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ABSTRACT 

Fe(III) macrocyclic complexes are a promising new alternative to Gd(III) complexes as  

MRI contrast agents.  HOPO (hydroxypyridinones) ligands, a class of compounds that are  

heterocyclic and possess a hydroxyl group ortho to a ketone, are known iron chelators. Oxime  

ligands which bear similar properties to HOPOs were used in studies for ternary  

complex formation to impact the relaxivity and solubility of a Fe(III) macrocyclic contrast  

agent that contains an open coordination site. A library of HOPOs and oxime ligand L1 were  

used for this study. Oximes and HOPOs have been studied in literature and are known to bind to  

Fe(III) in a bidentate interaction leading to tris-complexes.  Binding of oxime ligand L1 and  

Fe(II) in the presence and absence of O2 brings about an oxidative conversion of Fe(II) to Fe(III).  

Studies are presented in which UV-vis spectroscopic measurements are conducted to  

monitor the interaction between oxime ligand L1 and Fe(II) or Fe(III). In addition, Ga(III), in  

terms of its coordination chemistry, is an excellent diamagnetic analogue of the biologically  

important (but paramagnetic) Fe(III) ion and as such enables NMR investigations for structure  

elucidation purposes.  Data will be presented to investigate the stoichiometry of the  

K3[Fe(L1**)3] complex and the interaction between Ga(III) and oxime ligand L1 under different  

conditions. 
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INTRODUCTION 

PART 1: 

MRI CONTRAST AGENTS FOR MEDICAL IMAGING 

In the field of medical imaging, there is growing interest in contrast agents that  

produce positive contrast images of soft tissue. T1 MRI contrast agents are the most commonly  

used on the market and a majority of FDA approved clinical contrast agents include the trivalent  

gadolinium (Gd(III)) ion. In the process known as T1 relaxation, an event occurs where the net  

magnetization (M) recovers to an initial maximum value (Mo) that is parallel to Bo. In the f- 

orbital of the Gd(III) ion there are seven unpaired electrons which can interact with surrounding  

water molecules leading to increased relaxation of water protons.39 In clinical studies it has been  

identified that free gadolinium exhibits toxicity and has been linked to the rare kidney disease  

nephrogenic systemic fibrosis (NSF) as well as disruption of enzymatic activity given the  

similarity in the ionic radius of Gd(III) and Ca(II).42 A relatively novel involves the development  

of Fe(III) based contrast agents. Iron is the most abundant transition metal in the human body  

and is incorporated in numerous biological processes. High spin Fe(III) possesses five unpaired  

d-electrons. The electronic states have relatively long relaxation times making it a desirable  

transition metal for alternate T1 contrast agents. Some initial concerns are the possibility of  

generating reactive oxygen species (ROS) due to the reduction potential of iron and the synthetic  

design of Fe(III) based MRI contrast agents. Due to the bio-compatibility and low cost of iron in  

comparison to gadolinium, this could be an important step in the study and design of T1 Contrast  

agents.          
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Figure 1: Fe(III) T1 contrast agent Fe(TOB) by E. Snyder, D. Asic, S. Abozeid, J. A. Spernyak, 

J. Morrow, manuscript in preparation. Used with permission100  

As shown in figure 1 above, the pseudo-octahedral geometry of Fe(III) in the presence  

of weak-field ligands creates a high-spin d5 complex possessing five unpaired electrons that  

accelerate proton relaxation. In contrast to Gd(III) contrast agents which experience dramatic  

decrease in relaxivity with increasing magnetic field strength, some Fe(III) based contrast agents  

have improved relaxivity with increasing field strength.50 Some of the problems encountered by  

these complexes are synthetic difficulties, lack of exchangeable water ligands, and ROS  

production. 
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Fig 2: Proposed interaction of Fe(TOB)100 and oxime ligand L1 (iron chelating ligand) 

[Fe(TOB)-V] 

One method for increasing the relaxivity of a CA is increase of the rotational  

correlational time (τR). Based on equation 1, relaxivity increases when (τR) increases depending  

on the relative size of all correlation times in equation 1. The lower the molecular  

weight of the contrast agent the faster the rotation hence bulkier contrast agents rotate much  

slower. This has led to the hypothesis that increasing the molecular weight would be beneficial  

for increasing the relaxivity of the contrast agent. HOPOs/oximes (known iron chelators) 

 theoretically could partake in a ternary interaction with the iron based contrast agent and slow  

down molecular rotation which could lead to improved relaxivity. In studies performed by the  

Sherry group, HSA binding has been commonly used for increasing τR.
29 HSA is a protein that is  

a major component of blood plasma. It also serves a purpose in the transport of hydrophobic  

compounds like fatty acids. Larmor frequency is a determinant for ideal correlation times  

(τR=1/ωH). Slow rotational motion can be desirable at low fields such as 1.5 T but at high fields  

like 8T, intermediate rotational motion is preferred.  
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Equation 1: 

 

In equation 1, correlation time depends on numerous dynamic molecular processes such as the  

water residence time in the first coordination sphere (τM), the longitudinal(T1e) and transverse  

(T2e) electronic relaxation times, and correlation time (τR).
53  

Equation 2: 

 

𝑟1 = 𝐶𝑞𝜇𝑒𝑓𝑓
2 𝜏𝑐𝑟

−6 

Equation 2 summarizes parameters based on the relaxivity where C is curie constant,  

q is the number of coordinated water molecules, τc is the overall correlation time, µeff is magnetic  

moment and r is the distance between metal and water proton. 

The use of Iron Chelators as Recognition Moieties for Sensors 

Data presented in this document will focus on studies associated with the recognition  

moiety for potential use in fluorescent sensing of iron ions. The recognition or metal ion binding  

moiety is the most essential component of a sensor given that it will directly interact with the  

analyte. Selectivity for Fe(II) in the presence of other biological relevant cations and anions is a  

defining factor in this study. The model binding constant, (Kd) should be near the median  

concentration of the natural abundance of the ion present in the cells. The sensitivity of the  

sensor would be compromised by a lower binding constant. In comparison a sensor with a  

greater binding constant may lead to the extraction metal ions from metalloproteins. For  

authentic sensing, the binding interaction should induce a considerable analytical response.63  

When considering the complexation of metal ions, thermodynamic and kinetic factors such as  

sterics, redox environment, mode of chelation, chelate ring size and donor atoms all play a role  

in complex formation.63 These factors must be considered when constructing a recognition  

moiety in order to bring about optimal binding with the metal ion of interest.63 The premised  
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hypothesis of the study here is that oxime ligand L1 will bind Fe(II) and through an oxidative  

event converting Fe(II) to Fe(III) and in the process a tris-oxime Fe(III) complex will form.     

 

                                   

Figure 3: Proposed structure of [Fe(L1
**)3]

3- 

Background Information on Iron Chelators  

In literature, researchers have made great strides in the design of iron selective, orally  

active chelators that do not exhibit toxicity. In order to construct an ideal iron chelator various  

parameters need to be considered. These are kinetic stability of the complex, metal affinity,  

selectivity, bioavailability and toxicity.17 There are a variety of chelators that can bind iron  

through multiple equilibria to form a six-coordinate complex. The focus of this thesis is bidentate  

iron chelators.   
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Figure 4: Library of HOPOs and oxime bidentate iron chelators 

Guided by the concept of ‘hard’ and ‘soft’ acids and bases, the selection of the best suited  

ligand for metal complexation can be discussed. Theoretically the design of chelating agents  

specific for Fe(II) and Fe(III) is possible, but challenging. High spin Fe(III) is a tripositive cation  

that is spherical in nature, possessing a cationic radius of 0.65 Å, and having a high charge  

density that makes it a hard Lewis Acid.17 In contrast the Fe(II) cation has a lower charge density  

and therefore preferentially binds to soft donor atoms.17 The drawback of chelators that bind  

Fe(II) is the presence of competitor divalent metal ions such as Zn(II) and Cu(II) that could  

disrupt the interaction in the biological environment.17 This has led to difficulties designing  

Fe(II) selective chelators. In the case of Fe(III) selective chelators, competitor trivalent metal  

ions such as Ga(III) and Al(III) are not present in significant biological concentrations which  

makes the design of Fe(III) selective chelators less complex. Siderophores are known to have  

high affinity for Fe(III) as well as scavenge Fe(III) from the environment.19 Robert Hider has  

performed studies that have identified the metal affinity constants of various ligands for divalent  

and trivalent metals ions.31   

Part II: IRON CHELATION CHEMISTRY 

HOPOs and oxime Ligands 

Table 1: pKa values and affinity constants of HOPO ligands for iron (III)31 by Z.D. Liu, R.C. 

Hider. The pFe3+ value takes into account the effects of ligand protonation, denticity and metal 

hydrolysis.31 

Ligand pKa1 pKa2 logβ3 pFe3+ 

L4  - 8.7 28.5 15 

L5 3.6 9.9 37.2 19 

L2 - 5.8 27 16 

 

 

Hydroxypyridinones (HOPOs) are bidentate iron chelators that combine the properties of  

catechols and hydroxamates. In research performed by R. Hider, HOPOs have been shown to  

form 5-membered chelate rings in which the metal is coordinated by two vicinal oxygen atoms.31  

At a pH of 7.0, HOPOs are monoprotic acids, therefore forming neutral tris Fe(III) complexes.31  
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In table 1, the data suggests the greater the pKa values, the greater the affinity for Fe(III).31  

HOPO ligands fall into three classes, namely 1-hydroxypyridin-2-one, 3-hydroxypyridin-2-one  

and 3-hydroxypyridin-4-one. Hider demonstrated that ligand L5 possesses the greatest affinity  

for Fe(III) and is selective towards tribasic metal cations over dibasic cations.31 The high pKa  

value of the carbonyl functional group of L5 comes about due to the substantial delocalization of  

the lone pair linked with the ring nitrogen atom.31 L5 has been shown to form stable and neutral  

3:1 complexes over wide pH ranges. 

Oxime ligands have been widely studied in literature as biologically active enzyme  

inhibitors.93 Upon interaction with iron enzymes the oxime ligand becomes biologically active.  

Ligand N1 is a microbial siderophore that inspired the synthesis of oxime ligand L1 used in this  

thesis.93 Bacterial siderophores have demonstrated the ability to scavenge Fe(III) in the  

environment which has led to their growing interest in the fields of fluorescent sensing and drug  

development in antibiotic treatment.93 Data will be presented to identify the oxidative effect of  

oxime ligand L1 binding to Fe(II) with the long term goal of developing a fluorescent sensor. 
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Fig 5: Examples of natural and synthetic biologically active oximes acting as metal chelators. By 

O. Bakulina, A. Bannykh, D. Dmitry, M. Krasavin.93 

 

EXPERIMENTAL: 

 General Instrumentation 1H NMR spectra and 13C NMR spectra were acquired using a  

Varian Inova 500 MHz or an Inova 400 MHz spectrometers as well as a Varian Mercury 300 MHz  

NMR spectrometer. Evan’s method measurements of magnetic susceptibility were obtained  

using a Varian Inova 500 MHz or an Inova 400 MHz spectrometers. Thermo Finnigan LCQ  

Advantage Ion Trap LC/MS armed with a Surveyor HPLC system was used to monitor the  

conclusion of a reaction and to obtain mass spectral data. A thermo Scientific Orion  

8115BNUWP Ross Ultra Semi Micro pH electrode connected to a 702 SM Titrino pH meter was  

used to conduct pH measurements. A Beckman Coulter DU 800 spectrophotometer was used to  

observe UV-Vis spectra. In vitro relaxivity (r1: mM-1*sec-1) studies were performed on the 4.7  
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Tesla animal MRI scanner in Roswell Park Cancer Institute.    

Materials 

Hydrochloric acid (HCl) was purchased from Fischer. Sodium hydroxide was purchased  

from Mallinekrodt. Hydrogen peroxide (30%, stabilized with sodium stannate) was purchased  

from Fischer. Ethanol (200 Proof) was purchased from DECON Laboratories. Deuterated solvents  

used for NMR locks obtained from Cambridge Isotope Laboratories. Homophthalic anhydride  

was purchased from Alfa Aesar. Ferric Chloride and ferrous sulfate were purchased from Fisher.  

Zinc Chloride was purchased from J.T Baker. 6-Hydroxy-2-pyridinecarboxylic acid was  

purchased from TCI. Ethanolamine was purchased from Aldrich.1,2-Dimethyl-3-hydroxy-4-  

pyridine (deferiprone) was purchased from Acros Organics. Solvents (methanol, acetonitrile,  

chloroform, ethyl acetate, dichloromethane) purchased from Fischer. Trifluoroacetic Acid was  

purchased from EMD Millipore Corporation. Acetic Anhydride was purchased from EMD  

Millipore Corporation. Formic Acid was purchased from Fisher. Iron(II)  

trifluoromethanesulfonate and iron(III)trifluoromethanesulfonate were purchased STREM  

Chemicals. Acetic Acid (Glacial) was purchased from EMD. Potassium Carbonate anhydrous was  

purchased from J.T. Baker. Potassium Hydroxide was purchased from Fisher. Propylamine was  

purchased from Alfa Aesar. Ethylenediamine (99%) was purchased from Alfa Aesar. Dansyl 

 Chloride was purchased from Alfa Aesar. Acetaldoxime was purchased from Alfa Aesar. 

Synthesis of Ligands [(M+H+) represents mass of compound plus a proton] 

Scheme 1: Synthesis of ligand (L1)70 
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The synthesis of ligand L1 was similar to a reported procedure.70 A mixture of homophthalic  

Anhydride (4000 mg, 18 mmol, 1 equiv.) and corresponding oxime (1600 mg, 27 mmol 1.5  

equiv.) was suspended in dry toluene (2 ml/mmol) in a screw-cap vial and was placed in a pre- 

heated oil bath at 110 oC. After 24 h the reaction mixture was cooled to room temperature. The  

product precipitated from the reaction mixture and was isolated by filtration and washing with  

a small amount of cold diethyl ether. Purification was performed by means of silica column  

chromatography [(porosity 60Å, particle size :63-200μm(65*250 mesh), surface area: 500-600  

m2/g, bulk density: 0.5 g/ml, pH range: 6.5-7.5)] using 50% dichloromethane/ 50 % methanol  

producing ligand L1 in 30% yield.   

ESI-MS m/z: 222.1 [L1+H]+ 1H NMR (400 MHz, dmso) δ 7.87 (d, J = 7.6 Hz, 1H), 7.49 (t, J =  

7.4 Hz, 1H), 7.38 (dd, J = 12.1, 7.4 Hz, 2H), 4.39 – 4.24 (m, 1H), 3.88 (d, J = 35.6 Hz, 1H), 3.14  

(s, 1H), 1.12 (d, J = 6.6 Hz, 3H). 

 

Figure 6: Mass spectrum of ligand L1. The ligand peak is present with a proton giving it a 

positive charge of +1. * represents unknown peaks. 
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Figure 7: Ligand L1 can potentially exist in two different deprotonated states (a single or a 

double deprotonation.) In the figure above the single deprotonation event could occur at the 

carboxylic acid handle or the oxime which is not predictable given the close range of the pKa 

values for the two functional groups. L1* represents the single deprotonation event while L1** 

represents the double deprotonation event.    

 

 

Synthesis of complexes 

Scheme 2: Synthesis of K3[Fe(L1**)3] 

Below is the proposed structure of the 3:1 complex with a potassium cation. Experiments were 

performed in this document to investigate the stoichiometry of the complex. Positive ion 

detection mode mass spectrometry was usedto analyze all of the complexes, and diagnostic mass 

spectra were obtained with the expected isotopic patterns. As expected and reported for other 

ML3 (M representing trivalent metals and L representing  HOPO ligands) species, the most 

intense peaks corresponded to [Fe(L1*)3+K]+ and [Fe(L1*)2]
+95  
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In a round bottom flask was added L1 (2.00 g, 9.05 mmol, 3 equiv) and 70 ml of methanol  .  

To this solution was added Fe(III) triflate ( 1.07 g, 3.02 mmol, 1 equiv.).To adjust the pH of the  

solution, pyridine ( 1.43 g , 18.1 mmol, 6 equiv.) was added to the solution and reaction stirred  

overnight. The product was recrystallized using ether and after filtration a purple solid remained   

. ESI-MS m/z: 527.0 [Fe(L1*)2]
+ , 755.0 [Fe(L1*)3+K]+ 
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Figure 8: Mass spectrum of complex K3[Fe(L1**)3]. The iron complex is present with the most 

intense peak corresponding to [Fe(L1*)2]
+, generated by the gas-phase loss of one ligand.89 The 

percent abundance of the iron isotopes is 91.754: 5.845 in literature which is consistent with the 

527.8,525.8 iron complex isotopic masses.89 L1* represents the deprotonated version of ligand L1 

in the complex. 

 

Scheme 3: Synthesis of K3[Ga[(L1**)3]: The product shown is the proposed coordination 

geometry further information regarding this reaction is shown in the results section of the 

document. 

 

 

In a round bottom flask was added L1 (2.00 g, 9.05 mmol, 3 equiv.) and 70 ml of methanol   

. To this solution was added Ga(NO3)3.xH2O ( 0.82 g, 3.02 mmol, 1 equiv).To adjust the pH of  

the solution, pyridine ( 1.43 g , 18.1  mmol, 6 equiv) was added to the solution and the reaction  

was stirred overnight. The product was recrystallized using ether and after filtration a white  

solid remained. ESI-MS m/z: 767.9 [Ga(L1*)3+K]+ ,509.2  [Ga(L1*)2]
+ 
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Figure 9: Mass spectrum of complex K3[Ga(L1**)3]. The gallium complex is present with the 

most intense peak corresponding to [Ga(L1*)3+K]+ as well as [Ga(L1*)2]
+ generated by the gas-

phase loss of one ligand.89 Similar cases have been documented in literature.89*represents 

unknown peaks. The percent abundance of the gallium isotopes is 60.108: 39.892 in literature 

which is consistent with the 767.9,770.0 gallium complex isotopic masses. L1* represents the 

deprotonated version of ligand L1 in the complex.  

 

TERNARY COMPLEX FORMATION  

L1/Fe(TOB) UV-Visible spectroscopy 

Aqueous solutions containing 400 uM Fe(TOB) in 20 mM NaCl  and 20mM HEPES  

Buffer, pH 7.1, were titrated with an aqueous solution of 500 uM Fe(III) salt at 25 °C. The 5 ml 

aliquots of salt were added over a period of 24 hours with an interval of 30 minutes. After each  

addition samples were scanned using UV-vis spectroscopy.  

1H NMR and 13C NMR STUDIES with GALLIUM(III)   

 By performing 1H NMR and 13C NMR experiments in DMSO-d6 or methanol-d4 for  

respective samples, NMR spectra were generated of free ligand L1 in different solvents as well  

as complexation reactions of ligand L1 and Ga(III) salts in accordance with scheme 5.  1H NMR  

spectra were generated at different equivalents of ligand to metal and to further undertsand the  

impact of ligand addition on complexation. Different solvents were used to investigate the  
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changes in the NMR spectra based on protic and aprotic solvents. 

UV-VIS SPECTROSCOPIC TITRATIONS. L1 Titrations 

Fe(II) UV Visible Data 

 Aqueous solutions containing 200 uM Fe(II) in 20 mM NaCl  and 20 mM  HEPES Buffer,  

7.1 pH, were titrated with an aqueous solution of 1 mM L1 at 25 °C. The 10 μL aliquots  

of ligand were added over a period of 12 hours at an interval of 15 minutes. Scans  

were performed after each addition by using UV-vis spectroscopy. 

Aerobic and Anaerobic Experiments of L1 and Fe(II)  

PART 1:Two samples were prepared containing 20 mM NaCl, 20 mM 7.1 pH HEPES  

Buffer, 1 mM L1 and 333 uM Fe(II)triflate. In the anaeorbic experiment, the 1 mM stock  

solution containg the Fe(II)triflate and the cuvette containing all other components of the  

solution were degassed for 30 minutes after which the aerobic and anaerobic experiments were  

initiated. 20 minute time interval scans were performed during which changes in the absorption  

spectra were monitored. The data was then plotted as absorbance vs time (minutes) to determine  

the importance of oxygen on complex formation.   

PART2 :Samples were prepared containing 20 mM NaCl, 20 mM HEPES Buffer, 7.1  

pH, 1 mM L1 and 333 uM Fe(II)triflate in a cuvette flushed with N2. The experiment was  

initially kept anaeorbic for a certain number of wavelength scans (8 scans) after which oxygen  

was introduced to the cuvette by removing the cap and the remainder of the experiment was 

 carried out aerobically. The 1mM stock solution containg the Fe(II) and the cuvette containing  

all other components of the solution were degassed for 30 minutes after which the experiment  

was initiated. The data was then plotted as absorbance vs time(minutes) to determine the  

importance of oxygen on complex formation.   
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RESULTS: 

TERNARY COMPLEX FORMATION 

 

Fig 10:L1/Fe(TOB) UV-vis Spectrum at 7.1 pH HEPES BUFFER 20 mM,400 uM Fe(TOB) and 

20 mM NaCl. Ligand at uM concentrations was titrated into the cuvetter and the absorbance was 

measured. 

In Figure 10, the UV-vis absorbance spectra is consistent with an interaction between L1  

and Fe(TOB) in the region between 450nm-500nm. This region is characteristic of a 

[Oxime/HOPO]/iron based interaction. [Oxime/HOPO]/iron based interactions typically occur in  

the region of 450nm-500nm which is another confirming piece of evidence that an interaction is  

taking place between the ligand and the contrast agent.79 
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Figure 11: Change in Absorbance as a function of L1 concentration; (at 455 nm).  L1/Fe(TOB) 

UV-vis Spectrum at 7.1 pH HEPES BUFFER 20 mM,400 uM Fe(TOB) and 20 mM NaCl 

 

Table 2:One Site Specific Binding Graphical Data (Graphpad Prism Software) 

Bmax 0.13 

Kd 160 

R2 0.99 

Std dev. of  Bmax 0.0030 

Std dev. Of Kd 10 

 

Equation 3: 

Y = Bmax*X/(Kd + X) 

Bmax is the maximum absorbance at fully bound ligand. It is the absorbance  

extrapolated to very high concentrations of ligand, and so its value is almost always higher  

than any specific binding measured in your experiment. Kd is the equilibrium binding constant,  

in the same units as X. It is the ligand concentration needed to achieve a half-maximum  

binding at equilibrium. Based on Figure 11, it appears a saturation event is occurring between  

400 uM-500 uM in a ratio of 1:1 ligand L1 to Fe(TOB). 
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Figure 12: R1 (Hz) values versus concentration (50,100 and 150 uM) of Fe(TOB), Fe(TOB)-D, 

Fe(TOB)-M and Fe(TOB)-V with and without human serum albumin (HSA) (values based on 

the average of two runs). Experiments were run on a 4.7 T MRI scanner at pH 7. 

In the ternary complex formation project as seen in Figure 12, three different HOPOs  

were used as ternary molecules for Fe(TOB). In one set of experiments, human serum   

albumin was incorporated into to the study to see the effect it could have on relaxivity. The data  

suggests HSA is increasing the relaxivity in all the samples. This could be due to the binding  

pockets available on the biological blood protein which slow down molecular rotation and in the  

process increases relaxivity. Another interesting observation is that the sample containing L1  

and Fe(TOB) shows the greatest increase in relaxivity both in the presence of HSA and no  

HSA. L1 has a unique design given the carboxylic acid handle and hydroxamic acid handle  

incorporated into the ring system. There are possibly two modes of binding that could occur  

between Fe(TOB) and the HOPO. There is also the possibility of aggregation given the two  

binding modes on the ligand. 
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GALLIUM ION COMPLEXES WITH OXIME LIGAND L1 

The data illustrated in figures 13-21 was used to obtain structural information of oxime  

ligand L1 upon interaction with gallium. Based on the procedure in scheme 4, reactions were  

performed in methanol-d4 at different stoichiometrys of ligand:metal and the changes in the  

aromatic region were then monitored. 

 

Figure 13: 1H NMR (400 MHz, DMSO) spectrum of ligand L1. * represents the solvent peak. α 

represents the unknown peak. 

 In Figure 13, The 1H NMR spectra of the ligand is shown. The oxime and carboxylic  

acid peaks are absent due to proton exchange that is occuring.To address the unusual coupling  

pattern of the proton resonances HI and HF, the Karplus equation is based on the observation,  

supported by theoretical considerations, that vicinal H-H couplings will be maximal with protons  

with 180° and 0° dihedral angles (anti or eclipsed relationship results in optimal orbital overlap)  

and that coupling will be minimal (near 0) for protons that are 90° from each other.94 The  

equation gives us approximate values for 3JHH as a function of dihedral angle between the  
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protons.94   

 The Karplus curve (together with more complicated variants) is the mainstay of  

conformational analysis for all ring systems, and has generally proved reliable if care is taken.94 

The constants Jo and K are used to correct for substituent effects in more sophisticated uses of  

the Karplus equation, different Jo values are also used for the 0 to 90° and the 90 to 180° sections  

of the curve.94 The Bothner-By equation provides an empirical "Karplus" curve that does not  

require different Jo values for the 0-90 vs 90-180° sections.94 

The proton NMR spectrum in Figure 13 shows that proton HI appear as a multiplet but  

coupling constants are small in accord with the Karplus analysis.  
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Figure 14: 1H NMR (400 MHz, DMSO) spectrum of the aromatic and aliphatic region of ligand 

L1. * represents the solvent peak. α represents the unknown peak. 

 



22 

 

 

Figure 15: 13C NMR (300 MHz, DMSO-d6) spectrum of ligand L1, * represents the solvent 

peak.  

Scheme 4: The reaction below illustrates the proposed coordination geometry of the complex. 

 The experiments performed in this section serve to validate if complexation is occurring  

with Ga(III). A series of reactions were performed at different stoichiometries of ligand  

L1: gallium and the changes in the aromatic region were studied. 
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Figure 16: 1H NMR (400 MHz, methanol-d4) spectrum of ligand L1, * represents the solvent 

peaks 

    For the purpose of comparison, the proton NMR of ligand L1 in methanol-d4 was  

obtained. The aromatic region as seen in figure 16, is consistent with the predicted structure of  

ligand L1.  
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Figure 17: 1H NMR (400 MHz, methanol-d4) spectrum of the aromatic region of ligand L1 
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Figure 18: 1H NMR (400 MHz, methanol-d4) spectrum of the K3[Ga(L1**)3] complexation 

reaction performed in methanol-d4 using 3 equivalents of ligand L1. * represents the solvent 

peak. 

 In Figure 18 and 19, attempts were made to form the K3[Ga(L1**)3] complex. There is  

An evident shift downfield of the aromatic region of oxime ligand L1. This observation is  

consistent with the examples noted in literature.89 New resonances appear in the spectra which  

are indicative of free or bound ligand. A possible explanation for this occurrence is that the  

reaction in the forward direction is not driven to completion possibly due to pyridine being a  

weak base that does not accommodate for the HBr generated in the products. According to Le  

Chatlier’s Principle, the reaction will be driven towards the reactants in that case. Attempts were  

made at using a stronger base such as triethylamine to shift the equilibrium in the forward  

direction and drive the reaction to completion. The use of stronger bases results in peak  

broadening and there is no shift occurring in the aromatic region. Stronger bases may serve to  

form Ga(OH) species and interfere with complexation. 
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Figure 19: 1H NMR (400 MHz, methanol-d4) spectrum of the aromatic region of the 

K3[Ga(L1**)3] complexation reaction performed in methanol-d4 using 1 equivalents of ligand 

L1. 
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Figure 20: 1H NMR (400 MHz, methanol d4) spectra of the aromatic region (8.8 ppm-7 ppm on 

spectra) of the K3[Ga(L1**)3] complexation reaction. Additions of 1,2 and 3 equivalents of 

ligand L1 (as shown bottom to top) were made every 2 hours after which NMR spectra were 

obtained to determine the impact of ligand equivalents on gallium complexation. The NMR 

solvent methanol-d4 was used for all the reactions. 

In figure 20, an experiment was performed in which different equivalents of  

ligand L1 were added to the reaction mixture seen in scheme 4. The spectrum associated with the  

addition of 1 equivalent of ligand L1 is indicative of a ppm shift downfield upon interaction with  

the gallium cation. The furthest peak downfield (8.5 ppm doublet) is consistent with HD on  

ligand L1. The two triplets located at 7.9 ppm and 7.5 ppm could be due to protons HB and HC.  

The doublet associated with HA could be overlapping with the triplet located at 7.9. The change  

in electron density away from the hydrogens places them further downfield and can result in  

overlapping peaks. Upon the addition of the second and third equivalents, new peaks form and 

 the most identifiable peak is the doublet at 7.9 which is consistent with HD. Given the broadness  

of the other peaks it is difficult to assign them.  

.  
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Figure 21: 13C NMR (300 MHz, DMSO-d6) spectrum of the K3[Ga(L1*)3] complexation 

reaction performed in methanol-d4 using 1 equivalent of ligand L1* represents the solvent peaks. 

The solvent peak at 50 ppm is the residual methanol-d4 peak from the reaction while the solvent 

peak at 40 ppm is the DMSO-d6. Peak K is overlapping with the methanol peak. The NMR was 

performed in DMSO due to poor solubility of the complex in methanol-d4. 

  In figure 21, the 13C NMR of the complex has an interesting feature at peak B  

associated with the oxime handle on ligand L1. Upon interaction with Ga(III), B shifts in  

comparison with peak B in the 13C NMR of Ligand L1 in figure 18. Peak B in figure  

15 is located at about 160 ppm and in figure 21 shifts to approximately 155 ppm. This could be  

an indication of an interaction between L1 and Ga(III) which perturbs the electron density on the  

ligand hence affecting peak position in figure 21.  
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BINDING OF OXIME LIGAND L1 AND Fe(II) IN THE PRESENCE AND ABSENCE OF  

AIR 

  

Figure 22: UV-vis Spectrum showing the interaction between ligand L1 and Fe(II)chloride. The 

solution contained 200 uM of Fe(II), 20 mM NaCl and 20 mM HEPES Buffer, pH 7.1. L1 was 

titrated into the solution until the ratio of ligand to metal was 3:1. The experiment was performed 

aerobically.  
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Figure 23: Absorbance as a function of L1 concentration; binding curve suggesting the 

interaction between ligand L1 and Fe(III).  

 To further understand the interaction between HOPOs/Oximes and iron, a series of UV  

-vis experiments were performed in which oxime Ligand L1 was titrated into Fe(II) at various  

concentrations. In Fig 22, a characteristic absorption band between 450 nm-500nm is consistent  

with the ligand L1 bound to iron.  
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Figure 24: UV-vis Spectrum showing the interaction between ligand L1 and Fe(II)chloride 

under aerobic conditions and at different equivalents of ligand:metal. Samples were prepared and 

left overnight before absorbance measurements were taken. The 2:1 solution contained 600 uM 

of ligand L1, 300 uM of Fe(II)chloride, 20 mM of NaCl and 20 mM HEPES Buffer, pH 7.1. The 

3:1 solution contained 900 uM of ligand L1, 300 uM of Fe(II)chloride, 20 mM of NaCl and 20 

mM HEPES Buffer, pH 7.1. The 4:1 solution contained 900 uM of ligand L1, 225 uM of 

Fe(II)chloride, 20 mM of NaCl and 20 mM HEPES Buffer, pH 7.1. The 5:1 solution contained 

900 uM of ligand L1, 180 uM of Fe(II)chloride, 20 mM of NaCl and 20 mM HEPES Buffer, pH 

7.1  
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Figure 25: Typical Stability Constants of a Bidentate 3- Hydroxypyridin-4-one. Two pKa’s 

values and 3 metal log K equilibrium equations describe the metal−HOPO interaction; L, ligand; 

M, metal; β3 is a cumulative constant; charges of species are neglected for simplicity. 

 In Figure 23, a saturation event appeared to be occurring at a stoichiometry of 2:1 ligand  

to metal, after which the absorbance began to drop over time. To drive the reaction to a 3:1  

stoichiometry appears thermodynamically unfavorable based on the data in Figure 22 and 23. To  

serve as a driving force in the reaction based on Le Chatlier’s Principle, adding more ligand to  

the solution would shift the equilibrium from the 2:1 stoichiometry to the 3:1 stoichiometry. In  

figure 24, an experiment was performed in which samples were prepared at various  

stoichiometries of ligand to metal and left under aerobic conditions overnight after which  

absorbance measurements were taken. All the samples demonstrated the characteristic  

absorbance band between 450nm-500nm indicative of the interaction between iron and oxime  

ligands. The absorbance increases from approx. 0.5 (2:1 ligand to metal) to approx. 1.2 (3:1  

ligand to metal). The explanation for this phenomenon could be due to the time dependence of  

reaction equilibrium shifts to occur. The 3:1 species could be the dominant species after long  

periods of time. In figure 23, the saturation event at the 2:1 stoichiometry could possibly be due  

to the 2:1 species being thermodynamically favorable. The wait time after each addition was 15  

minutes which may not have been enough time for the reaction to form the 3:1 species. In figure  

24, the absorbance begins to drop at 4:1 and 5:1 stoichiometry of ligand to metal which could be  

indicative of a new species forming in solution which is evident in the mass spectra in figure 26 

. In figure 26 A, B, C and D, it is evident that the free ligand L1, the 2:1 species and the 3:1  

species are all present in solution which would be consistent with the equilibrium figure 25.  

Below are mass spectra taken of the samples used in Figure 24; 26A being the 2:1 ligand  

to metal sample, 26B being the 3:1 sample, 26C being the 4:1 sample and 26D being the 5:1  

sample:  
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D) 

 

Figure 26: Mass spectra showing the interaction between ligand L1 and Fe(II)chloride under 

aerobic conditions and at different stoichiometries of ligand:metal based on samples from figure 

26. 89 A)2:1 solution, b) 3:1 solution c) 4:1 solution d) 5:1 solution. L1* represents the 

deprotonated version of ligand L1 in the complex. ESI-MS  m/z: 222.1,239.2 [L1+H]+ 499.0 

[Fe(L1*)2]
+ , 737.0 [Fe(L1*)3+H]+ . The 2:1 solution contained 600 uM of ligand L1, 300 uM of 

Fe(II)chloride, 20 mM of NaCl and 20 mM HEPES Buffer, pH 7.1. The 3:1 solution contained 

900 uM of ligand L1, 300 uM of Fe(II)chloride, 20 mM of NaCl and 20 mM HEPES Buffer, pH 

7.1. The 4:1 solution contained 900 uM of ligand L1, 225 uM of Fe(II)chloride, 20 mM of NaCl 

and 20 mM HEPES Buffer, pH 7.1. The 5:1 solution contained 900 uM of ligand L1, 180 uM of 

Fe(II)chloride, 20 mM of NaCl and 20 mM HEPES Buffer, pH 7.1.  

 

Anaerobic Experiment (20 minute scan intervals) 

In Figure 27 and 28, anaerobic and aerobic experiments were performed with L1 and  

Fe(II). The spectra in the two different cases showcase interesting results. At 450 nm, both  

experiments display new peaks and absorbance increases which definitely is suggestive of an  

interaction between the ligand and Fe(II). In the aerobic experiment, the absorption peak  

appears to be blue shifted slightly which could be the result of the oxidation of Fe(II) to Fe(III)  

with the aid of oxygen during complex formation. In the anaerobic experiment, the absorption  

peak rises at a slower rate and the initial absorbance is much lower than in the case of the aerobic  
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experiment as seen in Figure 29. It is important to understand the effect of oxygen on complex  

formation and the iron oxidation state which will be further studied in future experiments.  

During the event of the oxidation of iron, electrons are being transferred to a different molecule  

which potentially is oxygen.   

 

Figure 27: UV-vis Spectrum showing interaction between ligand L1 and Fe(II)chloride under 

anaerobic conditions. The solution contained 900 uM of ligand L1, 300 uM Fe(II)chloride, 20 

mM NaCl and 20 mM HEPES Buffer, pH 7.1. Wavelength scans were performed at 20 minute 

intervals.  
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Aerobic Experiment (20 minute scan intervals) 

 

Figure 28: UV-vis Spectrum showing the interaction between ligand L1 and Fe(II)chloride 

under aerobic conditions. The solution contained 900 uM of ligand L1, 300 uM of Fe(II) 

chloride, 20 mM of NaCl and 20 mM HEPES Buffer, pH 7.1. Wavelength scans were performed 

at 20 minute intervals. (at 450nm)     
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Figure 29: A plot (above) to observe the change of absorbance over a period of time (minutes) 

under aerobic and anaerobic conditions (at 450 nm). Error bars (below) were determined based 

on three sets of data in both the anaerobic and aerobic experiments.   

 

In Figure 29, the initial absorbance is much higher in the aerobic experiment as compared 

 to the anaerobic experiment. This observation could be the result of the ratio of Fe(II)/Fe(III)  

during the formation of the complex. In the the anaerobic experiment there could be a greater intial  

presence of Fe(II) than Fe(III) while in the aerobic experiment there is a greater initial presence of  

Fe(III) than Fe(II). These ratios could influence oxidative conversion of Fe(II) to Fe(III) at the  

onset of the interaction between iron and the ligand L1. Ligand L1 could possibly have a higher  

affinity for Fe(III) which would explain the higher absorbance in the aerobic experiment. The  

absorbance appears to be stabilizing with time in both experiments which could be suggestive of  

a stable complex forming. The following experiment will explore this theory furthur.   

A Combined Anaerobic/Aerobic Experiment (10 Minute Scan Intervals) 

In the previous study, to understand the influence of oxygen on the complexation of iron 

and the ligand L1, the data suggested that oxygen aids in Fe(III) complex formation given the  

higher initial absorbance of of the aerobic study in comparison to the anaerobic study. This could  

be the result of the initial conversion of Fe(II) to Fe(III) which in the case of the aerobic experiment  

is possibly greater thus favoring the formation of the iron complex.  The drawback of this  
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study was that the experiments were carried out in two different cuvettes which compromises the  

consistency of the data hence increasing the likelihood of experimental error. Another source of  

error to consider in the anaerobic experiment is the effect of oxygen on complex formation.  

Degassing was performed using an argon balloon which does not ensure complete removal of  

oxygen. During the transfer of Fe(II) solution (degassed) to the the cuvette containing the  

ligand, there is potential for introducing oxygen to the system that could compromise the study.   

The next experiment was based on the hypothesis that upon exposure to oxygen, an  

anaerobic experiment in which Fe(II) and the ligand L1 are interacting will be considerably  

altered given the rate of the conversion of Fe(II) to Fe(III) upon complex formation. The  

mechanism by which this takes place is still in question but the most likely option is the oxidation  

of the Fe(II) center complexed with ligand by O2. In Figure 30 and 31, the experiment was initially  

anaerobic for a total of eight wavelength scans after which oxygen is introduced to the system and  

the remainder of the scans were measured aerobically. Figure 31 showcases the dramatic rise in  

absorbance upon exposure to oxygen which corroborates the role oxygen plays in complex  

formation. The anaerobic absorbance values remained consistent in the range between 0.2-0.5 after  

which the absorbance rapidly increased to values in the range of 1.2-1.5. As previously mentioned,  

oxygen could be speeding up the conversion of Fe(II) to Fe(III)  as the complex forms via oxidation  

of the complex. 
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Figure 30: UV-vis Spectrum showing interaction of ligand L1 and Fe(II)chloride under 

anaerobic and aerobic conditions. In the solution the concentration of the ligand L1 was 900 uM, 

20 mM NaCl, 20 mM HEPES Buffer, pH 7.1 and 300 uM Fe(II)chloride. Wavelength scans were 

taken at 10 minute intervals. The first eight scans were performed under anaerobic conditions 

after which the rest of the experiment was carried out aerobically.     
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Figure 31: A plot (above) to observe the change of absorbance over a period of time under 

anaerobic conditions (first eight scans) and aerobic conditions (remainder of the experiment). 

Error bars (below) were determined based on three sets of data. (analytical wavelength was 

450nm) In the solution the concentration of the ligand L1 was 900 uM, 20 mM NaCl, 20 mM 
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HEPES Buffer, pH 7.1 and 300 uM Fe(II)chloride. Wavelength scans were taken at 10 minute 

intervals. The first eight scans were performed under anaerobic conditions after which the rest of 

the experiment was carried out aerobically.     

 

Combined Anaerobic/Aerobic Experiment in the presence of anions  (10 Minute Scan 

Intervals) 

  

 Figure 32: UV-vis Spectrum showing interaction of ligand L1 and Fe(II)chloride under 

anaerobic and aerobic conditions. In the solution the concentration of the ligand L1 was 600 uM, 

20 mM NaCl, 20 mM HEPES Buffer, pH 7.1, 200 uM Fe(II)chloride, 25 mM carbonate and 400 

uM phosphate. Wavelength scans were taken at 10 minute intervals. The first eight scans were 

performed under anaerobic conditions after which the rest of the experiment was carried out 

aerobically. 
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Figure 33: A plot (above) to observe the change of absorbance over a period of time under 

anaerobic conditions (first eight scans) and aerobic conditions (remainder of the experiment). In 

the solution the concentration of the ligand L1 was 600 uM, 20 mM NaCl, 20 mM HEPES 

Buffer, pH 7.1, 200 uM Fe(II)chloride, 25 mM carbonate and 400 uM phosphate. Wavelength 

scans were taken at 10 minute intervals. The first eight scans were performed under anaerobic 

conditions after which the rest of the experiment was carried out aerobically. 

 In figure 32 and 33, in order to test the biological application of the ligand L1/Fe(II)  

interaction, biologically relevant carbonates and phosphates were introduced to the system to  

determine if the anions present would perturb the interaction between the ligand L1 and Fe(II).  

   Initially the experiment was performed anaerobically after which oxygen was introduced to the  

system. Confirmation of the interaction between the oxime ligand L1 and Fe(II) is demonstrated  

by the characteristic absorption band between 400 nm -500 nm. The absorbance jumps from just  

under 0.4 to approx. 0.9 upon exposure to oxygen. The binding interaction between the ligand  

and metal results in the conversion of Fe(II) to Fe(III) with the aid of oxygen. Potentially an  

LMCT or MLCT took place resulting in the complex formation. Based on the data, biological  

anions do not perturb the interaction between the ligand and the metal. 
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DISCUSSION 

 L1 has exhibited promising results in both the ternary ligand interaction   

(capping) studies with the Fe(III) MRI Contrast Agent Fe(TOB), and the UV Vis spectroscopy  

studies for the determination of the selectivity of L1 for Fe(II)/Fe(III) with the goal of designing  

an “iron trap,’ optical sensor.  HOPOs were incorporated into the MRI project to potentially  

improve the solubility of Fe(TOB) at pH 7.5 of the contrast agent in the presence of ligand L1  

which in turn would impact the solubility as well as the relaxivity. Depicted in the image below is  

the probable interaction between Ligand L1 and Fe(TOB): 

                                  

Fig 34:Proposed interaction between Fe(TOB) and ligand L1 [Fe(TOB)-V] 

As seen in Fig 12, in comparison to L4 and L5 which were also used as ligands, L1 has  

the highest relaxivity values in the presence of Fe(TOB) and in the presence of Fe(TOB) and HSA.  

In the proposed structure in Figure 34, there are no coordinated water molecules to Fe(III) but this  

does not necessarily mean there is no interaction with bulk water. Equation 3 shows how r1  

changes with respect to 1/T1 over the molarity of the contrast agent and also the total relaxivity  

values coming from all water protons (IS, SS and OS).   
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Equation 4: 

 

Based on equation 4, there is the possibility of second sphere and outer sphere water interactions.  

The second sphere interactions are the result of the water protons engaging in direct contact with  

the contrast agent while outer sphere interactions are the result of the water protons being in close  

enough proximity to interact with the contrast agent. The presence of the ligand could  

be enhacing the outer sphere interaction which in turn improves relaxivity. Another factor to  

consider is rotational correlation time. Based on equation 1, the relaxivity increases with increasing   

rotational correlational time. Typically the greater the molecular weight of the contrast agent the  

slower the rotation. The relaxivity values in Fig.12 with respect to Fe(TOB) in the presence of L1  

and in the presence of L1 and HSA are suggestive of the relaxivity being impacted by increasing  

the molecular weight. Previously reported work on zinc responsive gadolinium based MRI  

contrast agents showed the possibility to fine tune the rate of water exchange from the inner-sphere  

of Gd(III) in order to maximize the r1 of the complexes bound to Zn(II) and HSA.29 It is well  

known that HSA can bind many different types of substrates via site 1 or 2 of subdomain IIA or  

IIIA. Both are characterized by hydrophobic pockets, surrounded by a positively charged external  

surface.72                    

In the case of ligand L1, HSA and Fe(TOB), the relaxivity could be increasing based on  

the interaction of Fe(TOB) with the hydrophobic pockets of HSA as well as the ternary ligand 

interaction with L1 mentioned earlier in this section.  Another factor to consider is the  

carboxylic acid handle on ligand L1. This is a potential site that could interact with Fe(III)  in 

 Fe(TOB) which potentially could lead to dimerization. This could be beneficial in improving  

relaxivity given the increased molecular weight of the contrast agent (dimer) as well as the  

interaction between ligand L1 and bulk water.Below is the proposed dimer that could form: 
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Fig 35: Proposed dimer of ligand L1 and Fe(TOB) 

Further investigation is required regarding the effect of the carboxylic acid handle on  

ligand L1 on T1 relaxivity.  

HOPOs/Oximes for sensing Fe in cells 

HOPO/oxime ligands have been studied in literature and have demonstrated high  

affinities for ‘hard,’ metal ions such as Fe(III). They are composed of a six-membered aromatic  

N-heterocycle, along with a hydroxyl and ketone functionality.76 Their high affinity for hard metal  

ions, resulted in their use in therapeutics for in vivo Fe(III) chelation in iron overload disease.75  

In this document, HOPOs and oxime ligands, were studied to gain a better understanding of their  

interaction with Fe(II)/Fe(III). The goal of these studies is to identify a recognition moiety that is  

selective towards Fe(II) and that has the ability to oxidize Fe(II) to Fe(III) by forming a tris  

complex referred to as an “iron trap.” Altering the relative position of the hydroxyl and ketone  

functional groups within a bidentate HOPO molecule, results in 1,2 HOPOs; 3,2 HOPOs and 3,4  
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HOPOs.76 Neutral HOPO molecules can be protonated and deprotonated with the oxo group  

corresponding to a protonation/deprotonation event for the first pKa value and the hydroxyl group  

for the second pKa value. As seen in figure 36, delocalization of the electrons of the N1 ring atom  

is consistent with aromaticity.76  

 

 

Fig 36: (to the left) Resonance Structures and deprotonations of a 1,2 HOPO,3,2 HOPO and 3,4 

HOPO, (to the Right) L5 resonance structure at different protonation states by R. Cusnir; C. 

Imberti; R.C. Hider; P.J. Blower and M.T.Ma. Redrawn from reference 76.  

HOPOs deprotonated at the hydroxyl group, are capable of forming complexes with metal  

ions in a bidentate mode, forming five membered chelate rings.76 Metal binding affinities and pKa  

values are impacted by the position of the hydroxyl and ketone groups, and ring substituents. Metal  

ion affinity values and pKa values follow the trend, 3,4 HOPO>3,2 HOPO>1,2 HOPO. This is  

attributed to the decrease in delocalization of the N1 atom lone pairs over the ring and the  

corresponding decrease in charge density on the O atoms.76 
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Table 3: Protonation constants, stepwise stability constants (log K) and cumulative Fe(III) stability 

constants (log β3) for 1,2-HP, 3,2-HP and 3,4-HP.76  

Compound pKa1 pKa2
 logK1 logK2

 logK3
 Logβ3pFe3+ 

1,2-HOPO 1.2 

-0.9 

5.86 

5.78 

10.6 

10.3 

9.5 

9.0 

7.1 

7.6 

27.2 

26.9 

3,2-HOPO 0.1 8.66 11.7 9.8 8.1 29.6 

3,4-HOPO 3.34 

3.60 

9.01 

9.60 

14.2 

- 

11.6 

- 

9.3 

- 

35.1 

36.9 

 

The 3,4 HOPOs such as L5, have high affinity for Fe(III) and form neutral 3:1  

bidentate complexes with Fe(III). The interaction between L5 and Fe(III)/Ga(III) has been 

 studied in literature in terms of pKa values as well as binding constant values which is shown in  

the table 4 below: 

Table 4: Protonation constants and Fe(III) and Ga(III) stability constants for L5 (measured at 22.5-

250C, ionic strength 0.1-0.2 M,pH 7.4, with [total ligand] =10-5 M and [total metal ion]=10-6M. By 

R.Cusnir;  C.Imberti; R.C.Hider; P.J.Blower and M.T.Ma.76   

Metal ion pKa1 pKa2
 logK1 logK2

 logK3
 Logβ3

 

Fe3+ 3.56 

3.68 

3.62 

- 

3.61 

9.64 

9.77 

9.76 

- 

9.78 

14.92 

14.56 

15.14 

15.10 

15.03 

12.23 

12.19 

11.54 

11.51 

27.42 

9.79 

9.69 

9.24 

9.27 

- 

37.2 

36.4 

35.92 

35.88 

37.35 

Ga3+ - 

3.70 

- 

9.86 

13.17 

17.07 

12.26 

12.19 

10.33 

9.16 

35.76 

38.42 

 

Conversion of oximes to cyclic hydroxamic acids resulting in E/Z isomer mixtures 

Ligand L1 falls into a category known as oximes, which are capable of E/Z isomeric  

mixtures. Heat drives the formation of the trans isomer but initially there is a mixture of cis  

and trans isomers. The drawback of this synthetic scheme is the inability to determine the trans/cis  

conformations of ligand L1 as well as the ratios of cis to trans. Upon column chromatography  

 purification, low yields of ligand L1 were obtained which could be attributed to the different  

elution of different isomers. There also lies the possibility of ring opening due to thermal effects  

during the reaction hence the reaction could consist of multiple structures in solution.  
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Fig 37: Mechanistic rationale for the conversion of oximes to cyclic hydroxamic acids and 

experimental evidence supporting the proposed mechanistic view. By O. Bakulina, A. Bannykh, 

D. Dmitry, M. Krasavin. Redrawn from reference 93 

Gallium NMR Data Analysis           

 Metal complexes with elements of group 13 are significant for a number of active areas of  

chemical and medical research.87 Ga(III) is of particular interest because of the availability of  

the radioisotopes 67Ga, 68Ga, which are useful in the area of nuclear medicine.87 In addition,  

gallium(III), in terms of its coordination chemistry, is an excellent diamagnetic analogue of the  

biologically important (but paramagnetic) Fe(III) ion and as such enables NMR investigations 

 for structure elucidation purposes.87 Ga(III) possesses a similar ionic radius and surface  

charge density to that of Fe(III) (Table 5), and consequently, ligands that bind Fe(III) also  

bind Ga(III) with similar affinity. 
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Table 5 Ionic Properties of Cations chelated by HOPOs. By Cilibrizzi.A, Abbate.V, Chen.Y. L, 

Ma. Y, Zhou.T and Hider.R.C .88   

 charge on ion ionic radius (Å) surface charge 

density (eÅ-2)  

Aluminum 3+ 0.54 0.82 

Europium 3+ 1.17 0.17 

Gallium 3+ 0.62 0.62 

Gadolinium 3+ 0.94 0.27 

Iron 3+ 0.65 0.57 

Plutonium 4+ 0.87 0.42 

Zirconium 4+ 0.72 0.62 

 

The drawbacks of the K3[Fe(L1**)3] complexation reaction in scheme 2 are difficulty in  

recrystallization, limited structural information, mass spectrometry as the single definitive  

indication of stoichiometry, uncertainty in the type of interaction taking place upon complexation  

and the stability of the molecule in various solvents.  In an attempt to gain further structural  

information about the interaction between ligand L1 and trivalent paramagnetic metals such as  

Fe(III), the diamagnetic Ga(III) cation offers a useful spectroscopic technique in proton NMR to 

 better understand the complexation event. Ligand L1 has two important structural features for this  

study, a carboxylic acid handle and the oxime group. In figure 16, the peaks are absent and this  

can be attributed to the protons present on the two functional groups exchanging with the  

deuterium in the methanol-d4 and disappearing from the spectrum. The protic solvent methanol-d4  

was used to acquire structural information about the gallium and ligand L1 complexation reaction.  

In figure 18 and 19, the most striking feature of the spectra is the change in the aromatic region  

upon interaction between ligand L1 and gallium. The spectra shifted downfield and new peaks  

appeared which is suggestive of an interaction between the ligand and the metal as well as the  

presence of free ligand in solution. This was expected because binding to the electropositive metal  

ion withdraws electron density away from these hydrogens.89   

In figure 20, an experiment was used to gain further insight on the effect of the  

ligand equivalents on complexation. The spectra initially shifts downfield after the addition of  

the first equivalent of ligand L1, followed by the formation of new peaks after the second and  

third equivalents of ligand L1 are added. This could possibly be due to the 3:1 ligand to metal  
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interaction being thermodynamically unfavorable. The driving force of the reaction is the  

presence of excess base. Pyridine being a weak base, potentially does not accommodate for the  

HBr generated in the products. The equilibrium of the reaction will shift back to the reactants  

which would explain the 1:1 stoichiometry of the ligand to metal suggested by the data. A  

stronger base such as trimethylamine was used to drive the reaction to completion but only  

resulted in peak broadening and no evident shift downfield which possibly suggests no  

interaction occurring in the presence of stronger bases.  

Binding of oxime ligand L1 and Fe(II) in the presence and absence of air 

 In figure 22 and 23, a binding study was performed with Fe(II) and ligand L1. In figure  

22 the characteristic absorption band between 450 nm-500 nm was present suggestive of the  

HOPO/oxime interaction with iron. In the absorbance vs concentration plot in figure 23, a  

saturation event appears to be occurring in the ratio of 2:1 ligand to metal. The possible  

explantion for this event is the 3:1 complex is thermodynamically unfavorable. The reaction  

needs a driving force as well as an extended period of time for the reaction to reach equilibrium.  

In figure 24 an experiment was designed in which different stoichiometries of ligand to metal  

were prepared ranging from 2:1 ligand to metal to 5:1 ligand to metal. The hypothesis was the  

driving force of the reaction is excess ligand hence favoring the tris complex. The absorbance  

increases from approx. 0.5 (2:1 ligand to metal) to approx. 1.2 (3:1 ligand to metal ). The  

explanation for this phenomenon could be due to the time dependence of reaction equilibrium  

shifts to occur. The 3:1 species could be the dominant species after long periods of time. In  

figure 23, the saturation event at the 2:1 stoichiometry could possibly be due to the 2:1 species 

 being thermodynamically favorable. The wait time after each addition was 15 minutes which  

may not have been enough time for the reaction to form the 3:1 species. In figure 24, the  

absorbance begins to drop at 4:1 and 5:1 stoichiometry of ligand to metal which could be  

due to the formation of a new species. Figure 26 provides mass spectra indicating the dominant  

species in solution are the 2:1 and 3:1 complex of ligand to metal. There is also a peak associated  

with free ligand L1 in solution and peaks associated with unknown compounds in solution which  

would explain the drop in absorbance at 4:1 and 5:1 stoichiometry given the equilibrium is  

shifting back to reactants. The data indicates the equilibrium reaction may be more complicated  



52 

 

and multiple species are forming in solution. 

To investigate the effect of oxygen on iron complex formation, anaerobic (Figure 27)  

and aerobic (Figure 28) experiments were performed in which periodic scans were taken every  

twenty minutes until the absorption band appeared to stop changing (hence increasing).  The  

absorbance profile in the aerobic experiment appears to be blue shifting with the gradual  

increase in the absorbance band at the region from 450nm-500nm. The absorbance profile in the  

anaerobic experiment appears to be increasing in the same region but does not have the blue  

shift seen in the aerobic experiment. The data suggests oxygen plays an active role in the  

oxidation process of Fe(II) to Fe(III). In the aerobic experiment the ratio of Fe(II) to Fe(III) at  

the onset of the oxidative reaction could be favoring Fe(III). The data suggests that the ligand L1  

binds to Fe(II) and through a redox mediated event, oxygen accepts an electron to convert Fe(II)  

to Fe(III), which most likely is the oxidation state of iron in the complex [Fe(L1**)3]
3-. This  

could explain the higher initial absorbance in the aerobic experiment than in the anaerobic  

experiment. In the anaerobic experiment the ratio could possibly be favoring Fe(II) due to the  

absence of oxygen. Complex formation could possibly be occuring at a slower rate in the  

anaerobic experiment as compared to the aerobic experiment. The ratio of Fe(III) to Fe(II) will  

become greater as the experiment goes on due to complex formation. 

A factor to consider is that a MLCT or LMCT could be taking place. The charge transfer  

could be facilitated by excitation through UV Visible light. The more likely scenario is the  

ligand to metal charge transfer given that for an MLCT to take place, typically ligands having  

empty π* orbitals such as CO, CN- and SCN- are the acceptor orbitals upon absorption of light.80   

They fall into the category of strong field ligands while OH- is considered a weak field ligand.  

Weak field ligands are π donors that are known to participate in LMCT interactions upon light  

absorption.80 

In Figure 30 and 31, data was collected in a combined anaerobic and aerobic study. The  

sample was prepared in a single cuvette and the experiment was initially anaerobic. Oxygen was  

then introduced to the cuvette by removing the seal on the anaerobic cuvette and the remainder  

of the experiment was carried out aerobically. The plot in Figure 31 suggests oxygen bringing  

about a rise in absorbance which could be due to the increase conversion of Fe(II) to Fe(III)  

which speeds up the rate of complex formation hence the absorbance rises faster.  In the  
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anaerobic experiment, the solution was degassed (for 30 minutes) prior  to the commencement of  

the wavelength scans but there is the possibility of residual oxygen still being present in the  

solution that could be aiding in complex formation hence leading to the absorption band  

increasing during the experiment. To test the biological relevance of this study, carbonates and  

phosphates which are present in high concentrations in the blood were introduced to the cuvette  

in figures 32 and 33. The characterisitc absorption band between 450 nm-500 nm began to form  

and rise over time which is suggestive of the intereaction between iron and ligand L1 still  

occurring. Upon the introduction of oxygen to the cuvette as seen in figure 33, the absorbance  

rises dramatically hence the formation of the iron complex and the conversion of Fe(II) to Fe(III)  

with the aid of oxygen.  

FUTURE WORK AND CONCLUSIONS  

HOPOs and oximes, bidentate iron chelators-are ligands capable of forming 5- 

membered chelate rings  in which the metal is coordinated by two vicinal oxygen atoms.31 The  

basis of the studies was using these HOPOs and oximes to “trap,” Fe(II)/Fe(III) by means of the  

tris complex formation, and to study the kinetic and thermodynamic stability of these  

iron/(HOPO/oxime) complexes in the presence of biologically relevant competitor anions. In  

another project involving a promising iron based T1 contrast agent Fe(TOB), the impact on T1  

relaxivity by using L1 to “cap” Fe(TOB) in a ternary interaction was studied to potentially  

improve relaxivity and improve solubility through increased pH. The long term goal of both  

projects is to develop iron responsive T1 contrast agents and iron selective fluorescent sensors.   

In the iron sensing project, the short term goal is to synthesize a fluorescent sensor using L1 as  

the recognition moiety, ethylene diammine as the spacer and dansyl chloride as the fluorophore.  

The drawback of ligand L1 is the uncertainty in the stoichiometry of the iron complex which  

requires further characterization.     
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