.2 Batch Titration of the Ti(IV)-DSX System 

 The second two pKa values for H3DSX are known9 and were replicated (8.986 and 

10.182 for H2DSX- and HDSX2-, respectively, data not shown). As described above, the 

neutral H3DSX ligand precipitates below pH ~4, complicating the analysis. The pH-

dependent speciation of the Ti(IV)-DSX system was determined using spectrophotometric 

titrations. The pH values of solutions containing Ti(IV) in DSX (2.05:1 DSX:Ti(IV) ratio) 

were altered in between pH 6.7 and 11.2 (Figure 6.3). Lower pH values were attempted; 

however due to yellow precipitate formation below pH 6, only solutions above this pH can 

be measured. This precipitation is consistent with the formation of a neutral metal complex 

at a higher pH than that at which the ligand alone precipitates. A notable decrease in the 

350 nm transition resulted at approximately pH 9. Concurrent with this decrease, an 

increase at 330 nm occurred. The spectrophotometric data were well fit by invoking two 

species in this pH range, modeled as [Ti(DSX)(HDSX)]- and [Ti(DSX)2]2- with stability 

constants (log b) of 30.175 and 21.071, respectively. The pKa for the [Ti(DSX)(HDSX)]- 

was determined to be 9.104 (Figure 6.3 B). 
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Figure 6.3: Batch titration of Ti(IV)-DSX (2.05:1 DSX:Ti(IV)). A. Series of spectra 

collected from pH 6.7 – 11.2. The titration proceeds from blue to red such that blue spectra 

are lower in pH and red are higher. B. Distribution of Ti(IV) containing species only in the 

above spectra. Fit obtained through SPECFIT/32. Using MLH notation, the blue curve is a 

121 species and the red curve is a 120 species, according to ligand deprotonation and 

hydrolysis at the metal center. C. The molar extinction coefficients of each species present 

in the pH range observed. The blue curve represents the 121 species and the red curve is 

the 120 species. 
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 From this batch titration, an aliquot of the pH 8.8 sample was taken and analyzed 

on a High-Resolution Electrospray Ionization Mass Spectrometer (HR-ESI-MS) in 

negative ion mode resulting in two prominent m/z distributions at 394.0514 and 789.112 

(Figure 6.4). Both peaks show a titanium isotopic distribution. Due to the spacing between 

peaks in the 394.0514 m/z distribution, it is a doubly charged ion, with both mass and 

charge consistent with [Ti(DSX)]2-. The other peak suggests a single negative charge and 

this peak distribution matches [Ti(HDSX)(DSX)]2-. These m/z values reflect the possible 

species in solution at pH 8.8, thus both species modeled in the spectrophotometric titration. 

According to the fit and the m/z values, the most likely Ti-DSX species at this pH are seen 

in Figure 6.5. Because the spectrophotometric fit does not dictate hydrolysis at the metal 

center, water might be complexed to Ti(IV) for the [Ti(HDSX)(DSX)]- species as was 

invoked for the Fe(III) analogue.9 In that [Fe(DSX)(HDSX)]2- species, protonation of one 

phenol was invoked, with dissociation of the protonated phenol from the metal, its place 

being taken by a solvent water. The absence of water in the HR-ESI-MS here, however, 

does not indicate water is not present in the structure. The exchange rates between water 

and Ti(IV) are typically very fast and water can very possibly be lost in the ionization 

process.14 

 A spectrophotometric titration of the Ti(IV)-DSX complex was included in a recent 

report,7 however, the results were drastically different from the results presented here. The 

difference in results can be explained by the differences in experimental procedures. In this 

study, the solvent was entirely aqueous, while Loza-Rosas, et. al. used a 30% DMSO 

solution. Previously work with Fe(III)-DSX systems indicates that DMSO does change the 

speciation.9 
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Figure 6.4: ESI mass spectra of Ti(IV)-DSX solution from batch titration at pH 8.8 

obtained in negative mode. A. Experimentally obtained isotopic distribution centered at 

394.0514 m/z (blue) consistent with [Ti(DSX)2]2-. Calculated isotope pattern in red. 

Calculated m/z C42H24N6O8Ti: 394.0568. B. Experimentally obtained isotopic distribution 

centered at 789.112 m/z (blue) consistent with [Ti(HDSX)(DSX)]-. Calculated isotope 

pattern in red. Calculated m/z C42H25N6O8Ti: 789.1214.  
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Figure 6.5: Both proposed Ti-DSX complexes in the pH range 6.7 – 11.2. 
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The solution speciation above pH 6 is well described by two species, 

[Ti(DSX)(HDSX)]- and [Ti(DSX)2]2-, with a pKa of 9.1 between them. But the absolute 

log b values returned from fits of the spectropotentiometric data for the Ti-DSX complexes 

represent a lower limit on the true values. These log b values can only be determined 

directly from pH-dependent speciation data when the ability of the metal ion to outcompete 

protons for ligand binding at low pH can be evaluated. In this case, the yellow precipitate, 

causes experimental difficulties and the inability to test pH values lower than 

approximately 6. From speciation modeling, given the known ligand pKa values, we know 

that the log b121 must be at least 19 to account for complex formation at this pH, but the log 

b121 could be higher. In general, the log b for [M(DSX)2](n-6) formation correlates well with 

the log K for OH- binding by that metal ion, which would predict a log b120 for Ti(IV) on 

the order of 50 (Figure 6.6). The spectropotentiometric titrations here, however, returned 

fits suggesting that both log b values (log b121 = 30.175 for [Ti(DSX)(HDSX)]- and log 

b120 = 21.071 for [Ti(DSX)2]2-) are lower than those for the analogous Fe(III)-DSX 

complexes (log b121 = 44.4 [Fe(HDSX)(DSX)]2- and log b120 = 38.6 for [Fe(DSX)2]3-).15 

Competition experiments between [Ti(DSX)]2- and [Fe(cit)2]5- have been previously 

published and suggest the formation of [Fe(DSX)]3-.7 This result, however, does not 

definitively prove that [Fe(DSX)]3- has a higher log b than [Ti(DSX)]2-. Because citrate 

was used as means to shuttle the metals, the stability constants of these M-citrate complexes 

must be considered in this competition equilibrium. 

 

 

 



 163 

 

 

 

 

 

 

Figure 6.6: Linear free energy relationship between the formation of a M(DSX)2 complex 

and M(OH). Stability constants for M(DSX)2 complexes other than Ti(IV) are obtained 

from the NIST Stability Constant Database.16 
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 In an attempt to reduce precipitation issues, citrate was used as a shuttle for Ti(IV) 

and possibly facilitated any Ti(IV)-DSX species to remain in solution to allow for study of 

a greater pH range (Figure 6.7). Precipitation still occurred below pH 6 and the spectra 

were visually similar from pH 6.0 – 10.9. Additionally, the fit of the spectra yielded similar 

log b values to those above. This result indicates that citrate does not alleviate precipitation 

at lower pH values and does not compete with any Ti(IV)-DSX complex in the pH range 

tested at a ~10:1 ratio of citrate to DSX. 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 165 

 

 

 

 

 

Figure 6.7: Batch titration of Ti(IV)-DSX (3.00:1 DSX:Ti(IV)) where Ti(IV) was delivered 

by citrate (in a 10:1 citrate:Ti(IV) ratio). Titration begins as blue spectra (pH 6.08) and 

ends at red spectrum (pH 10.89). 
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6.3.3 Attempted Competition Titration of Citrate into Ti(IV)-DSX 

 To determine the log b of the Ti(IV)-DSX complex at physiologically relevant pH 

and conditions, citrate was utilized to try to compete with the Ti(IV)-DSX complex. Upon 

addition of a DSX solution to a solution of Ti(IV)-citrate with increasing concentrations of 

citrate (10-1,000 equiv in respect to Ti(IV)) at pH 7.4, limited to no change occurs to the 

Ti-DSX spectrum (Figure 6.8). A slight reduction in the spectrum at 1,000 equivalents of 

citrate may indicate very limited competition. 

The log b values of Ti(IV)-citrate complexes were reported without the 

consideration of the pKa of the alpha-hydroxyl of the citric acid due to a lack of availability 

of that value at the time of publication.17 The protonation constant of the alpha-hydroxyl 

has since been obtained18 and the log b has been reformulated with citrate as an H4L ligand 

to be 47.27 for the 3:1 citrate:Ti(IV) complex ([Ti(cit)3]8-]) most abundant at pH 7.4. 

Considering this value, a lack of competition with DSX of the formation of Ti(IV)-citrate 

supports that the log b of Ti(IV)-DSX is higher than calculated by spectrophotometric 

means. 
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Figure 6.8: Competition titration of Ti(IV)-DSX with and citrate. The red spectrum is a 

10:1 citrate:Ti(IV), blue is a 100:1 citrate:Ti(IV), and green is a 1,000:1 citrate:Ti(IV). The 

conditions for each set of data is µ = 0.1 (KCl) and pH 7.4. 
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6.3.4 Spectrometrically Defined Interactions of Ti-DSX and DSX with BSA 

 The Ti-DSX complex has been suggested as a possible anti-cancer complex and is 

effective against lung cancer cells.7 Human serum albumin (HSA) is a globular protein 

present in high concentrations in human blood (600 µM).19 If it bound the Ti-DSX complex 

and lowered its bioavailability, the interaction of Ti-DSX with HSA might have negating 

effects for the efficiency of Ti-DSX as an anti-cancer complex. BSA is often used as a 

model of HAS. The recent study reports no interaction of Ti-DSX with BSA;7 however, 

interactions of HSA with Fe(III)-DSX have been documented.20 Because of the possible 

structural similarities of Ti(IV)-DSX and Fe(III)-DSX, the interactions of BSA with 

Ti(IV)-DSX were reexamined. 

 To a buffered solution containing BSA, [Ti(DSX)2]2- was added and allowed at 

least 12 h to equilibrate. After sufficient dialysis, the final pH was recorded to be 7.6 and 

the spectrum of this solution was obtained (Figure 6.9). A clear difference exists between 

the BSA only spectrum and the BSA spectrum with Ti(IV)-DSX added. The BSA + Ti(IV)-

DSX spectrum indicates binding of Ti(IV)-DSX to BSA due to having a similar spectrum 

with [Ti(HDSX)(DSX)]-, the major species at pH 7.6 (assuming the speciation does not 

become altered upon protein binding). In the absence of protein, the metal complex is 

dialyzed away under the conditions of the experiment. Determination of the concentration 

of [Ti(HDSX)(DSX)]- can be performed using previously calculated e400 = 7,250 M-1cm-1 

obtained from the spectropotentiometric fit (Figure 6.3 C) (400 nm was selected to avoid 

contribution with BSA alone). From the absorbance at 400 nm, a Ti(IV)-DSX:BSA ratio 

of 1.416 was obtained. Because the proposed mechanism of action of Ti(IV)-DSX delivery 
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into cells suggest that it is unbound in the blood stream,7 binding of Ti(IV)-DSX to BSA 

indicates a possible unanticipated side reaction. 

 To further explore this interaction, DSX ligand alone was added to a similarly 

buffered BSA solution and allowed to equilibrate for at least 12 hours. The solution was 

excessively dialyzed and the final pH was recorded as 7.4. The spectrum of the BSA-DSX 

complex suggests binding of DSX to BSA; however, a concentration of DSX cannot be 

obtained because of overlap from BSA contributions to the spectrum. This result suggests 

that BSA has limited selectivity for a M-DSX complex as opposed to general affinity 

towards DSX. 
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Figure 6.9: The addition of Ti(IV)-DSX into BSA after equilibration and excessive 

dialysis. BSA + Ti(IV)-DSX (green) visually suggests that it is an overlaid spectrum of the 

Ti(IV)-DSX species at pH 7.4 and BSA suggesting association of Ti(IV)-DSX to BSA. 

BSA alone (blue) only exhibits a transition at 280 nm. Ti(IV)-DSX alone (red) is the same 

spectrum as the buffer only, indicating that all Ti(IV)-DSX in solution was removed in 

dialysis. 
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Figure 6.10: The addition of DSX ligand alone into BSA after equilibration and excessive 

dialysis. The green spectrum is BSA + DSX, the blue spectrum is BSA in buffer, and the 

red is DSX only. Because the spectrum with DSX only (red) effectively indicates no 

absorbance, the additional absorbance in the BSA + DSX spectrum (green) is likely due to 

DSX on BSA. 
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6.4 Conclusions 

 The development of Ti(IV)-containing anticancer drugs has been driven by the 

general effectiveness of Ti(IV) compounds against a wide range of cancerous cells. The 

aqueous solution chemistry of Ti(IV)-DSX, a candidate for an anticancer complex, has 

been presented here. The log b values measured for both Ti(IV)-DSX complexes are lower 

than the logb values reported for the corresponding Fe(III)-DSX complexes. According to 

the linear free energy relationship between the formation of a [M(DSX)2] and M(OH), the 

[Ti(DSX)2] should have a logb of approximately 50. This higher stability constant would 

preclude the exchange of Fe(III) for the coordinated Ti(IV). Because Ti(IV)-DSX has been 

found to be an anticancer complex, the proposed mechanism of Fe(III) displacing Ti(IV) 

in the Ti(IV)-DSX complex in Loza-Rosas, et al. may be incorrect. Furthermore, the 

Ti(IV)-DSX complex studied here bound to BSA under similar conditions as reported in 

Loza-Rosas, et al. not to promote binding. Further investigation of Ti(IV)-DSX binding to 

BSA to obtain thermodynamic parameters of formation will be investigated. 

 The aqueous speciation of Ti(IV)-DSX was obtained through spectrophotometric 

titrations and confirmed with MS. Further investigations of the Ti(IV)-DSX complex will 

involve its interactions with proteins. The interactions of [Ti(DSX)2]2- with BSA have been 

suggested which contradicts previous findings.7 More information characterizing this 

interaction should be performed. Using isothermal titration calorimetry (ITC), a solution 

of [Ti(DSX)2]2- can be titrated into BSA and a heat of binding can be obtained (if 

applicable). This experiment should offer data to further support binding of [Ti(DSX)2]2- 

to BSA and will indicate the number of [Ti(DSX)2]2- for every BSA unit. The molecule 

DSX is suggested to dissolve titanium from anatase TiO2. A solution of DSX can be added 
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to different loadings of anatase TiO2 and the concentration of Ti(IV) in solution can be 

recorded using the absorbance characteristic to the [Ti(DSX)2]2- complex as well as ICP-

OES. Dissolution suggests that while DSX is primarily used to treat iron overload, it is also 

able to solubilize titanium from TiO2. Finally, if [Ti(DSX)2]2- is found to interact with BSA 

and the proposed mechanism suggests free [Ti(DSX)2]2- is taken into the cell, the 

mechanism of importing [Ti(DSX)2]2- into the cell is not completely known. Cancerous 

cells can be subjected to free [Ti(DSX)2]2- or BSA bound [Ti(DSX)2]2- and the cell viability 

can be monitored with increasing concentration. 
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APPENDIX A 

CRYSTAL STRUCTURE REPORTS FOR CHAPTER 3: SOLID-STATE 

STRUCTURES OF 4,5-DIHYDROXY-1,3-BENZENEDISULFONATE SALTS 

	

Crystal Structure Report for LiTiron 

 

Figure A1. Crystal structure of LiTiron. Thermal ellipsoids shown at 50% probability. 
Major species shown. 

A specimen of C6H7Li2O10.50S2, approximate dimensions 0.042 mm x 0.085 mm 
x 0.241 mm, was used for the X-ray crystallographic analysis. The X-ray intensity data 
were measured. 

The integration of the data using a monoclinic unit cell yielded a total 
of 15864 reflections to a maximum θ angle of 27.85° (0.76 Å resolution), of 
which 2851 were independent (average redundancy 5.564, completeness = 98.1%, 
Rint = 4.94%, Rsig = 4.23%) and 2313 (81.13%) were greater than 2σ(F2). The final cell 
constants of a = 9.5847(18) Å, b = 7.4498(15) Å, c = 17.599(4) Å, β = 102.997(4)°, 
volume = 1224.4(4) Å3, are based upon the refinement of the XYZ-centroids 
of 181 reflections above 20 σ(I) with 4.461° < 2θ < 56.52°. The calculated minimum and 
maximum transmission coefficients (based on crystal size) are 0.8920 and 0.9800.  
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The structure was solved and refined using the Bruker SHELXTL Software Package, 
using the space group P 1 21/n 1, with Z = 4 for the formula unit, C6H7Li2O10.50S2. The 
final anisotropic full-matrix least-squares refinement on F2 with 234 variables converged 
at R1 = 4.06%, for the observed data and wR2 = 10.07% for all data. The goodness-of-fit 
was 1.024. The largest peak in the final difference electron density synthesis was 0.440 e-

/Å3 and the largest hole was -0.485 e-/Å3 with an RMS deviation of 0.076 e-/Å3. On the 
basis of the final model, the calculated density was 1.764 g/cm3 and F(000), 660 e-.  
 
 
Table A1. Sample and crystal data for LiTiron. 
Identification code LiTiron 
Chemical formula C6H7Li2O10.50S2 
Formula weight 325.12 g/mol 
Wavelength 0.71073 Å 
Crystal size 0.042 x 0.085 x 0.241 mm 
Crystal system monoclinic 
Space group P 1 21/n 1 
Unit cell dimensions a = 9.5847(18) Å α = 90° 
 b = 7.4498(15) Å β = 102.997(4)° 
 c = 17.599(4) Å γ = 90° 
Volume 1224.4(4) Å3  
Z 4 
Density (calculated) 1.764 g/cm3 
Absorption coefficient 0.485 mm-1 
F(000) 660 
 
 
Table A2. Data collection and structure refinement for LiTiron. 
Theta range for data collection 2.24 to 27.85° 
Index ranges -12<=h<=12, -9<=k<=9, -23<=l<=22 
Reflections collected 15864 
Independent reflections 2851 [R(int) = 0.0494] 
Coverage of independent 
reflections 98.1% 

Max. and min. transmission 0.9800 and 0.8920 
Structure solution technique direct methods 
Structure solution program shelXS-97 
Refinement method Full-matrix least-squares on F2 
Refinement program shelXL v2014/7 
Function minimized Σ w(Fo

2 - Fc
2)2 
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Data / restraints / parameters 2851 / 18 / 234 
Goodness-of-fit on F2 1.024 
Final R indices 2313 data; I>2σ(I) R1 = 0.0406, wR2 = 0.0945 
 all data R1 = 0.0540, wR2 = 0.1007 

Weighting scheme w=1/[σ2(Fo
2)+(0.0442P)2+1.2637P] 

where P=(Fo
2+2Fc

2)/3 
Largest diff. peak and hole 0.440 and -0.485 eÅ-3 
R.M.S. deviation from mean 0.076 eÅ-3 
 
 
Table A3. Atomic coordinates and equivalent isotropic atomic displacement 
parameters (Å2) for LiTiron. 
U(eq) is defined as one third of the trace of the orthogonalized Uij tensor. 
 
 x/a y/b z/c U(eq) 
S1 0.32410(6) 0.37552(7) 0.67255(3) 0.01364(14) 
S2 0.20643(6) 0.24170(8) 0.35998(3) 0.01574(15) 
O5 0.17928(16) 0.4482(2) 0.64772(9) 0.0172(4) 
O3 0.32481(17) 0.2061(2) 0.71494(9) 0.0185(4) 
O4 0.42395(17) 0.5036(2) 0.71655(10) 0.0215(4) 
O6 0.06893(17) 0.2875(2) 0.37600(10) 0.0221(4) 
O10 0.7851(2) 0.1015(2) 0.37154(11) 0.0234(4) 
O1 0.71325(17) 0.2031(3) 0.52618(10) 0.0267(4) 
O8 0.24745(18) 0.3710(3) 0.30628(10) 0.0309(5) 
O2 0.5202(2) 0.1795(3) 0.38978(11) 0.0260(5) 
O7 0.2162(2) 0.0587(3) 0.33497(12) 0.0391(6) 
O9 0.5942(3) 0.8068(4) 0.8259(4) 0.0220(12) 
C3 0.3312(2) 0.2633(3) 0.45010(13) 0.0136(4) 
C6 0.5268(2) 0.2844(3) 0.59253(14) 0.0169(5) 
C2 0.4755(2) 0.2263(3) 0.45419(13) 0.0154(5) 
C4 0.2839(2) 0.3139(3) 0.51593(13) 0.0133(4) 
C1 0.5738(2) 0.2393(3) 0.52647(14) 0.0175(5) 
C5 0.3822(2) 0.3237(3) 0.58686(13) 0.0137(4) 
Li2 0.8685(4) 0.3046(5) 0.3290(2) 0.0188(8) 
Li1 0.6087(4) 0.6034(6) 0.7552(2) 0.0224(9) 
O9A 0.5642(12) 0.8366(14) 0.7783(13) 0.038(5) 
O11 0.012(4) 0.967(9) 0.481(3) 0.052(8) 
O11A 0.992(3) 0.953(8) 0.492(2) 0.038(6) 
O2A 0.6247(17) 0.306(3) 0.6546(10) 0.0260(5) 
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Table A4. Bond lengths (Å) for LiTiron. 
S1-O5 1.4621(16) S1-O3 1.4657(17) 
S1-O4 1.4465(16) S1-C5 1.764(2) 
S1-Li2 3.011(4) S1-Li2 3.005(4) 
S2-O6 1.4491(17) S2-O8 1.4640(19) 
S2-O7 1.4420(19) S2-C3 1.766(2) 
O5-Li2 1.963(4) O3-Li2 1.957(4) 
O4-Li1 1.900(4) O6-Li2 1.918(4) 
O10-Li2 1.939(4) O10-H10A 0.82(3) 
O10-H10B 0.783(17) O1-H1 0.84 
O1-C1 1.364(3) O8-Li1 1.945(5) 
O2-H2 0.84 O2-C2 1.345(3) 
O7-Li1 1.959(5) O9-Li1 1.985(6) 
O9-H9A 0.902(18) O9-H9B 0.953(18) 
C3-C2 1.396(3) C3-C4 1.388(3) 
C6-H6 0.95 C6-C1 1.380(3) 
C6-C5 1.398(3) C6-O2A 1.280(17) 
C2-H2A 0.95 C2-C1 1.406(3) 
C4-H4 0.95 C4-C5 1.387(3) 
Li1-O9A 1.855(9) O9A-H9A 1.006(18) 
O9A-H9B 0.942(18) O11-H11A 0.8698 
O11-H11B 0.8701 O11A-H11C 0.8698 
O11A-H11D 0.8698 O2A-H2AA 0.84 
 
Table A5. Bond angles (°) for LiTiron. 
O5-S1-O3 111.50(10) O5-S1-C5 106.65(10) 
O5-S1-Li2 33.43(10) O5-S1-Li2 111.61(10) 
O3-S1-C5 106.29(10) O3-S1-Li2 128.23(11) 
O3-S1-Li2 33.45(10) O4-S1-O5 112.65(10) 
O4-S1-O3 111.64(10) O4-S1-C5 107.70(10) 
O4-S1-Li2 82.18(10) O4-S1-Li2 79.23(10) 
C5-S1-Li2 118.46(11) C5-S1-Li2 132.73(11) 
Li2-S1-Li2 108.76(7) O6-S2-O8 111.03(10) 
O6-S2-C3 105.39(10) O8-S2-C3 107.10(11) 
O7-S2-O6 113.95(12) O7-S2-O8 112.34(13) 
O7-S2-C3 106.44(10) S1-O5-Li2 122.35(15) 
S1-O3-Li2 122.16(15) S1-O4-Li1 154.29(17) 
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S2-O6-Li2 142.97(17) Li2-O10-H10A 118.(2) 
Li2-O10-H10B 112.(2) H10A-O10-H10B 106.(3) 
C1-O1-H1 109.5 S2-O8-Li1 138.67(17) 
C2-O2-H2 109.5 S2-O7-Li1 137.86(17) 
Li1-O9-H9A 110.(2) Li1-O9-H9B 109.(2) 
H9A-O9-H9B 98.(3) C2-C3-S2 119.41(17) 
C4-C3-S2 119.49(17) C4-C3-C2 121.1(2) 
C1-C6-H6 120.1 C1-C6-C5 119.8(2) 
C5-C6-H6 120.1 O2A-C6-C1 115.7(8) 
O2A-C6-C5 124.0(8) O2-C2-C3 120.5(2) 
O2-C2-C1 120.3(2) C3-C2-H2A 120.4 
C3-C2-C1 119.2(2) C1-C2-H2A 120.4 
C3-C4-H4 120.6 C5-C4-C3 118.8(2) 
C5-C4-H4 120.6 O1-C1-C6 123.9(2) 
O1-C1-C2 116.2(2) C6-C1-C2 120.0(2) 
C6-C5-S1 118.90(17) C4-C5-S1 120.00(16) 
C4-C5-C6 121.0(2) S1-Li2-S1 112.66(12) 
O5-Li2-S1 128.22(18) O5-Li2-S1 24.22(7) 
O3-Li2-S1 91.94(14) O3-Li2-S1 24.38(7) 
O3-Li2-O5 104.26(19) O6-Li2-S1 106.70(17) 
O6-Li2-S1 127.53(18) O6-Li2-O5 103.31(19) 
O6-Li2-O3 113.7(2) O6-Li2-O10 104.0(2) 
O10-Li2-S1 91.15(15) O10-Li2-S1 108.42(17) 
O10-Li2-O5 121.0(2) O10-Li2-O3 110.7(2) 
O4-Li1-O8 124.0(2) O4-Li1-O7 108.3(2) 
O4-Li1-O9 109.4(2) O8-Li1-O7 97.7(2) 
O8-Li1-O9 115.6(2) O7-Li1-O9 97.0(3) 
O9A-Li1-O4 101.7(4) Li1-O9A-H9A 114.(2) 
Li1-O9A-H9B 121.(2) H9A-O9A-H9B 92.(3) 
H11A-O11-H11B 104.6 H11C-O11A-H11D 104.5 
C6-O2A-H2AA 109.5   
 
 
Table A6. Torsion angles (°) for LiTiron. 
S1-O4-Li1-O8 41.2(6) S1-O4-Li1-O7 -72.0(5) 
S1-O4-Li1-O9 -176.6(3) S1-O4-Li1-O9A 158.3(8) 
S2-C3-C2-O2 1.9(3) S2-C3-C2-C1 -178.42(17) 
S2-C3-C4-C5 177.57(17) O5-S1-O3-Li2 -97.00(18) 
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O5-S1-O4-Li1 -154.4(4) O5-S1-C5-C6 167.78(17) 
O5-S1-C5-C4 -15.3(2) O3-S1-O5-Li2 127.65(18) 
O3-S1-O4-Li1 79.3(4) O3-S1-C5-C6 -73.15(19) 
O3-S1-C5-C4 103.73(19) O4-S1-O5-Li2 1.2(2) 
O4-S1-O3-Li2 30.0(2) O4-S1-C5-C6 46.6(2) 
O4-S1-C5-C4 -136.50(18) O6-S2-O8-Li1 -169.3(2) 
O6-S2-O7-Li1 52.7(3) O6-S2-C3-C2 179.47(17) 
O6-S2-C3-C4 0.5(2) O8-S2-O6-Li2 66.9(3) 
O8-S2-O7-Li1 -74.7(3) O8-S2-C3-C2 -62.2(2) 
O8-S2-C3-C4 118.78(18) O2-C2-C1-O1 0.3(3) 
O2-C2-C1-C6 -178.9(2) O7-S2-O6-Li2 -61.1(3) 
O7-S2-O8-Li1 -40.4(3) O7-S2-C3-C2 58.1(2) 
O7-S2-C3-C4 -120.87(19) C3-S2-O6-Li2 -177.5(3) 
C3-S2-O8-Li1 76.1(3) C3-S2-O7-Li1 168.4(3) 
C3-C2-C1-O1 -179.4(2) C3-C2-C1-C6 1.4(3) 
C3-C4-C5-S1 -176.49(16) C3-C4-C5-C6 0.3(3) 
C2-C3-C4-C5 -1.4(3) C4-C3-C2-O2 -179.2(2) 
C4-C3-C2-C1 0.6(3) C1-C6-C5-S1 178.46(18) 
C1-C6-C5-C4 1.6(3) C5-S1-O5-Li2 -116.73(18) 
C5-S1-O3-Li2 147.15(18) C5-S1-O4-Li1 -37.0(4) 
C5-C6-C1-O1 178.4(2) C5-C6-C1-C2 -2.5(3) 
Li2-S1-O5-Li2 91.60(16) Li2-S1-O3-Li2 -63.3(2) 
Li2-S1-O4-Li1 95.4(4) Li2-S1-O4-Li1 -153.7(4) 
Li2-S1-C5-C6 133.75(18) Li2-S1-C5-C6 -49.1(2) 
Li2-S1-C5-C4 127.75(19) Li2-S1-C5-C4 -49.4(2) 
O2A-C6-C1-O1 5.8(10) O2A-C6-C1-C2 -175.1(10) 
O2A-C6-C5-S1 -9.6(11) O2A-C6-C5-C4 173.6(11) 
 
 
Table A7. Anisotropic atomic displacement parameters (Å2) for LiTiron. 
The anisotropic atomic displacement factor exponent takes the form: -2π2[ h2 a*2 U11 + 
... + 2 h k a* b* U12 ] 
 U11 U22 U33 U23 U13 U12 
S1 0.0148(3) 0.0123(3) 0.0135(3) -0.0011(2) 0.00246(19) -0.0003(2) 
S2 0.0166(3) 0.0155(3) 0.0143(3) -0.0007(2) 0.0016(2) 0.0031(2) 
O5 0.0165(8) 0.0183(8) 0.0167(8) -0.0019(7) 0.0036(6) 0.0015(6) 
O3 0.0266(9) 0.0134(8) 0.0154(8) 0.0024(7) 0.0044(6) 0.0006(6) 
O4 0.0208(9) 0.0214(9) 0.0218(9) -0.0074(7) 0.0036(7) -0.0054(7) 
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 U11 U22 U33 U23 U13 U12 
O6 0.0158(8) 0.0317(10) 0.0185(9) -0.0019(7) 0.0035(6) -0.0009(7) 
O10 0.0292(10) 0.0185(9) 0.0219(10) 0.0001(7) 0.0045(7) -0.0009(7) 
O1 0.0143(8) 0.0441(12) 0.0218(9) -0.0002(8) 0.0043(7) 0.0070(7) 
O8 0.0235(9) 0.0468(12) 0.0241(10) 0.0187(9) 0.0086(7) 0.0088(8) 
O2 0.0212(10) 0.0377(13) 0.0218(11) -0.0049(9) 0.0105(8) 0.0023(8) 
O7 0.0452(12) 0.0209(10) 0.0379(12) -0.0164(9) -0.0186(9) 0.0133(8) 
O9 0.0167(14) 0.0181(14) 0.030(3) -0.0064(14) 0.0037(13) -0.0003(10) 
C3 0.0160(11) 0.0109(10) 0.0135(11) 0.0009(9) 0.0024(8) -0.0017(8) 
C6 0.0158(11) 0.0152(12) 0.0186(12) 0.0005(9) 0.0013(9) -0.0002(8) 
C2 0.0182(11) 0.0115(11) 0.0182(12) 0.0008(9) 0.0082(9) 0.0011(8) 
C4 0.0129(10) 0.0106(10) 0.0166(11) -0.0010(9) 0.0040(8) 0.0004(8) 
C1 0.0121(10) 0.0166(12) 0.0244(13) 0.0011(10) 0.0053(9) 0.0023(8) 
C5 0.0170(11) 0.0091(10) 0.0155(11) 0.0009(8) 0.0045(8) -0.0009(8) 
Li2 0.020(2) 0.0143(19) 0.020(2) 0.0007(16) 0.0005(15) -0.0001(15) 
Li1 0.020(2) 0.023(2) 0.024(2) 0.0006(17) 0.0043(16) -0.0025(16) 
O9A 0.022(5) 0.028(5) 0.070(12) -0.022(6) 0.024(6) -0.008(3) 
O11 0.045(11) 0.060(14) 0.056(19) 0.028(11) 0.019(11) 0.001(12) 
O11A 0.029(7) 0.052(11) 0.036(14) 0.014(10) 0.015(9) -0.001(8) 
O2A 0.0212(10) 0.0377(13) 0.0218(11) -0.0049(9) 0.0105(8) 0.0023(8) 
 
Table A8. Hydrogen atomic coordinates and isotropic atomic displacement 
parameters (Å2) for LiTiron. 
 x/a y/b z/c U(eq) 
H1 0.7640 0.2154 0.5715 0.04 
H2 0.6099 0.1710 0.4006 0.039 
H6 0.5925 0.2886 0.6418 0.02 
H2A 0.5068 0.1927 0.4087 0.018 
H4 0.1859 0.3415 0.5124 0.016 
H10A -0.241(3) 0.015(4) 0.3431(18) 0.034 
H10B -0.164(3) 0.063(4) 0.4091(15) 0.034 
H9A 0.503(2) 0.845(5) 0.8175(17) 0.057 
H9B 0.635(3) 0.912(3) 0.8084(17) 0.057 
H11A 0.0920 -0.0054 0.4685 0.078 
H11B -0.0439 -0.0683 0.4376 0.078 
H11C 0.0219 -0.1311 0.4647 0.057 
H11D -0.0130 -0.0992 0.5351 0.057 
H2AA 0.6150 0.2289 0.6878 0.039 
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Crystal Structure Report for NaTironH2O 

 

Figure A2. Crystal structure of NaTiron. Thermal ellipsoids shown at 50% probability. 

A specimen of C6H6Na2O9S2, approximate dimensions 0.130 mm x 0.163 mm 
x 0.448 mm, was used for the X-ray crystallographic analysis. The X-ray intensity data 
were measured. 

The integration of the data using a monoclinic unit cell yielded a total of 9573 reflections 
to a maximum θ angle of 27.86° (0.76 Å resolution), of which 2485 were independent 
(average redundancy 3.852, completeness = 99.5%, Rint = 2.50%, Rsig = 2.05%) 
and 2340 (94.16%) were greater than 2σ(F2). The final cell constants 
of a = 6.8156(7) Å, b = 16.1449(15) Å, c = 9.5870(9) Å, β = 92.727(2)°, volume 
= 1053.73(18) Å3, are based upon the refinement of the XYZ-centroids of reflections 
above 20 σ(I). The calculated minimum and maximum transmission coefficients (based 
on crystal size) are 0.7650 and 0.9230.  
 
The final anisotropic full-matrix least-squares refinement on F2 with 185 variables 
converged at R1 = 2.32%, for the observed data and wR2 = 7.05% for all data. The 
goodness-of-fit was 1.077. The largest peak in the final difference electron density 
synthesis was 0.435 e-/Å3 and the largest hole was -0.426 e-/Å3 with an RMS deviation 
of 0.070 e-/Å3. On the basis of the final model, the calculated density 
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was 2.094 g/cm3 and F(000), 672 e-.  
 
 
Table A9. Sample and crystal data for NaTironH2O. 
Identification code NaTironH2O 
Chemical formula C6H6Na2O9S2 
Formula weight 332.21 g/mol 
Temperature 100(2) K 
Wavelength 0.71073 Å 
Crystal size 0.130 x 0.163 x 0.448 mm 
Crystal system monoclinic 
Space group P 1 21/n 1 
Unit cell dimensions a = 6.8156(7) Å α = 90° 
 b = 16.1449(15) Å β = 92.727(2)° 
 c = 9.5870(9) Å γ = 90° 
Volume 1053.73(18) Å3  
Z 4 
Density (calculated) 2.094 g/cm3 
Absorption coefficient 0.631 mm-1 
F(000) 672 
 
 
Table A10. Data collection and structure refinement for 
NaTironH2O. 
Theta range for data collection 2.47 to 27.86° 
Index ranges -8<=h<=8, -17<=k<=21, -11<=l<=12 
Reflections collected 9573 
Independent reflections 2485 [R(int) = 0.0250] 
Max. and min. transmission 0.9230 and 0.7650 
Refinement method Full-matrix least-squares on F2 
Refinement program SHELXL-2014/7 (Sheldrick, 2014) 
Function minimized Σ w(Fo

2 - Fc
2)2 

Data / restraints / parameters 2485 / 0 / 185 
Goodness-of-fit on F2 1.077 
Δ/σmax 0.001 
Final R indices 2340 data; I>2σ(I) R1 = 0.0232, wR2 = 0.0694 
 all data R1 = 0.0248, wR2 = 0.0705 

Weighting scheme w=1/[σ2(Fo
2)+(0.0406P)2+0.6133P] 

where P=(Fo
2+2Fc

2)/3 
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Largest diff. peak and hole 0.435 and -0.426 eÅ-3 
R.M.S. deviation from mean 0.070 eÅ-3 
 
 
Table A11. Atomic coordinates and equivalent isotropic atomic displacement 
parameters (Å2) for NaTironH2O. 
U(eq) is defined as one third of the trace of the orthogonalized Uij tensor. 
 
 x/a y/b z/c U(eq) 
S1 0.74934(5) 0.47581(2) 0.82422(3) 0.00662(9) 
S2 0.78290(5) 0.28628(2) 0.35605(3) 0.00666(9) 
Na1 0.52212(8) 0.15609(3) 0.55730(6) 0.01024(13) 
Na2 0.52978(8) 0.35866(3) 0.07130(6) 0.00904(13) 
O1 0.77862(15) 0.44913(6) 0.21044(10) 0.0095(2) 
O2 0.72832(15) 0.60443(6) 0.33613(10) 0.0103(2) 
O3 0.93352(15) 0.43988(6) 0.88058(10) 0.0102(2) 
O4 0.57824(15) 0.42796(6) 0.86349(10) 0.0104(2) 
O5 0.73253(14) 0.56359(6) 0.85674(10) 0.0094(2) 
O6 0.78663(15) 0.22645(6) 0.47032(10) 0.0089(2) 
O7 0.96390(15) 0.28408(6) 0.27946(10) 0.0104(2) 
O8 0.60507(15) 0.28136(6) 0.26724(10) 0.0102(2) 
O9 0.26274(16) 0.24089(7) 0.49210(11) 0.0115(2) 
C1 0.76633(19) 0.45634(8) 0.35261(13) 0.0074(2) 
C2 0.74189(19) 0.53371(8) 0.41504(14) 0.0078(3) 
C3 0.73789(19) 0.53988(8) 0.55936(14) 0.0082(2) 
C4 0.75445(19) 0.46884(8) 0.64062(13) 0.0073(2) 
C5 0.77038(19) 0.39085(8) 0.58031(13) 0.0082(3) 
C6 0.77476(19) 0.38501(8) 0.43624(14) 0.0072(2) 
 
 
Table A12. Bond lengths (Å) for 
NaTironH2O. 
S1-O5 1.4567(10) S1-O3 1.4628(10) 
S1-O4 1.4630(10) S1-C4 1.7657(13) 
S2-O8 1.4499(10) S2-O6 1.4599(10) 
S2-O7 1.4658(10) S2-C6 1.7717(14) 
S2-Na2 3.3683(7) Na1-O9 2.2988(12) 
Na1-O6 2.3192(12) Na1-O3 2.3534(11) 
Na1-O5 2.3611(11) Na1-O7 2.3890(11) 
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Na1-O1 2.8333(12) Na1-Na2 3.3731(8) 
Na1-Na2 3.4644(8) Na2-O8 2.2929(11) 
Na2-O5 2.3163(11) Na2-O4 2.3223(11) 
Na2-O6 2.3279(11) Na2-O9 2.4073(12) 
Na2-O1 2.5640(12) Na2-Na1 3.3731(8) 
Na2-Na1 3.4644(8) O1-C1 1.3746(16) 
O1-Na1 2.8333(12) O1-H1 0.82(2) 
O2-C2 1.3704(16) O2-H2 0.84 
O3-Na1 2.3535(11) O4-Na2 2.3223(11) 
O5-Na2 2.3163(11) O5-Na1 2.3611(11) 
O6-Na2 2.3279(11) O7-Na1 2.3890(11) 
O9-Na2 2.4074(12) O9-H9A 0.82(3) 
O9-H9B 0.80(3) C1-C2 1.3984(18) 
C1-C6 1.4028(18) C2-C3 1.3888(19) 
C3-C4 1.3881(18) C3-H3 0.95 
C4-C5 1.3920(19) C5-C6 1.3862(18) 
C5-H5 0.95   
 
 
Table A13. Bond angles (°) for NaTironH2O. 
O5-S1-O3 112.43(6) O5-S1-O4 112.76(6) 
O3-S1-O4 112.09(6) O5-S1-C4 106.31(6) 
O3-S1-C4 106.60(6) O4-S1-C4 106.06(6) 
O8-S2-O6 112.87(6) O8-S2-O7 113.86(6) 
O6-S2-O7 112.01(6) O8-S2-C6 105.17(6) 
O6-S2-C6 105.63(6) O7-S2-C6 106.48(6) 
O8-S2-Na2 33.02(4) O6-S2-Na2 145.86(4) 
O7-S2-Na2 90.76(4) C6-S2-Na2 90.81(5) 
O9-Na1-O6 102.21(4) O9-Na1-O3 91.64(4) 
O6-Na1-O3 103.94(4) O9-Na1-O5 173.87(4) 
O6-Na1-O5 83.43(4) O3-Na1-O5 89.31(4) 
O9-Na1-O7 80.99(4) O6-Na1-O7 106.70(4) 
O3-Na1-O7 149.34(4) O5-Na1-O7 95.13(4) 
O9-Na1-O1 92.07(4) O6-Na1-O1 164.68(4) 
O3-Na1-O1 80.89(4) O5-Na1-O1 82.09(4) 
O7-Na1-O1 69.77(3) O9-Na1-Na2 45.52(3) 
O6-Na1-Na2 147.21(3) O3-Na1-Na2 76.14(3) 
O5-Na1-Na2 129.11(3) O7-Na1-Na2 77.60(3) 
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O1-Na1-Na2 47.83(2) O9-Na1-Na2 143.62(4) 
O6-Na1-Na2 41.89(3) O3-Na1-Na2 101.78(3) 
O5-Na1-Na2 41.71(3) O7-Na1-Na2 101.61(3) 
O1-Na1-Na2 123.18(3) Na2-Na1-Na2 170.83(3) 
O8-Na2-O5 101.35(4) O8-Na2-O4 158.38(4) 
O5-Na2-O4 97.92(4) O8-Na2-O6 98.43(4) 
O5-Na2-O6 84.23(4) O4-Na2-O6 93.16(4) 
O8-Na2-O9 76.69(4) O5-Na2-O9 170.32(4) 
O4-Na2-O9 85.88(4) O6-Na2-O9 86.67(4) 
O8-Na2-O1 76.54(4) O5-Na2-O1 92.13(4) 
O4-Na2-O1 93.11(4) O6-Na2-O1 173.13(4) 
O9-Na2-O1 96.58(4) O8-Na2-S2 20.15(3) 
O5-Na2-S2 108.63(3) O4-Na2-S2 140.73(3) 
O6-Na2-S2 117.34(3) O9-Na2-S2 72.78(3) 
O1-Na2-S2 58.36(3) O8-Na2-Na1 79.04(3) 
O5-Na2-Na1 146.46(3) O4-Na2-Na1 79.48(3) 
O6-Na2-Na1 129.17(3) O9-Na2-Na1 42.94(3) 
O1-Na2-Na1 54.99(3) S2-Na2-Na1 62.331(15) 
O8-Na2-Na1 100.28(3) O5-Na2-Na1 42.71(3) 
O4-Na2-Na1 100.51(3) O6-Na2-Na1 41.70(3) 
O9-Na2-Na1 127.91(3) O1-Na2-Na1 133.95(3) 
S2-Na2-Na1 118.661(19) Na1-Na2-Na1 170.83(3) 
C1-O1-Na2 119.61(8) C1-O1-Na1 129.01(8) 
Na2-O1-Na1 77.18(3) C1-O1-H1 106.6(15) 
Na2-O1-H1 127.7(15) Na1-O1-H1 92.7(16) 
C2-O2-H2 109.5 S1-O3-Na1 135.50(6) 
S1-O4-Na2 128.53(6) S1-O5-Na2 131.35(6) 
S1-O5-Na1 128.94(6) Na2-O5-Na1 95.57(4) 
S2-O6-Na1 127.43(6) S2-O6-Na2 133.57(6) 
Na1-O6-Na2 96.41(4) S2-O7-Na1 128.04(6) 
S2-O8-Na2 126.83(6) Na1-O9-Na2 91.54(4) 
Na1-O9-H9A 112.4(19) Na2-O9-H9A 107.1(19) 
Na1-O9-H9B 134.7(18) Na2-O9-H9B 96.3(18) 
H9A-O9-H9B 108.(2) O1-C1-C2 120.94(12) 
O1-C1-C6 119.63(12) C2-C1-C6 119.42(12) 
O2-C2-C3 119.09(12) O2-C2-C1 120.95(12) 
C3-C2-C1 119.93(12) C4-C3-C2 119.66(12) 
C4-C3-H3 120.2 C2-C3-H3 120.2 
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C3-C4-C5 121.34(12) C3-C4-S1 120.12(10) 
C5-C4-S1 118.52(10) C6-C5-C4 118.76(12) 
C6-C5-H5 120.6 C4-C5-H5 120.6 
C5-C6-C1 120.76(12) C5-C6-S2 119.74(10) 
C1-C6-S2 119.47(10)   
 
 
Table A14. Torsion angles (°) for NaTironH2O. 
O5-S1-O3-Na1 111.21(9) O4-S1-O3-Na1 -17.06(10) 
C4-S1-O3-Na1 -132.68(8) O5-S1-O4-Na2 -92.24(8) 
O3-S1-O4-Na2 35.85(9) C4-S1-O4-Na2 151.80(7) 
O3-S1-O5-Na2 -137.77(7) O4-S1-O5-Na2 -9.86(10) 
C4-S1-O5-Na2 105.95(8) O3-S1-O5-Na1 13.55(9) 
O4-S1-O5-Na1 141.46(7) C4-S1-O5-Na1 -102.73(8) 
O8-S2-O6-Na1 -18.39(9) O7-S2-O6-Na1 -148.47(7) 
C6-S2-O6-Na1 96.00(8) Na2-S2-O6-Na1 -20.03(12) 
O8-S2-O6-Na2 138.85(8) O7-S2-O6-Na2 8.76(10) 
C6-S2-O6-Na2 -106.76(8) Na2-S2-O6-Na2 137.20(6) 
O8-S2-O7-Na1 36.24(9) O6-S2-O7-Na1 165.81(6) 
C6-S2-O7-Na1 -79.18(8) Na2-S2-O7-Na1 11.89(7) 
O6-S2-O8-Na2 -178.30(6) O7-S2-O8-Na2 -49.16(9) 
C6-S2-O8-Na2 67.03(8) Na2-O1-C1-C2 -121.37(12) 
Na1-O1-C1-C2 141.05(10) Na2-O1-C1-C6 57.45(15) 
Na1-O1-C1-C6 -40.13(17) O1-C1-C2-O2 0.4(2) 
C6-C1-C2-O2 -178.42(12) O1-C1-C2-C3 -177.37(12) 
C6-C1-C2-C3 3.8(2) O2-C2-C3-C4 -179.04(12) 
C1-C2-C3-C4 -1.2(2) C2-C3-C4-C5 -1.6(2) 
C2-C3-C4-S1 -179.94(10) O5-S1-C4-C3 -1.68(13) 
O3-S1-C4-C3 -121.82(11) O4-S1-C4-C3 118.57(11) 
O5-S1-C4-C5 179.89(10) O3-S1-C4-C5 59.75(12) 
O4-S1-C4-C5 -59.86(12) C3-C4-C5-C6 1.7(2) 
S1-C4-C5-C6 -179.90(10) C4-C5-C6-C1 1.0(2) 
C4-C5-C6-S2 -176.94(10) O1-C1-C6-C5 177.47(12) 
C2-C1-C6-C5 -3.7(2) O1-C1-C6-S2 -4.63(17) 
C2-C1-C6-S2 174.21(10) O8-S2-C6-C5 118.67(11) 
O6-S2-C6-C5 -0.93(12) O7-S2-C6-C5 -120.18(11) 
Na2-S2-C6-C5 148.78(11) O8-S2-C6-C1 -59.25(12) 
O6-S2-C6-C1 -178.85(11) O7-S2-C6-C1 61.90(12) 
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Na2-S2-C6-C1 -29.14(11)   
 
 
Table A15. Anisotropic atomic displacement parameters (Å2) for NaTironH2O. 
The anisotropic atomic displacement factor exponent takes the form: -2π2[ h2 a*2 U11 + 
... + 2 h k a* b* U12 ] 
 U11 U22 U33 U23 U13 U12 
S1 0.00802(17) 0.00652(17) 0.00529(15) -0.00033(10) -0.00004(11) -0.00008(11) 
S2 0.00871(17) 0.00549(16) 0.00574(16) 0.00022(11) -0.00007(12) 0.00048(11) 
Na1 0.0092(3) 0.0105(3) 0.0109(3) -0.0014(2) -0.0001(2) 0.0003(2) 
Na2 0.0093(3) 0.0099(3) 0.0079(3) 0.0004(2) -0.0002(2) 0.0004(2) 
O1 0.0137(5) 0.0090(5) 0.0060(4) 0.0014(4) 0.0006(3) -0.0021(4) 
O2 0.0152(5) 0.0072(5) 0.0081(4) 0.0030(4) -0.0029(4) -0.0012(4) 
O3 0.0105(5) 0.0108(5) 0.0091(4) 0.0007(4) -0.0018(3) 0.0022(4) 
O4 0.0111(5) 0.0121(5) 0.0079(4) 0.0017(4) 0.0009(3) -0.0035(4) 
O5 0.0110(5) 0.0071(5) 0.0100(4) -0.0018(3) 0.0007(3) 0.0005(4) 
O6 0.0113(5) 0.0073(4) 0.0081(4) 0.0024(3) 0.0003(4) 0.0008(4) 
O7 0.0116(5) 0.0111(5) 0.0087(5) 0.0003(3) 0.0031(4) 0.0022(4) 
O8 0.0118(5) 0.0095(5) 0.0091(5) 0.0005(3) -0.0029(4) -0.0010(4) 
O9 0.0135(5) 0.0114(5) 0.0095(5) -0.0003(4) -0.0007(4) 0.0012(4) 
C1 0.0066(6) 0.0090(6) 0.0065(6) 0.0007(5) 0.0000(4) -0.0009(5) 
C2 0.0072(6) 0.0069(6) 0.0093(6) 0.0021(5) -0.0003(5) -0.0006(5) 
C3 0.0073(6) 0.0074(6) 0.0100(6) 0.0000(5) 0.0003(5) -0.0008(5) 
C4 0.0068(6) 0.0091(6) 0.0059(6) 0.0003(5) -0.0001(4) -0.0007(5) 
C5 0.0079(6) 0.0080(6) 0.0086(6) 0.0013(5) 0.0004(5) -0.0002(5) 
C6 0.0065(6) 0.0064(6) 0.0087(6) -0.0007(5) 0.0002(4) 0.0004(5) 
 
 
Table A16. Hydrogen atomic coordinates and isotropic atomic displacement 
parameters (Å2) for NaTironH2O. 
 x/a y/b z/c U(eq) 
H1 0.834(3) 0.4913(15) 0.184(2) 0.026(6) 
H2 0.6468 0.5972 0.2687 0.015 
H9A 0.256(4) 0.2814(17) 0.542(3) 0.042(7) 
H9B 0.205(4) 0.2515(16) 0.419(3) 0.037(7) 
H3 0.7239 0.5925 0.6023 0.01 
H5 0.7781 0.3425 0.6368 0.01 
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Crystal Structure Report for NH4TironH2O 

 

Figure A3. Crystal structure of NH4Tiron. Thermal ellipsoids shown at 50% probability. 

A specimen of C6H14N2O9S2, approximate dimensions 0.035 mm x 0.050 mm 
x 0.095 mm, was used for the X-ray crystallographic analysis. The X-ray intensity data 
were measured. 

The integration of the data using an orthorhombic unit cell yielded a total 
of 15395 reflections to a maximum θ angle of 27.88° (0.76 Å resolution), of 
which 2947 were independent (average redundancy 5.224, completeness = 99.9%, 
Rint = 17.47%, Rsig = 13.51%) and 1569 (53.24%) were greater than 2σ(F2). The final cell 
constants of a = 6.5023(15) Å, b = 18.779(4) Å, c = 20.236(4) Å, volume = 2471.0(9) Å3, 
are based upon the refinement of the XYZ-centroids of reflections above 20 σ(I). The 
calculated minimum and maximum transmission coefficients (based on crystal size) 
are 0.6629 and 0.7456.  
 
The structure was solved and refined using the Bruker SHELXTL Software Package, 
using the space group P b c a, with Z = 8 for the formula unit, C6H14N2O9S2. The final 
anisotropic full-matrix least-squares refinement on F2 with 204 variables converged at R1 
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= 5.95%, for the observed data and wR2 = 14.09% for all data. The goodness-of-fit 
was 0.982. The largest peak in the final difference electron density synthesis was 0.462 e-

/Å3 and the largest hole was -0.623 e-/Å3 with an RMS deviation of 0.110 e-/Å3. On the 
basis of the final model, the calculated density was 1.733 g/cm3 and F(000), 1344 e-.  
 
 
Table A17. Sample and crystal data for NH4TironH2O. 
Identification code NH4TironH2O 
Chemical formula C6H14N2O9S2 
Formula weight 322.31 g/mol 
Temperature 100(2) K 
Wavelength 0.71073 Å 
Crystal size 0.035 x 0.050 x 0.095 mm 
Crystal system orthorhombic 
Space group P b c a 
Unit cell dimensions a = 6.5023(15) Å α = 90° 
 b = 18.779(4) Å β = 90° 
 c = 20.236(4) Å γ = 90° 
Volume 2471.0(9) Å3  
Z 8 
Density (calculated) 1.733 g/cm3 
Absorption coefficient 0.477 mm-1 
F(000) 1344 
 
 
Table A18. Data collection and structure refinement for 
NH4TironH2O. 
Theta range for data collection 2.01 to 27.88° 
Index ranges -7<=h<=8, -23<=k<=24, -15<=l<=26 
Reflections collected 15395 
Independent reflections 2947 [R(int) = 0.1747] 
Max. and min. transmission 0.7456 and 0.6629 
Structure solution technique direct methods 
Structure solution program SHELXS-97 (Sheldrick, 2008) 
Refinement method Full-matrix least-squares on F2 
Refinement program SHELXL-2014/7 (Sheldrick, 2014) 
Function minimized Σ w(Fo

2 - Fc
2)2 

Data / restraints / parameters 2947 / 20 / 204 
Goodness-of-fit on F2 0.982 
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Final R indices 1569 data; I>2σ(I) R1 = 0.0595, wR2 = 0.1124 
 all data R1 = 0.1406, wR2 = 0.1409 

Weighting scheme w=1/[σ2(Fo
2)+(0.0444P)2] 

where P=(Fo
2+2Fc

2)/3 
Largest diff. peak and hole 0.462 and -0.623 eÅ-3 
R.M.S. deviation from mean 0.110 eÅ-3 
 
 
Table A19. Atomic coordinates and equivalent isotropic atomic displacement 
parameters (Å2) for NH4TironH2O. 
U(eq) is defined as one third of the trace of the orthogonalized Uij tensor. 
 
 x/a y/b z/c U(eq) 
S1 0.26225(16) 0.69950(6) 0.42149(5) 0.0153(3) 
S2 0.29064(15) 0.42275(6) 0.34617(5) 0.0129(2) 
O1 0.2578(5) 0.72634(15) 0.27191(15) 0.0215(7) 
O2 0.2771(5) 0.62894(16) 0.17777(13) 0.0179(7) 
O3 0.1131(5) 0.75260(17) 0.39942(15) 0.0236(8) 
O4 0.4688(5) 0.72998(16) 0.42546(14) 0.0206(7) 
O5 0.2038(5) 0.66243(15) 0.48124(14) 0.0192(7) 
O6 0.4554(4) 0.41570(15) 0.39579(13) 0.0155(7) 
O7 0.0892(4) 0.41010(15) 0.37655(13) 0.0183(7) 
O8 0.3279(5) 0.38097(16) 0.28736(13) 0.0197(7) 
C1 0.2691(6) 0.6571(2) 0.2914(2) 0.0130(9) 
C2 0.2800(6) 0.6053(2) 0.2417(2) 0.0148(9) 
C3 0.2921(6) 0.5342(2) 0.2580(2) 0.0136(9) 
C4 0.2902(6) 0.5134(2) 0.3242(2) 0.0116(9) 
C5 0.2798(6) 0.5640(2) 0.3741(2) 0.0139(9) 
C6 0.2694(6) 0.6352(2) 0.35771(19) 0.0120(8) 
O9 0.2830(5) 0.51342(17) 0.08798(16) 0.0207(7) 
N1 0.7372(5) 0.81173(19) 0.34433(17) 0.0171(8) 
N2 0.7620(6) 0.64335(19) 0.49083(17) 0.0161(8) 
 
 
Table A20. Bond lengths (Å) for 
NH4TironH2O. 
S1-O5 1.446(3) S1-O3 1.461(3) 
S1-O4 1.462(3) S1-C6 1.768(4) 
S2-O8 1.446(3) S2-O7 1.466(3) 
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S2-O6 1.474(3) S2-C4 1.759(4) 
O1-C1 1.362(5) O1-H1 0.84 
O2-C2 1.367(5) O2-H2 0.84 
C1-C2 1.401(6) C1-C6 1.402(5) 
C2-C3 1.377(6) C3-C4 1.395(5) 
C3-H3 0.95 C4-C5 1.389(5) 
C5-C6 1.379(6) C5-H5 0.95 
O9-H9A 0.83(5) O9-H9B 0.97(5) 
N1-H1A 0.949(17) N1-H1B 0.953(17) 
N1-H1C 0.953(17) N1-H1D 0.955(17) 
N2-H2A 0.968(17) N2-H2B 0.968(17) 
N2-H2C 0.950(17) N2-H2D 0.954(17) 
 
 
Table A21. Bond angles (°) for NH4TironH2O. 
O5-S1-O3 114.20(19) O5-S1-O4 112.58(19) 
O3-S1-O4 111.05(19) O5-S1-C6 106.78(18) 
O3-S1-C6 105.09(19) O4-S1-C6 106.44(18) 
O8-S2-O7 113.99(18) O8-S2-O6 112.97(18) 
O7-S2-O6 110.43(17) O8-S2-C4 108.47(18) 
O7-S2-C4 105.16(19) O6-S2-C4 105.10(18) 
C1-O1-H1 109.5 C2-O2-H2 109.5 
O1-C1-C2 117.2(4) O1-C1-C6 123.9(4) 
C2-C1-C6 119.0(4) O2-C2-C3 122.8(4) 
O2-C2-C1 117.0(4) C3-C2-C1 120.2(4) 
C2-C3-C4 120.1(4) C2-C3-H3 119.9 
C4-C3-H3 119.9 C5-C4-C3 120.4(4) 
C5-C4-S2 118.6(3) C3-C4-S2 121.0(3) 
C6-C5-C4 119.4(4) C6-C5-H5 120.3 
C4-C5-H5 120.3 C5-C6-C1 120.9(4) 
C5-C6-S1 119.2(3) C1-C6-S1 119.9(3) 
H9A-O9-H9B 93.(4) H1A-N1-H1B 108.(3) 
H1A-N1-H1C 114.(3) H1B-N1-H1C 104.(3) 
H1A-N1-H1D 113.(3) H1B-N1-H1D 111.(3) 
H1C-N1-H1D 107.(3) H2A-N2-H2B 106.(3) 
H2A-N2-H2C 112.(3) H2B-N2-H2C 110.(3) 
H2A-N2-H2D 107.(3) H2B-N2-H2D 109.(3) 
H2C-N2-H2D 113.(3)   
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Table A22. Torsion angles (°) for NH4TironH2O. 
O1-C1-C2-O2 -0.4(6) C6-C1-C2-O2 179.4(3) 
O1-C1-C2-C3 179.9(4) C6-C1-C2-C3 -0.4(6) 
O2-C2-C3-C4 -178.7(4) C1-C2-C3-C4 1.0(6) 
C2-C3-C4-C5 -1.1(6) C2-C3-C4-S2 176.3(3) 
O8-S2-C4-C5 -173.0(3) O7-S2-C4-C5 64.7(4) 
O6-S2-C4-C5 -51.9(4) O8-S2-C4-C3 9.5(4) 
O7-S2-C4-C3 -112.8(3) O6-S2-C4-C3 130.6(3) 
C3-C4-C5-C6 0.6(6) S2-C4-C5-C6 -176.9(3) 
C4-C5-C6-C1 0.1(6) C4-C5-C6-S1 -178.5(3) 
O1-C1-C6-C5 179.6(4) C2-C1-C6-C5 -0.2(6) 
O1-C1-C6-S1 -1.8(5) C2-C1-C6-S1 178.4(3) 
O5-S1-C6-C5 -17.8(4) O3-S1-C6-C5 -139.5(3) 
O4-S1-C6-C5 102.7(3) O5-S1-C6-C1 163.6(3) 
O3-S1-C6-C1 41.9(4) O4-S1-C6-C1 -76.0(3) 
 
 
Table 7. Anisotropic atomic displacement parameters (Å2) for NH4TironH2O. 
The anisotropic atomic displacement factor exponent takes the form: -2π2[ h2 a*2 U11 + 
... + 2 h k a* b* U12 ] 
 U11 U22 U33 U23 U13 U12 
S1 0.0155(5) 0.0117(5) 0.0186(5) -0.0023(4) -0.0003(5) 0.0005(5) 
S2 0.0114(5) 0.0116(5) 0.0158(5) -0.0012(4) 0.0000(4) 0.0004(4) 
O1 0.0272(19) 0.0126(16) 0.0247(17) 0.0001(13) -0.0007(16) 0.0029(14) 
O2 0.0199(17) 0.0205(17) 0.0132(14) 0.0021(13) 0.0005(13) 0.0031(15) 
O3 0.0222(18) 0.0195(19) 0.0292(17) 0.0004(15) -0.0066(15) 0.0105(15) 
O4 0.0167(16) 0.0203(18) 0.0248(17) -0.0030(14) 0.0007(14) -0.0049(13) 
O5 0.0227(18) 0.0157(17) 0.0193(16) -0.0033(13) 0.0061(14) 0.0008(14) 
O6 0.0144(16) 0.0129(17) 0.0191(15) 0.0004(13) -0.0034(12) 0.0011(13) 
O7 0.0142(16) 0.0152(19) 0.0256(17) 0.0027(14) 0.0063(13) -0.0038(13) 
O8 0.0316(19) 0.0120(17) 0.0154(15) -0.0042(13) -0.0015(14) 0.0033(14) 
C1 0.007(2) 0.011(2) 0.021(2) 0.0044(17) 0.0049(19) -0.0006(17) 
C2 0.010(2) 0.019(2) 0.016(2) 0.0042(18) -0.0038(17) -0.0026(19) 
C3 0.012(2) 0.014(2) 0.014(2) -0.0049(18) 0.0006(17) 0.0007(18) 
C4 0.008(2) 0.010(2) 0.017(2) 0.0024(17) -0.0024(17) -0.0026(17) 
C5 0.010(2) 0.016(2) 0.016(2) 0.0018(17) -0.0022(17) -0.0019(18) 
C6 0.0072(19) 0.011(2) 0.018(2) 0.0034(17) -0.0013(17) -0.0013(17) 
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 U11 U22 U33 U23 U13 U12 
O9 0.0151(17) 0.0185(18) 0.0284(18) 0.0017(14) 0.0015(15) -0.0015(14) 
N1 0.0136(18) 0.018(2) 0.020(2) 0.0009(16) 0.0000(17) -0.0021(16) 
N2 0.020(2) 0.014(2) 0.0140(18) 0.0005(15) 0.0029(17) 0.0008(17) 
 
 
Table A23. Hydrogen atomic coordinates and isotropic atomic displacement 
parameters (Å2) for NH4TironH2O. 
 x/a y/b z/c U(eq) 
H1 0.2252 0.7519 0.3043 0.032 
H2 0.2731 0.5939 0.1520 0.027 
H3 0.3018 0.4993 0.2242 0.016 
H5 0.2798 0.5497 0.4191 0.017 
H9A 0.376(8) 0.485(3) 0.098(2) 0.031 
H9B 0.176(8) 0.478(3) 0.092(2) 0.031 
H1A 0.853(4) 0.828(2) 0.3681(17) 0.026 
H1B 0.708(6) 0.8455(16) 0.3105(15) 0.026 
H1C 0.762(6) 0.7687(13) 0.3206(17) 0.026 
H1D 0.620(4) 0.804(2) 0.3719(16) 0.026 
H2A 0.768(6) 0.5984(13) 0.4675(16) 0.024 
H2B 0.673(5) 0.6740(17) 0.4650(16) 0.024 
H2C 0.894(4) 0.6642(19) 0.4952(18) 0.024 
H2D 0.699(5) 0.634(2) 0.5324(11) 0.024 
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APPENDIX B 

NMR SPECTRA FOR SYNTHESIS OF ENTEROBACTIN 

	
Figure B1: 1H NMR of 2,3-bis(benzyloxy) benzoate 
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Figure B2: 13C NMR of 2,3-bis(benzyloxy) benzoate 
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Figure B3: 1H NMR of 2,3-bis(benzyloxy) benzoic acid 
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Figure B4: 13C NMR of 2,3-bis(benzyloxy) benzoic acid 
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Figure B5: 1H NMR of Trilactone backbone 
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Figure B6: 13C NMR of Trilactone backbone 
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Figure B7: 1H NMR of Trilactone backbone HCl salt 
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Figure B8: 13C NMR of Trilactone backbone HCl salt 
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Figure B9: 1H NMR of Benzylated Enterobactin 
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Figure B10: 13C NMR of Benzylated Enterobactin 

 169.297

 164.843

 151.887

 146.972

 136.593

 136.311

 129.028

 128.682

 128.595

 128.480

 128.263

 127.844

 126.632

 124.300

 122.900

 117.501

 76.258

 71.263

 64.298

 51.696

2
0
0

1
5
0

1
0
0

5
0

0
P

P
M

U
S

E
R

: 
nm

rs
u 

--
 D

A
T

E
: 

W
ed

 O
ct

 2
5

 0
0

:5
6

:0
7

 2
0

1
7

  
 

N
ut

s 
- 

$
p

d
at

a 
 

sp
ec

t,
 C

D
2

C
l2

, 
F

1
: 

1
2

5
.8

5
1

F
2

: 
1

.0
0

0
  

S
W

1
: 

2
9

7
6

2
 

O
F

1
: 

1
2

5
9

3
.1

 
P

T
S

1
d

: 
3

2
7

6
8

  
 

E
X

: 
zg

p
g3

0
P

W
: 

1
0

.0
 u

s
P

D
: 

2
.0

  
 s

ec
N

A
: 

1
0

2
4

  
L

B
: 

0
.0

  
  

 



	 207 

 
Figure B11: 1H NMR of Enterobactin 
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Figure B12: 13C NMR of Enterobactin 
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APPENDIX C 

SUPPORTING INFORMATION FOR CHAPTER 4: INTERACTIONS OF 

ENTEROBACTIN WITH TI(IV): THERMODYNAMIC AND KINETIC 

INVESTIGATIONS 

Table C1: Equilibrium expressions used in competition experiments with ent. 

Species Equilibria Constants 

DFOBa 

H+ + DFOB3- ⇌ HDFOB2- log b1 = 10.84 ± 0.05 

2H+ + DFOB3- ⇌ H2 DFOB- log b2 = 20.39 ± 0.09 

3H+ + DFOB3- ⇌ H3DFOB log b3 = 29.37 ± 0.02 

4H+ + DFOB3- ⇌ H4DFOB+ log b4 = 37.69 ± 0.03 

tironb 
H+ + tiron4- ⇌ Htiron3- log b1 = 12.43 ± 0.009 

2H+ + tiron4- ⇌ H2tiron3- log b2 = 19.87 ± 0.01 

entc 

H+ + ent6- ⇌ Hent5- log b1 = 12.1 

2H+ + ent6- ⇌ H2ent4- log b2 = 24.2 

3H+ + ent6- ⇌ H3ent3- log b3 = 36.3 

4H+ + ent6- ⇌ H4ent2- log b4 = 44.85 ± 0.09 

5H+ + ent6- ⇌ H5ent- log b5 = 52.35 ± 0.2 

6H+ + ent6- ⇌ H6ent log b6 = 58.35 ± 0.5 

Metal-Ligand 
Ti(IV) + DFOB3- ⇌ [Ti(DFOB)]+  log b110 = 38.1 ± 0.1d 

Ti(IV) + 3tiron4- ⇌ [Ti(tiron)3]8- log b130 = 57.6e 

a.  Martell, A. E., Smith, R. M. & Motekaitis, R. J. Database 46: NIST Critically 
Selected Stability Constants of Metal Complexes. 

b.  Obtained with spectropotentiometric analysis using apparatus described in 
experimental section. 

c. Loomis, L. D. & Raymond, K. N. Solution equilibria of enterobactin and metal-
enterobactin complexes. Inorg. Chem. 30, 906–911 (1991). 

d. Jones, K. E., Batchler, K. L., Zalouk, C. & Valentine, A. M. Ti(IV) and the 
Siderophore Desferrioxamine B: A Tight Complex Has Biological and 
Environmental Implications. Inorg. Chem. 56, 1264–1272 (2017). 

e. Sommer, L. Chelates of quadrivalent titanium with pyrocatechol, pyrocatechol-
3,5-disulfonic acid, and 3,4-dihydroxybenzoic acid. Collect. Czechoslov. Chem. 
Commun. 28, 2102–2130 (1963). 

 



 210 

 

 

 

 

Figure C1: Image of crystal structure of Ti(IV) (dark blue) forming a µ-oxo dimer with 

four tiron molecules. The unit cell was highly disordered with disordered K+ ions (cyanine) 

and was unable to be solved, however, the bis(µ-oxo) Ti-tiron dimer was the only repeating 

unit. 
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Figure C2: A. The 1:1 Ti:DFOB competition titration with ent. Spectra transition from blue 

to red indicates an increase in ent concentration. B. Fit from Specfit/32 of 1:1 Ti:DFOB 

competition titration with ent. The black triangles are Ti(IV)-DFOB, the green diamonds 

are Ti(IV)-ent, the blue squares are H6ent, and the red circles are H5ent. C. The 1:100 

Ti:DFOB competition titration with ent. Spectra transition from blue to red indicates an 

increase in ent concentration. D. Fit from Specfit/32 of 1:1 Ti:DFOB competition titration 

with ent. The black triangles are Ti(IV)-DFOB, the green diamonds are Ti(IV)-ent, the blue 

squares are H6ent, and the red circles are H5ent. 
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Figure C3: Addition of ent to Ti(IV)-cit (3.38:1 citric acid:Ti(IV)) at pH 6.0 and I = 0.1 

(KCl). A.) Concentration profile of the three species present in respect to time for the 

20:1 Ti(IV)-cit:ent ratio. B.) The three species obtained from a 20:1 Ti(IV)-cit:ent ratio. 

C.) Concentration profile of the three species present in respect to time for the 50:1 

Ti(IV)-cit:ent ratio. D.) The three species obtained from a 50:1 Ti(IV)-cit:ent ratio. 
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Figure C4: A. The four species obtained from a 1:1 ent:Ti2HsTf ratio. B. Concentration 

profile of the three species present in respect to time for the 1:1 ent:Ti2HsTf ratio. 
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Figure C5: A. The four species obtained from a 5:1 ent:Ti2HsTf ratio. B. Concentration 

profile of the three species present in respect to time for the 5:1 ent:Ti2HsTf ratio. 
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Figure C6: A. The four species obtained from a 10:1 ent:Ti2HsTf ratio. B. Concentration 

profile of the three species present in respect to time for the 10:1 ent:Ti2HsTf ratio. 
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Figure C7: A. The four species obtained from a 20:1 ent:Ti2HsTf ratio. B. Concentration 

profile of the three species present in respect to time for the 20:1 ent:Ti2HsTf ratio. 
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Figure C8: A. The four species obtained from a 0.5:1 ent:Ti2HsTf ratio. Inset: Magnified 

view of four species from 0.5:1 ent:Ti2HsTf ratio. B. Concentration profile of the three 

species present in respect to time for the 0.5:1 ent:Ti2HsTf ratio. 
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Table C2: Specfit determined rate constants for each species calculated for each 
specified ent:Ti2HsTf ratio 

[Ent]/[Ti2HsTf] k1 (min-1) k2 (min-1) k3 (min-1) k4 (min-1) 

20 0.322 ± 
0.008 

0.0052 ± 
0.0001 

0.00105 ± 
0.00005 N/A 

10 0.295 ± 
0.006 

0.0047 ± 
0.0001 

0.00127 ± 
0.00007 N/A 

5 0.243 ± 
0.005 0.040 ± 0.001 0.00279 ± 

0.00002 N/A 

1 0.299 ± 
0.006 

0.0391 ± 
0.0003 

0.00296 ± 
0.00003 N/A 

0.5 1.01 ± 0.03 0.115 ± 0.002 0.0153 ± 0.0006 0.0006 ± 0.0001 

 

 

 

 

 

 

 



 219 

 

Figure C9: A. Fluorescence measurements from an excitation at 280 nm and an emission 

at 330 nm for a 10:1 ent:Ti2Tf ratio. The green points are ent and Ti2HsTf, the red points 

are Ti2HsTf alone, and the blue points are apo-HsTf. All points are normalized to 

fluorescence of the first reading. B. Fluorescence measurements from an excitation at 280 

nm and an emission at 330 nm for a 20:1 ent:Ti2Tf ratio. The green points are ent and 

Ti2HsTf, the red points are Ti2HsTf alone, and the blue points are apo-HsTf. All points are 

normalized to fluorescence of the first reading. 


