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ABSTRACT 

Potentiometric titrations were used to determine the thermodynamic formation 

constants of the complexes of newly synthesized macrocyclic polyaminocarboxylic acid 

ligands; 2,9-dioxo-l,4,7,l0-tetraaza-4,7-cyclododecanediacetic acid [L12]; 2,9-dioxo-

l ,4,7,10-tetraaza-4,7-cycIotridecanediaceticacid[L 13]; 9,14-dioxo-1,4,7,10,13-pentaaza-

1,4,7-cyclopentadecanetriacetic acid [LI5]; 9,15-dioxo-1,4,7,10,14-pentaaza-1,4,7-

cyclohexadecanetriacetic acid [L16]; and 9,16-dioxo-1,4,7,10,15-pentaaza-1,4,7-

cycloheptadecanetriacetic acid [LI7] with selected metal ions, Mg""*", Ca""^, Mn""^, Co""^, 

Ni""*", Cu""^, Zn""*", Cd^"^, Gd^^, Ga~"^, and In''"*'. The formation constants were calculated 

with the help of a computer modeling program, BEST. The protonated complexes and 

hydroxy complexes of some ligands were found to coexist with the neutral complex in 

certain pH regions. This formation of multiple species is an important consideration 

for practical application of these ligands. It was observed that the complexes of one 

ligand [LI3] undergo a change in geometry when the pH of the solution is changed 

from acidic to basic. Electron spin resonance and UV-visible spectra confirmed these 

changes. The complexes of each of the other ligands had characteristic differences in 

their spectra. Some of the differences in the solution chemistry of the complexes were 

unexpected since the ligands possess identical fianctional groups and the structures in 

each series vary by only one CHj group. 

The formation constants of the mercury(II)-glutathione complexes were also 

determined by potentiometric titrations. It was found that the previously reported value 
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was incorrect by a factor of about lO'". Tlie formation constants of the secondary 

species were also determined. These values have not been reported previously. A 

complete understanding of the solution chemistry of these complexes should be 

beneficial for understanding the metabolism of mercury(II) in living organisms and for 

the development of antidotes to mercury poisoning. 
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The term 'complex' can have a variety of meanings when applied to chemical 

systems. In this text, it will refer specifically to the reaction product of a metal ion 

with one or more ligands. A ligand may be any atom or molecule that satisfies the 

coordination requirements of the metal ion, including a background electrolyte, such as 

chloride ion, a solvent molecule, or an organic compound. The compounds under 

investigation here belong to the category of ligands known as chelating agents, which 

are molecules that possess multiple functional groups capable of forming bonds with 

the metal ion. The term 'complexone', first used by Schwarzenbach, Kampitseh and 

Steiner (1945), may be used interchangeably with chelating agent. 

Chelating agents have an enormous number of applications. In addition to their 

use as analytical reagents, they have been used in medicine for the removal of metal 

ions from the body, and have found employment in a seemingly endless number of 

industrial applications. Ligands may possess a number of properties, for example; 

strong irreversible binding or weak reversible binding, ionic or non-ionic character, and 

selective or non-selective binding. In the past, known compounds were studied to find 

those with the desired characteristics for a particular application. More recently, a large 

amount of research has been aimed at creating molecules with specific geometries and 

functional groups for a given application. 

One of the most desirable characteristics for a complexone is the ability to form 
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a complex witli a selected metal or group of metals. Eaily work witli EDTA showed 

that certain groups of metals could be prevented from complexation to a large extent 

by controlling the pH. Later it was found that the structural features of a ligand could 

have a significant effect on selectivity. For example, the enhanced stability of 

macrocyclic ligands in comparison to their linear analogues was pointed out by 

Cabbiness and Margerum in 1969. The ability of crown ethers to form complexes with 

alkali and alkaline earth metal ions was found to depend largely on the relationship 

between the ring size and the metal ion diameter (Pedersen, 1967). In the years that 

followed, ring compounds containing other heteroatoms and functional groups were 

studied to gain fiirther understanding of the macrocyclic effect and selectivity. A 

relationship between the ring size of macrocyclic polyamines of the type shown in 

Figure 1.1 and the metal ion size was found to be a factor in the formation of the 

complex (Martin et ai, 1974). Based on spectroscopic results, the conclusion was that 

there is a 'best fit value' for a metal ion to a ligand, and that this "mechanical 

constraint, of molecular origin, on the metal-donor distance can have a profound effect 

on the strength of the metal-donor interaction." Polyamine macrocycles with a pendant 

amine or hydroxyl group were studied by Lotz and Kaden (1978), who pointed out that 

the flexibility and kinetic lability of a functional group on a side chain, combined with 

the rigidity and kinetic stability of a ring should provide interesting properties. One 

example given was a nickel complex that underwent a change in coordination geometry 

(and a concommital change in magnetic moment) with a change in pH (Lotz and 
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Kaden, 1977, 1978). Polyamine macrocycles with four pendant carboxyiic acid groups 

were synthesized by Stetter and Frank in 1976, and their characteristics continued to be 

studied for more than a decade (Desreux et al., 1981; Delgado & Frausto da Silva, 

1982; Loncin et al., 1986; Cacheris et al., 1986; Clarke & Martell, 1991). 

There are obviously a number of factors that contribute to enhance the selectivity 

of a ligand toward a particular metal ion, including; the number and type of functional 

groups, the geometry of the complex, the size of the metal ion, the size of the ligand, 

the lability of exchangeable groups, and external conditions, such as the pH of the 

solution, temperature, and the solvent. The formation of complexes between 

macrocyclic polyethers and alkali or alkaline earth metal ions is often cited as an 

example of selectivity. In a 1988 review paper. Cram discussed the concept of pre-

organization as being the central determinant of binding power, and complementarity 

as being the central determinant of structural recognition. That is, structural recognition 

increases when the number of binding sites between a 'host' and 'guest' are maximized 

by complementary placement of these sites. BCinetics and variations in the basicity of 

the donor atoms are not overlooked as contributing factors to selectivity, but structure 

is emphasized as having the most important role for the compounds investigated (Cram, 

1986). However, examples can be found where a favorable structure/size relationship 

does not result in selectivity. If one looks at a series of macrocycles, such as those 

shown in Figure 1.1, and compares the formation constants with a metal ion such as 

Cu(II), an obvious conclusion is that one of the ligands, [14]aneN4, is more selective 



19 

for copper (Kimura, 1992). This seems to be a clear example of the relationship 

between ring size and metal ion radius. However, if one also examines the formation 

constants of these ligands with other metals ions, as shown in Table l.I, the relationship 

between ring size and metal ion radius does not appear to hold. For example, Zn(II) 

has the largest radius of the metals listed, but its largest formation constant is with the 

macrocycle that has the smallest ring size. In many studies of macrocyclic ligands, the 

stability constant of a complex is often related to some specific parameter such as ring 

size, metal ion size, or ligand basicity. In many cases, however, the influence of these 

factors combine, and simple linear relationships become much more difficult to find. 

Additional, less obvious factors may also play a role in selectivity, such as the acid-base 

properties of the metal and the kinetics of the complex formation. Kodama and Kimura 

(1979) found this last point to be important in the series of ligands and metals they 

studied. 

The magnitude of the thermodynamic equilibrium constant for the reaction 

between a metal ion and a ligand is one of the most important indications of selectivity. 

These formation constants provide the basis for comparison of the binding ability of 

ligands and metals. However, under certain conditions the formation of a complex may 

be reduced by the formation of the protonated complex. For this reason it is necessary 

to have a complete understanding of the solution chemistry of the reacting metal ion 

and ligand in order to make predictions about whether complexes will be selectively 

formed and remain stable in a practical application. 
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Two of die most widely used metliods for tlie deterniinalion of formation 

constants are polarography and potentiometric titrations. Spectrophotometric titrations 

and extraction techniques may also be used. Sometimes the nature of the chemical 

system being studied will dictate the method to be used. A reaction that has slow 

equilibrium is one case where the spectrophotometric method may be preferred. That 

method, however, has a number of shortcomings. The application of potentiometric 

titrations for the determination of formation constants is the primary method used in this 

research, since it is a well established and reliable method to determine metal complex 

formation constants (Ackermann and Scwarzenbach, 1949; Schwarzenbach etai, 1945; 

Schwarzenbach and Frietag, 1951a,b; Wheelright et ai, 1953). The limitations of the 

method are well documented (Bates, 1964; Irving et ai, 1967; Seijeant, 1984). The 

solution chemistry of the system being studied can be a major source of difficulty in 

die determination of formation constants by any method. Hydrolysis of the metal ion 

and slow equilibria are two examples of phenomena that can make interpretation of 

potentiometric data particularly difficult. However, these problems can be circumvented 

to some extent by the use of a competing ligand during the titration. 

The utility of the method has been improved in recent decades by the application 

of computer modeling programs that rapidly calculate the formation constants for 

complex equilibria (Leggett, 1985; Meloun et ai, 1988). Previously, the formation of 

protonated complexes, polynuclear complexes etc., were often neglected, by 

experimental design, and/or by mathematical approximation, in order to simplify the 
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caicuiaiions. The combination of experimental titration data and computer analysis of 

the data is a powerful combination in the investigation of the solution chemistry of 

complexes. However, caution must be used in the application of mathematical models, 

since ambiguous, if not outright incorrect information can be obtained from a poorly 

devised model. The computer modeling program BEST (Motekaitis & Martell, 1982) 

was used in this research for ascertaining the presence of various chemical species in 

solution. This program produces a mathematical reproduction of an experimentally 

determined titration curve by setting up equilibrium expressions for the chemical species 

present in solution. The assumption is that if all the relevant chemical species have 

been included in the model, refinement of the unknown formation constants will result 

in an accurate fit of the calculated curve to the experimental data. Obviously the 

experimental data must be free from error to begin with, but the selection of an accurate 

model of the important solution equilibria remains the greatest difficulty. There are a 

number of ways to obtain supporting evidence for the existence of various species in 

solution, such as crystallographic data, ESR spectroscopy, NMR spectroscopy, and 

ultraviolet-visible spectroscopy. 

The focus of the present work is to apply the methods described above to 

investigate the solution chemistry of a series of new ligands, and to re-examine the 

mercury(II)-glutathione complex. The novel compounds under investigation here are 

a series of macrocyclic polyaminocarboxylic acids which have been synthesized in this 

laboratory (Inoue et ai, 1992, 1993), and which may have a variety of applications. 
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such as carriers of radioisotopes and contrast agents for magnetic resonance imaging. 

The macrocyclic ligands studied are: 2,9-dioxo-l,4,7,10-tetraaza-4,7-

cyclododecanediacetic acid; 2,9-dioxo-l,4,7,10-tetraaza-4,7-cycIotridecanediacetic acid; 

9,14-dioxo-l ,4,7,10,13-pentaaza-1,4,7-cyclopentadecanetriacetic acid; 9,15-dioxo-

l,4,7,10,14-pentaaza-l,4,7-cyclohexadecanetriacetic acid; and 9,16-dioxo-l,4,7,10,15-

pentaaza-l,4,7-cycloheptadecanetriacetic acid. Throughout the remainder of this text, 

the following abbreviations, based on the number of atoms in the ring, will be used: 

L12, L13, L15, L16, and L17 respectively. The structures of these compounds are 

shown in Figure 1.2. Some of these compounds, along with other analogues, have also 

been synthesized and studied independently by Carvalho et al. (1992). 

A number of potential advantages can be found in these compounds for specific 

applications. Contrast agents for magnetic resonance imaging (MRI) consist of an 

organic ligand which is strongly chelated to a metal ion, such as gadolinium(III), that 

has unpaired electrons. During the imaging procedure, the unpaired electrons in the 

metal ion interact with, and change the relaxation rate of water molecule protons in the 

body. The degree of hydration of the metal complex in solution is directly related to 

the observed relaxivity (Chang et al., 1990). If the chelated metal ion can selectively 

pass through tissue membranes, an enhanced image for those tissues will be obtained. 

The ability to target certain tissues will be determined in part by whether the complex 

is ionic or non-ionic (Wiegers et al., 1992). An important advantage of non-ionic 

complexes is that their solutions have low osmolality (Tweedle, 1992). Obviously a 
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desirable characteristic for a metal chelate in this application is a large formation 

constant with the metal ion, which may be toxic in its uncomplexed form. It is also 

important that the ligand does not exchange the carrier metal with endogenous metals 

under physiological conditions. The list of properties given for a good contrast agent 

are the same properties that may also determine if the ligand is suitable for other 

applications. For example, in their use as anti-timior agents, it is not just sufficient that 

ligands have a high formation constant with a particular metal; they must also have a 

certain degree of reversibility, and in some cases a certain configfiiration. 

In addition to gadolinium, the other metals selected for study in these 

experiments all have relevance to biological applications of the ligands. Calcium and 

magnesium are present at relatively high concentrations in blood plasma, and therefore 

it was necessary to ascertain that these did not have any significant tendency to form 

complexes with the ligands. Manganese, cobalt, copper, nickel, and zinc are important 

trace elements in the body. Cadmium has been used in NMR studies of biologically 

important compounds as a substitute for spectroscopically 'silent' metals, particularly 

zinc. Radioisotopes of gallium and indium are used as tracers in physiological studies. 

It is well known that mercury has a strong tendency to bind to sulfur containing 

compounds. The poisonous nature of mercury is suspected to be due in large part to 

its interference with the normal fianctioning of sulfur bearing compounds in living 

organisms. The tripeptide, glutathione, which is found in approximately millimolar 

concentrations in the erythrocytes of whole blood, has numerous functions. An 
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understanding of the nature and the extent of binding of glutathione to Hg(H) is 

important for imderstanding the acute and chronic toxic effects of Hg(II). Glutathione 

has also been used as an antidote for mercury poisoning, but without much success 

(Kurland, 1973). Since glutathione is present in the blood at such high concentrations, 

a knowledge of the magnitude of the formation constants of the Hg(II)-gIutathione 

complexes is essential for the development of effective antidotes for mercury poisoning. 

These formation constants are also important in understanding the maimer in which 

Hg(II) is mobilized and transported in biological systems. In addition to its biological 

significance, the complexation of mercury(II) by glutathione may have analytical 

applications. For example, glutathione has been used recently in an immunoassay for 

the specific detection of mercuric ion (Wylie et ai, 1992). There is a serious problem, 

however, with the published value of the formation constant of the 1:2 mercury(II)-

glutathione complex, HgL,, where L represents the completely deprotonated glutathione 

molecule. All charges are omitted from the ligand and the mercury complexes for the 

sake of simplicity. There is also some inconsistency, in the published reports, on the 

stoichiometry of the Hg(II)-glutathione complexes that are formed at various pH values 

and at various Hg(II):glutathione ratios. Because of this, the potentiometric 

determination of the mercury-glutathione binding constants was carried out. 
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N 

H ^ \ / 'H 

[12]aneN4 [13 ] aneN4 

[14]aneN4 

log Kf with Cu(II); 
[12] 24.6 
[13] 29.1 
[14] 30.5 
[15] 24.4 
[16] 21.6 

Figure 1.1. Example of selectivity; 
formation constants of macrocyclic polyamines 
with copper(II). 

[15] aneN4 

[16] aneN4 
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TcU^le l.I. Comparison of the formation constants of 
some transition metals with a series of macrocylclic 
polyamines. 

log Kf's 

' ane Co Ni Zn Cu 

[12] 13 . 8 16.4 16 .2 24 . 6 

[13] 14 .3 18 . 0 15 . 6 29 .1 

[14] 12 .2 22 .2 15 .5 30 . 5 

[15] 18 .4 15 .3 24 .4 

[16] 13 .2 13 .1 21.6 

ionic 
radius 0 . 72 0 .69 0 . 74 0 . 72 
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Figure 1.2. Structures of the macrocyclic 
polyaminocarboxylic acid ligands. L17 
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MATERIALS AND ^lETHODS 

Overview of Potentiometric Methods 

Potentiometry with a glass electrode is one of the best methods for determining 

thermodynamic formation constants of complexation reactions that involve proton 

equilibria. With careful calibration, it can give highly reproducible and accurate 

measurements of hydrogen ion concentration over a wide range (10"~ < [H^ < 10"'"). 

The method is more difficult to apply in situations where the complex formation is very 

slow, and where the metals involved have a strong tendency to hydrolyze. However, 

the hydrolysis of gallium has been used as a competing reaction for determining the 

formation constants of gallium with ten different types of muhidentate ligands 

(Motekaitis & Martell, 1980). Of course, the success of this procedure depends on 

accurate metal-hydroxy formation constants. These may be difficult to obtain for metals 

that form a large number of polynuclear hydroxy species. The problems of slow 

equilibrium and hydrolysis of the metal ion were circumvented in some of the 

experiments performed here by using a competing ligand and/or by using an excess of 

the experimental ligand. 

Two more obstacles are encountered in determining formation constants, 

regardless of the method; first, if the formation constants are very large, the 

concentration of reactants may become too small to measure, and second is the need to 

determine the presence of, and formation constants of secondary species. 

Experimentally, these problems must be dealt with individually. The use of a 
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competing iigand is useful for shifting the equilibria so that a large formation constant 

can be determined, but this often prevents the formation of many secondary species. 

On the other hand, titration of a metal ion-ligand mixture alone allows the secondary 

species to form, but is of little use for determining the formation constant of a strong 

complex. Examples of the advantages of performing titrations on a ntmiber of mixtures 

will be given in the results section. 

One or more of the following types of titrations were carried out for the 

determination of the macrocyclic iigand-metal formation constants. The first involved 

direct titration of a solution of the metal ion and ligand that usually contained 

approximately 0.1 mmole of each, although for some titrations the ratio of ligand to 

metal ion was varied, usually with the ligand to metal ion ratio at 2:1. The second type 

of titration included the addition of a competing ligand that was equimolar with the 

metal ion and primary ligand. In a diird type of titration, the ligand was titrated in the 

presence of two metal ions. In this case, approximately 0.05 mmole of ligand was 

mixed with 0.025 mmole of each metal ion. The formation constants of the complexes 

were calculated using the program BEST, (Motekaitis & Martell, 1982; Martell & 

Motekitis, 1988) which is a non-linear, least squares curve fitting program, and will be 

described in more detail below. 

The calcium, magnesium, and manganese complexes were weak, and therefore 

the formation constants could be determined by a direct titration. In order to determine 

if the ion in the background electrolyte could compete with the analyte metal ions. 
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a coupie of selected iigands (Li 3 and Li 5) were titrated in O.i M 

tetramethylammonium bromide, using 0.1 M tetrabutylarmnonium hydroxide as the 

titrant. The difference between the pFC, values determined from these titrations and 

those determined fi-om titrations in 0.1 M KCl was not significant. 

Ackermann and Schwarzenbach (1949) recognized that it is very difficult to 

determine formation constants for strong complexes by direct titration, because the 

equilibrium is shifted so far to the right that it becomes virtually impossible to 

accurately measure the concentrations of the reactants. In order to solve this problem, 

they performed potentiometric titrations using Iigands that could compete with the 

ligand being studied. In order to be successful, they realized that the formation constant 

of each ligand with the metal ion had to be of a similar order of magnitude, but should 

also have sufficiently different protonation characteristics, so that the metal ion would 

be transferred from one ligand to the other during the course of the titration. They 

selected experimental conditions which would allow them to simplify their calculations 

by assuming that the concentrations of the many protonated secondary species were 

negligible. The success of the method is evident by the values of metal-EDTA 

formation constants they determined, which have been confirmed by many subsequent 

studies. In the present investigation, the transition metal ions, cobalt, nickel, copper, 

zinc, and cadmium all required titrations involving a competing ligand. The 

composition of the titration solutions was an equimolar mixture of metal ion, 

macrocyclic ligand, and tris(2-aminoethyl)amine (tren). EDTA was also tried as a 
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competing ligand for some titrations, but the pKj^'s were not sufficiently different for 

a successful competition reaction to occur. Direct titration of an equimolar mixture of 

the metal ion and ligand served to confirm the formation constant values determined for 

the secondary species. These species may not actually form to any significant extent 

when a competing ligand is used. Titrations of the type where two metal ions and one 

ligand were present in solution were also performed with these metal ions. A consistent 

fit of the model to the titration data between the various experiments confirmed the 

results. No formation of mixed metal complexes was indicated from the results. 

For some of the experiments involving copper(II) and gadolinium(III), the 

competition method of Ackermann & Schwarzenbach (1949) was also used. The key 

to these titrations is an exchange reaction of two metals between two ligands. For 

example, the titrations involving copper(II) consisted of, 75 ml of 0.1 M KCl, 5.0 ml 

of O.OlOO M copper(II)-ligand complex (ML), 1.0 ml of .05195 M tren-3HCl, and 10.0 

ml of 0.07263 M Ca(II) solution in the titration vessel. Note that the formation of a 

tren complex with calcium is negligible. This metal serves to shift the equilibrium 

during the transfer of copper fi-om the ligand being studied to tren. For determination 

of the Gd(III)-ligand complex, the solutions were added to 50.00 ml volumetric flasks, 

to which discrete amounts of KOH were also added. In this case, copper(II) was used 

instead of calcium as the competing metal (no tren-gadolinium(III) complex forms). 

The flasks were sealed and allowed to come to equilibrium at 25°; pH measurements 

were taken after 24 hours, and again, after an additional four days. More details on this 
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mellioJ aie given in the calculaliuns section. 

The determination of the formation constants of gallium(III) and indium(III) 

complexes is particularly difficult because of the slowness of their formation and 

because of the strong tendency for these metals to hydrolyze. Titrations involving a 2:1 

excess of ligand to metal ion, or the presence of a competing ligand was usually enough 

prevent precipitation due to hydrolysis. A number of competing ligands were tried in 

an effort to find one that might have a relatively rapid displacement reaction with the 

ligands being studied. Among those tried were; EDTA, DTP A, and 2-mercaptoethanol. 

For the experiments involving mercury(II) and glutathione, the following types 

of titrations were carried out. The first involved only the mercuric ion and glutathione 

at various ratios, using 0.1 M KCl as a background electrolyte. Initial attempts at using 

potassium nitrate as a background electrolyte failed due to the immediate formation of 

a black and white precipitate when the mercury and glutathione solutions were mixed 

in the titration vessel. The formation constants of mercuric chloride complexes are 

known, and were included in all calculations. Under most conditions, the chloride ion 

does not compete directly with glutathione, but it does serve an important function in 

keeping any free mercury(II) from being reduced. The second type of titration involved 

the use of a competing ligand. These experiments were carried out in 0.1 M potassium 

nitrate. Although some formation of a white precipitate was observed upon addition 

of the mercury(II) to the ligand solution, it dissolved immediately upon mixing. For 

one titration, an equimolar amount of Na.,EDTA was used as the competing ligand. A 
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series of experiments involving DTPA as a competing ligand were carried out, where 

the ratios of DTPA, glutathione, and mercury were varied. With few exceptions, stable 

pH readings were attained in less than 1 minute. At selected points during the titration, 

waiting periods of 5 and 10 minutes were allowed. The pH readings remained constant 

during that time. When competing ligands were used, only one or two readings at the 

sharp inflection point around neutral pH required longer equilibration, and this was 

often greater than one hoiu". In these cases the reading was taken when the meter drift 

was less than 0.002 pH units per 5 minutes. 

Reagents 

One of two methods was used to prepare approximately 0.05 M metal stock 

solutions. For manganese(ll), magnesium(II), merciuy(II), cobalt(II), cadmium(ll), and 

nickel(II), reagent grade metal chloride stock solutions were prepared and were 

standardized by direct titration with EDTA using the methods described by Pfibil 

(1982). Calcium(II) chloride solutions [Matheson, Coleman & Bell] and 

gadolinium(III) chloride [Johnson/Matthey, 99.99%] solutions were standardized with 

EDTA, using the methods described by Fritz (1958). Copper(II)oxide [Baker Analyzed] 

and zinc(II) oxide [Mallinckrodt AR] were dissolved with concentrated hydrochloric 

acid [Baker Ultrex], which was then removed by evaporating the solution to dryness. 

An indium(III) nitrate solution was prepared by dissolving the oxide [Aldrich] in 

concentrated nitric acid [Baker Ultrex]. A gallium(III) chloride solution was also 

prepared by dissolving the oxide [Aldrich] in concentrated hydrochloric acid [Baker], 
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but even after warming, some solids remained; this solution was therefore filtered 

through a glass fiber filter [Whatman GF/A]. The indium(III) and gallium(III) solutions 

were not evaporated to dryness because of the volatility of the metal halides. Even 

when indium nitrate [Alfa, 99.99%] was used as a starting material, it was necessary 

to acidify the solution to prevent the formation of hydroxy species. In this case the 

solution was made up in standard (0.1014 M) nitric acid solution. The nitric acid 

solution had been standardized against standard K.OH solution using phenolphthalein 

as an indicator. Another gallium(III) chloride solution was also made directly from the 

salt [Alfa, 99.999% anhydrous]. These solutions were standardized by back titrating an 

excess of EDTA with standard zinc(II) solution, using xylenol orange as an indicator. 

The amount of excess acid in the galliiun(III) and indium(III) solutions was determined 

by adding a known amoimt of EDTA that was equimolar or slightly in excess of the 

metal ion concentration, and then performing a potentiometric titration with standard 

base (Harris & Martell, 1976). EDTA solutions [Fisher ACS, disodium salt] were 

standardized with pure calcium carbonate [Mallinckrodt AR] according to the method 

described by Fritz (1958) using arsenazo I as an indicator, or against standard zinc 

solution using xylenol orange, according to the method described by Pfibil (1982). For 

some experiments where EDTA was used as a competing ligand, a solution of K2-

EDTA was used. This was obtained by titrating a suspension of H4-EDTA with 

standard KOH. 

Stock solutions of mercuric nitrate (0.05 M) were prepared by dissolving the salt 
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[Aidrich] in distilled, de-ionized water. It was necessary to add a smaii amount of 

concentrated nitric acid [Baker, Ultrex] to completely dissolve the salt. The mercuric 

nitrate and mercuric chloride solutions were standardized according to the methods 

described in Pfibil (1982), either directly with EDTA, or by back titration of excess 

EDTA with a standard zinc(II) solution, which was made by dissolving the oxide 

[Mallinckrodt, AR] with concentrated HCl [Baker, Ultrex]. Xylenol orange was used 

as the indicator in both cases. The excess acid in the mercuric nitrate solution was 

determined by adding a known amount of EDTA that was equimolar or slightly in 

excess of the mercury(II) concentration, and then performing a potentiometric titration 

with standard base (Harris & Martell, 1976). Solutions of 0.1 M KCl [Fisher, ACS] 

and 0.1 M BCNO3 [Aidrich] were made in freshly boiled, distilled deionized water. The 

concentration of a 0.01 M stock solution of DTPA was determined by titration with a 

standard lead solution, using xylenol orange as an indicator. The DTPA solution was 

made in 0.1 M KNO3 in order maintain a constant ionic strength in the titration 

solutions, since it was added in larger volumes. 

Most of the competing ligands used were made up as 0.05 M solutions from 

reagent grade material. Tris(2-aminoethyl)amine, (tren) [Aidrich, 99%] was converted 

to the hydrochloride salt by SLOWLY dropping the liquid into concentrated HCl, 

cooling on ice, and adding just enough ethanol to precipitate the salt. The purity of the 

ligand was checked by CHN analysis [Desert Analytics, Tucson, Az]. Results were; 

%C calc'd = 28.19, 28.04 found; %H calc'd = 7.10, 8.13 found; %N calc'd = 21.92, 
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21.83 found. The 0.05 M stock, solution of this and 2-mercaptoethanol [Aldrich, 98%] 

were standardized by titration with 0.1 M potassium hydroxide and the program PKAS 

(Martell & Motekaitis, 1988) was used for determination of the mmoles of ligand and 

of the pKj values of the ligand. 

The macrocyclic ligands were synthesized as described previously (Inoue et ai, 

1992, 1993a,b). Ligand stock solutions that were approximately 0.05 M were made in 

distilled deionized water. Approximately 0.1 mmole of the ligand was titrated with 

standard base, and the program PKAS (Martell & Motekitis, 1988) was used to 

determine the concentration of the ligand, along with the ligand acid dissociation 

constants. This same procedure was used to standardize the 0.05 M glutathione [Sigma 

98-100%] solutions, which were made daily as needed in boiled, N2 satiirated, distilled 

deionized water. For glutathione, it was necessary to add standard HCl (0.1000 M) to 

the titration vessel to adjust the initial pH to approximately 2.8, so that the first acid 

dissociation constant could be determined. 

HPLC Analysis of the Macrocyclic Ligands 

The first batches of macrocyclic ligands synthesized were analyzed by HPLC 

to check the purity and to confirm NMR and CHN analyses, which had been performed 

previously. The HPLC analyses also provided some preliminary information about the 

acid dissociation constants of the ligands, and the stability of the gadolinium complex 

(Horvath et ai, 1979; Pietrzyk et ai, 1978). HPLC methods for the determination of 

ionic compounds such as EDTA, DTP A, and metal complexes of these ligands have 
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been reported previously (Goldstein & Lok, 1988; Hagan et al., 1988; Knox & 

Shibukawa, 1991; Lien et ai, 1987; Vora et ai, 1986; Vora, 1991; Yamaguchi et ai, 

1983), however the method presented below was developed to make use of available 

equipment. The assessment of the purity of a new macrocyclic compound is difficult, 

since there is no standard for the compound. The detection of acidic contaminants, 

excess starting compounds, and reaction side products is of interest, since these could 

interfere with the determination of pKj, values. Assessment of the presence of free 

gadolinium ions is also important, since it would indicate the extent of instability of the 

complex. 

Separations were carried out using a Spectra-Physics 8100 solvent delivery 

system, Spectra-Physics 8400 variable wavelength UV-visible detector set at 220 nm, 

and Spectra-Physics 4270 integrator. Conductivity detectors are commonly used for 

HPLC separations of ionic species. However, this detector was not available for these 

experiments, so the feasibility of using a UV-visible detector was tested. It was found 

that the compounds of interest could be detected at 220 nm if the background 

absorption was sufficiently low. This requirement prevented the use of most common 

buffering agents in the mobile phase. The best detection limits were obtained by using 

only dilute hydrochloric acid to adjust the pH. The flow rate was 1 ml/min. A 

Elheodyne injection valve wdth a 10 |aL sample loop was installed for manual sample 

injection. The column used was a Jones aminopropyl column, 4.6 x 150 mm. The 

behavior of aminocarboxylic acids on the propylamine column was initially tested with 
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EDTA and DTPA solutions. Mobile phase solvents consisted of distilled-deionized-

distilled water and HPLC grade methanol [Baker], filtered through 0.45 [im Nyaflo 

[Gelman] filters. The aqueous phase was acidified with hydrochloric acid [Baker, 

Ultrex] then mixed with methanol. Narrow range pH paper [Hydrion] was used to 

determine the approximate pH of the mobile phase. Unless stated otherwise, the ratio 

of aqueous phase to organic phase was 30:70. EDTA solutions were made with Fisher 

ACS certified disodium salt. Diethylenetriaminepentaacetic acid (DTPA) [Aldrich] 

solutions were made using the acid form. The dimethylformamide (DMF) [Fisher] and 

propylenediamine [Aldrich] were also reagent grade. Gadolimum(III) chloride solutions 

were prepared from the oxide [Johnson/Matthey]. UV-visible spectra of solvents and 

sample solutions were recorded on a Hewlett Packard 8452A diode array 

spectrophotometer. 

The Potentiometric Method and Calibration of the DH Meter 

Potentiometric measurements were carried out using a Beckman model Phi 72 

pH meter with a Coming 476280 glass electrode and Coming 476350 calomel reference 

electrode. A 1 mm inner diameter teflon tube containing agarose saturated with KCl 

was used as a salt bridge between the reference electrode and the titration vessel. 

Titrations were carried out in a sealed, jacketed vessel under nitrogen at 25°. All 

titrations were carried out in either 75 ml of 0.1 M KCl or 75 ml of 0.1 M KNO3 

[Fisher, ACS]. The slope of the pH meter response was adjusted using standard pH 

4.00 and pH 10.00 buffers [Fisher]. A 50% w/v stock solution of potassium hydroxide 
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[Mailinckrodt, A.R.] was made in freshiy boiied disiiiied deionized water and filtered 

through a glass fiber filter [Gelman, GF/A]. This was used to make a 0.1 M KOH 

solution in freshly boiled, distilled deionized water which had been cooled under 

nitrogen. The base solution was kept under nitrogen in the reservoir of a 5 ml buret, 

and was standardized against potassium biiodate [99.95%, Frederick Smith Co.] using 

methyl red [Matheson Coleman & Bell] as an indicator. Calibration of the pH meter 

was performed by titrating a standard hydrochloric acid solution [Ricca, O.IOOO M] with 

the KOH in 0.1 M KCl. A linear plot of the measured pH versus calculated -log[H] 

results in equations for the acidic and basic regions, which can be used to convert 

measured pH values to hydrogen ion concentrations. A Gran plot was used to estimate 

the amount of carbonate contamination in the base, which was usually 0.5 to 1% (Gran, 

1950, 1952; Rossotti & Rossotti, 1965). A Gran plot of the calibration data was also 

used to determine an experimental value for the ion product for water. The 

calibration procedure was performed daily, in order to keep track of carbonate 

contamination. Calibration was also carried out after any titration where excess metal 

was present. It was found that metal hydroxides caused some poisoning of the glass 

electrode. This situation was remedied by soaking the electrode in EDTA solution for 

a few hours to a day, depending on the severity of the deviation from the previous 

calibration. 

Calculation Methods 

Ackermarm & Schwarzenbach (1949) solved the problem of determining 
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complexes llial have liigli formation constants by titrating a solution of competing 

ligands and/or metals. As an example of this method, a mixture of the copper(II)-L 

complex (ML), calcium(II) or gadolinium(III) (M') , and tren is titrated with KOH. An 

exchange of metals occurs during the titration according to reaction (1) (charges 

omitted); 

H3tren + ML + M' M(tren) + M'L + 3H (1) 

Note that the ML complex was pre-mixed before addition to the titration vessel, and the 

excess protons were neutralized by titration with KOH to a pH of 6. For the 

determination of Cu(II)-L formation constant, M' is the calcium ion, which is assumed 

to form complexes with tren to a negligible extent. For the Gd(ni)-L complex 

determination, M is the copper(II) ion, and M' is the gadolinium(lll) ion, which is also 

assumed to form complexes with tren to a negligible extent (Wheelright et ai, 1953). 

An equilibrium constant can be written for reaction (I) as follows; 

=[H]"'[M'L][Mtren]/[H3tren][ML][M'] (2). Mass balance equations are written for 

each component, and the concentration terms for individual species are eliminated by 

substitution of the appropriate fractional concentration. (An example is [L] = aL Tl, 

where a ̂  is an equation which is a fiinction of proton concentration and acid 

dissociation constants of the ligand.) Successive substitution of mass balance equations 

in equation (2) results in an equation in which all the terms are measurable or known 

quantities. 

The method of calculation employed by Ackermarm and Schwarzenbach is 
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tedious if performed manually, especially when the ligand has two or more acidic 

fimctional groups. The use of computers and programs such as BEST have made the 

calculations less tedious. Computer calculations were performed on a 486/66 MHz IBM 

compatible personal computer equipped with 16 MB of RAM and a 252 MB hard disc. 

Just as in the method of Ackermann and Schwarzenbach, calculations on a computer 

start with the basic equilibrium and mass balance expressions for each species in the 

solution. For a given reaction, such as the following; 

pM + qL + rH ^ MpL^H^ (3) 

(where p, q, and r are stoichiometric coefficients, and M = metal, L = ligand, and H = 

proton, are the components of the complex) the extent to which a metal ion and ligand 

complex forms can be described quantitatively by its formation constant, as shown 

in equation (4) (charges omitted for simplicity); 

[MpLAl 
Bpqr (4) 

[M]' [L]' [H]' 

The total analytical concentrations of each of the components (T^j, Tp^,, T^, T^- etc.) are 

entered into the program as known values. The program must also be supplied with 

initial estimates of the unknown formation constants, as well as estimates of the initial 

free {i.e. uncomplexed) concentration of each component. The total analytical 



concentration of each component, can be written mathematically as the sum of the 

concentrations of all species (j, ...) containing that component plus the concentration of 

the uncomplexed component. This is given by the mass balance equation (5); 

T, = [X] + EJ., ICJ,, (5) 

where 7,^ is the total analytical concentration of component x, pC] is the uncomplexed 

concentration, and is the concentration of each complex species containing x, with 

i being the stoichiometric coefficient of X in that complex. The terms for the 

concentration of each complex species in this equation can be eliminated by substitution 

of the appropriate forms of equation (4). The proton balance equation can be used to 

calculate a titration curve. This curve is compared with the experimental data and a 

Newton-Raphson iterative process for refining the formation constants is carried out 

until the error between the experimental curve and the calculated curve is minimized. 

Specifically, this is done by using a non-linear least squares fitting routine. The error 

is the sum of the square of the residuals, that is; U = Z w (pH^bs - pH(,a|g)", where w is 

a weighting factor; w = l/(pHi^., - pHj.,)-. The standard deviation of the fit in pH units 

is given by; = (U/N) '^, where N = Sw (Martell & Motekaitis, 1988). 

Use of the BEST Program 

The first step for using the BEST program is to obtain an accurate set of 

experimental data, a point emphasized by the authors of the program. After accurate 
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experimeniai data have been coiiected, a plausible iisting of the chemical species 

present in the experimental solution must be compiled. An incomplete model will result 

in a poor fit of the calculated data to the experimental data. Although it is possible to 

improve the fit of the calculated curve by adding additional species to the model, one 

must be careful not to add species that have no basis in physical reality. 

Shown in Figure 2.1 is an example of an input file for the BEST program. This 

can be set up in any commercially available text editor, spreadsheet, or wordprocessor 

that can store the file in ASCII code. Since BEST is written in FORTRAN, the 

template must be followed exactly, particularly with regard to spaces and numeric 

formats. Some programs store margin codes in the ASCII file. When the file is 

retrieved by BEST, these are read as blank spaces and an error message occurs. In that 

case, the top and left margins must be specified as 0" when saving the file. Another 

problem can arise when a proportional font is used in a wordprocessor program, since 

spacing between characters is often shifted. In using spreadsheet programs, one must 

be careftil not to print extra blank rows in the ASCII file. 

The first line of the input file is a heading, which can be any alphanumeric 

combination. There should not be any leading spaces on any line of the file. Next is 

a listing of the titration components. Eight spaces are allowed for the component label, 

and on the ninth space the number of millimoles of the component is entered. The last 

component listed is hydrogen, and the millimoles of hydrogen entered is the number 

associated with the ligand(s). After a blank line, the initial volume of the solution, in 
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milliliters, is entered in the first eight spaces, followed by the concentration of base. 

Beginning on the next line is the species list. The logarithm of the formation constant 

for the species is entered in the first eight spaces. This is followed by a matrix that 

identifies the species with respect to the component listing. Each component is 

identified by its order in the list. Thus, in Figure 2.1 component 01 is the ligand, 

component 02 is cobalt, and component 03 is hydrogen. After the component number, 

is the stoichiometric ntunber of that component in the species under consideration. 

The acid association constants for the ligands are entered first. These are 

usually known, or have been determined in a separate experiment. Note that the first 

line in the species list is for the deprotonated ligand, and the second line is for the first 

proton association. Also note that overall logarithmic formation constants, B, are used 

in the species list. For example, for a diprotic acid ; 

A"^ + tr HA"^ 

[ha-2] 
B , = - —  

[A-'] [H"] 

A-3 + 2H* ^ HjA-

[H,A-] 
B, = 

[A-'] [ir]2 

Overall formation constants are also used for the reaction of ligands with metals. For 
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a protonated species for example, the value in the species iist is for the reaction; 

M + L + H MHL 

not 
M + LH MHL 

or 
ML + H MHL 

To obtain the stepwise values from the program output listing, the appropriate 

equilibrium must be subtracted, thus the logarithm of the formation constant for the 

reaction; M + L + H MHL 

minus the logarithm of the value for; - M + L ^ ML 

gives the logarithm of the value for; ML + H MHL 

The last two lines in the species list are the acid association constants for water. 

For the formation of hydroxy species there is an additional consideration. The 

output of the BEST program is given in terms of hydrolysis equilibria. An example is 

the formation of Pb(OH)IDA, whose log Kf value is given in tables of stability 

constants as 4.21 for the equilibrium; 

PbL + OH Pb(OH)L 

In an example given by Martell and Motekitis (1988) the output of the BEST program 

for the formation of this species is -2.21, which is the logarithm of the equilibrium 

constant for the overall hydrolysis; 

Pb + L + H2O ^ Pb(OH)L + H 
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Subtraction of the log Kf vaiue for the formation of the PbL complex, 7.36, gives the 

stepwise value for the hydrolysis of PbL, that is; 

PbL + HjO ^ Pb(OH)L + H 

which has a value of -9.57. To obtain the value listed in the tables, the dissociation 

constant of water must be subtracted; 

-9.57 - (-13.78) = 4.21 

When a value for the formation of a hydroxy complex is taken from the literature for 

use in the BEST program, the reverse of this procedure must be followed. Formation 

constants for metal hydroxy species can be quickly converted from an association 

constant to a proton dissociation constant by adding the proton dissociation constant for 

water, after it has been multiplied by the appropriate stoichiometry. For example, the 

logarithm of the formation constant of Co(OH)3' is listed in Kotrly & Sucha (1985) as 

9.7. The overall log B value of the proton dissociation constant used by the BEST 

program would be -31.7 [ i.e. 9.7 + (-13.8 x 3)]. 

Following another blank line, the experimental data are entered; the first eight 

spaces are for the milliliters of titrant added, then the pH measurement. Also, on the 

line with the first pair of titration data are initial estimates for the concentration of the 

uncomplexed form of each component. These are entered in an order corresponding 

to the order in the component list, and are given as logarithmic values. Eight spaces 

are allowed for each entry. The estimates can be within several orders of magnitude, 

but if they are too far off a calculation error could occur, causing the program to 
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terminate. 

If the initial value guessed for the metal-ligand complex formation constant is 

very bad, it may be faster to enter a new guess, rather than to use the program to refine 

the value. When the formation constant of a metal ion with a ligand is very large it is 

possible to put in almost any value that is larger than the true value, and a good fit can 

be obtained by adjusting the values of the secondary species, since these may actually 

be the dominant species in the titration mixture. When this happens the experiment 

should be modified to include a competing ligand. In any case, it is often a good 

approach to allow the program to refine only the primary formation constant initially, 

while holding the others constant. Then the formation constants for the secondary 

species may then be varied as a group. This procedure should be carried out until no 

further improvement in the fit can be obtained. Then a final run can be carried out 

where all the unknown formation constants are allowed to be refined simultaneously. 

Spectrophotometric Measurements 

Two types of spectrophotometric measurements were carried out. The first 

involved sampling the solutions during the potentiometric titrations of the transition 

metal ions, cobalt(II), copper(II), and nickel(II). The main purpose of this was to obtain 

information on possible coordination changes of the complexes as the pH was varied. 

For some titrations, solutions of die metal-complex at selected pH values were heated 

to check for thermal stability. This was done by placing the solution in a stoppered 

cuvette in the thermostatted cuvette holder of the instrument. A cuvette in an adjacent 
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cell holder waj> fitted with a thermometer to measure the temperature (± 0.1'). A 

calibration procedure was carried out initially to assure that the temperature in both 

cells was the same. Spectra were taken versus a 0.1 M KCl blank. The solutions used 

were taken at the end of the potentiometric titrations, and then acidified for a second 

set of absorbance v^. temperature spectra. The exact concentrations of the solutions 

were not calculated. A second set of experiments were carried out to determine if a 

competition reaction between an absorbing and a non-absorbing ligand could be used 

to determine die formation constant of metal with the non-absorbing ligand. All 

experiments were carried out on a Hewlett Packard 8452A diode array 

spectrophotometer, with a 1 cm quartz cuvette. 

Spectrophotometric determination of formation constants may be used as an 

alternative to potentiometric methods, and may be the most suitable method for 

determining the formation constants of some complexes. A reaction between a metal 

ion and an absorbing ligand that involves no proton equilibria is one example. The 

determination of formation constants of chromophoric substances that form weak 1:1 

complexes is relatively straightforward, and methods for such systems are well 

documented (Fritz et ai, 1958a,b; McBryde, 1974; Connors, 1987; Polster & 

Lachmann, 1989). The method may also be a convenient alternative to potentiometry 

when a reaction has slow equilibrium. For example, Clark and Martell (1992) 

determined the formation constants of Fe(IIl) and Ga(III) with l,2-dimethyl-3-hdroxy-4-

pyridinone (DMHP) by spectrophotometric titration. A smaller number of papers have 
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aiso been written about the use of competition reactions to determine the formation 

constant of a non-absorbing complex (Ohyoshi, 1985, 1986; Cacheris et al., 1987). 

Simple chemical systems can be treated graphically (Polster & Lachmarm, 1989). 

Analysis of absorbance titration data can also be done using computer modeling, similar 

to that used for potentiometric data (Grabaric, 1973; Likussar, 1973; Leggett, 1985; 

Meloun et ai, 1980, 1988; Kubista et ai, 1993). However, such a program was not 

available for the present analyses, therefore an attempt was made to develop a linear 

equation for the relationship between the amount of non-absorbing ligand added and the 

decrease in absorbance of the metal-indicator complex. In previously reported work, 

equations were developed that included all the complex species that were presumed to 

form in solution (Ohyoshi, 1985, 1986). In this study, a more general approach was 

attempted, which would be applicable to a mixture having an unknown composition of 

secondary species. 

In simplest terms the method is straightforward; a metal, M, reacts with an 

absorbing indicator species, I, to give a colored complex, MI, as shown in reaction (6). 

M + I MI (6) 

M + L ML (7) 

Then a non-absorbing ligand, L, whose formation constant with M is to be determined, 

is added to the solution and forms a colorless complex, ML, as shown in reaction (7). 
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If the formation constant of MI is known, it should be possible to determine the 

formation constant of ML. A plot for a hypothetical set of titration data is shown in 

Figxire 2.2. Initially, the absorbance, is due to the starting concentrations of the 

indicator and metal-indicator complex species. When the non-absorbing ligand is 

added, the decrease in absorbance is dependent on the ratio of the metal-ligand to 

metal-indicator formation constants, and on the difference between the molar 

absorptivities of the indicator and metal-indicator species. When all of the metal-

indicator complex has been disrupted by the non-absorbing ligand, the absorbance, A^, 

will be due to the initial concentration of indicator, C'. In order to obtain a plot that 

looks like that in Figure 2.2, some experimental conditions must be met. Equations for 

calculating the metal-ligand formation constant can then be developed in accordance 

with the experimental conditions. Specifically, these conditions are; (1). the formation 

constant of ML is greater than that of MI; (2). the absorbance measurements are taken 

at for MI; (3). the molar absorbtivity of MI is greater than I at that wavelength; 

(4). no multi-nuclear or multi-ligand complexes are formed; (5). pH is held constant. 

In the present study, the last criterion was important because the effect of pH on the 

formation constants is greater that its effect on the absorptivity of the individual species. 

The equations used are described below. 

Gadolinium(III) carbonate [Alpha REaction, 99.99%] dried overnight at 100° 

was dissolved with less than 2 ml of hydrochloric acid [Baker Ultrex] to make standard 

gadolinium(III) solutions that were approximately 1 mM. Arsenazo I [Aldrich indicator 
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grade] was purified on a Whatman CFli cellulose column. A 50 x 1.75 cm column 

was used with 30 g of cellulose powder. Approximately 0.16 g of arsenazo I were 

dissolved in a minimal amount of water and placed at the top of the column. Elution 

started with 100% acetone. This was followed by 5% water in acetone, then 20% water 

in acetone, and finally 40% water. Approximately 150 to 200 ml of each eluent was 

used. Most of the indicator sample eluted with the 20% aqueous mobile phase. This 

bright red-orange band was the arsenazo I. The collected fraction was concentrated to 

less than I ml, and the arsenazo salt was precipitated by adding 50 ml of isopropanol. 

The precipitate was collected on a teflon filter and air dried overnight. The resulting 

material was dissolved in a minimal amount of boiling water and then dropped into a 

slightly greater volume of ice cold concentrated HCl [Baker Ultrex]. The resulting 

precipitate was collected on a teflon filter and oven dried for 2 hours at 110°. 1.5 to 

2 mM solutions of the arsenazo I were titrated spectrophotometrically with a standard 

gadolinium(III) solution, and showed that the arsenazo obtained was 92 to 98% pure. 

Approximately 1 mM DTPA [Aldrich] solutions were standardized against magnesium 

solutions using calmagite indicator, or against calcium using arsenazo, according to the 

method described in Fritz et al. (1958a). Reagent grade sodium acetate tri-hydrate 

[Baker] was used to make pH 8.3 buffer solution (12.086g/l to give a 0.089 M 

solution). Glacial acetic acid [Fisher] diluted to 0.89 M, and dilute sodium hydroxide 

solution (0.1 M), were used to make pH adjustments when needed. A Beckman model 

PHI 50 pH meter and Beckman 39842 combination electrode were used to make pH 
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meaiiurenienlii. Speclropholoinelric mea:>urements were carried out against bianics 

containing tiie acetate buffer and gadoIinium(III) when sample solutions contained that 

reagent. 

The spectrophotometric data used to standardize the arsenazo solutions was also 

used to determine the molar absorptivities of the free indicator (e^) and metal complex 

(s), following a method similar to that described by Fritz et al. (1958b). The 

conditional formation constant for the metal-indicator complex was also determined 

from the titration data in the equilibrium region. A series of 25 ml volimietric flasks 

were set up with 15 ml of acetate buffer and a volume of gadolinium(III) solution 

(usually 0.5 ml), to give a final metal concentration on die order of 2-10"^ M. Then 

incremental volumes of arsenazo I solution were added, to give a series ranging from 

approximately 10'^ M to 10"^ M in arsenazo. A series of test solutions were made to 

determine the approximate amount of acid or base needed to adjust the pH. This 

amount was then added to the volumetric flasks before they were brought up to volume. 

The spectra and pH were then measured. The ionic strength of these solutions was 

0.05. 

A typical plot of the data (A V5. or C^^o) is shown in Figure 2.3. The 

intersection of the two straight line segments gives the equivalence point volume. Once 

that is knovm, can be calculated. Previous literature indicates that arsenazo I reacts 

with the rare earths to form a 1:1 complex (Budesinsky, 1965; Klygin et ai, 1970), 

which was confirmed here by application of the method of continuous variations 
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A = (So' P] + So"' [HI] + •••) + [MI] + [MHI] + ...) (8) 

A = (8„' tto' I + 8„"' a,"' I + ...) + (s'^' MI + 8^"' MI + ...X9) 

Where; I = [I] + [HI] + [H2I] + ... (10) 

MI = [MI] + [MM] + [MH,!] + ... (11) 

A  =  S„ 1  +  8 M I  ( 1 2 )  

C' = I + MI (13) 

= MI +[M] (14) 

A = s„ C'+ (8-sJ (C^ - [M]) (15) 

A = (80-8) I + 8 (16) 

(Likussar & Boltz, 1971). The absorbance at a given wavelength is given by equation 

(8). The concentrations of the individual protonated species can be given in terms of 

the mole fraction of that species at the experimental pH, as shovra in equation (9). All 

of the constants can be gathered together as composite values, and 8, as shown in 

equation (12). By using the mass balance equations, (13) and (14), equations (15) and 

(16) can be derived. The linear part of the plot in Figure 2.3 where C' » is given 

by equation (15), and can be used to determine the molar absorbtivity of the indicator 

and of the complex. In this region it is assimied that [M] « 0, and therefore MI « 

The equilibrium concentration of MI can be determined by equation (15), using data 

from the non-linear portion of the titration plot, since MI 56 in that region. The 

equilibrium concentration of I can be determined from equation (16), or by mass 
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balance. The metai concentration is then calculated by mass balance. An alternative 

calculation using equation (12) would involve taking absorbance measurements at two 

wavelengths. Then a set of simultaneous equations can be solved for I or MI. The best 

results for both of these methods will be obtained from data close to the equivalence 

point. This is because as the linear portions of the titration are approached, the 

concentration of one the species will become much smaller than can be determined 

experimentally or by subtraction. Some published methods for calculating the 

equilibrium constant involve linearization of the titration curve in that region (Brown, 

1979), but these were not used with success here. Many computer programs have the 

capability of fitting the titration data with equation (9), and also make use of absorbance 

versus pH data for the refinement of the formation constants and of the molar 

absorbtivity values. 

The flasks for the competition reaction were prepared in a manner similar to that 

described above, except that this time the arsenazo concentration was also made 

constant, and slightly exceeded the metal ion concentration. Increasing amounts of the 

non-absorbing test ligand were added to each flask, and then the pH was adjusted. The 

equations for determining the formation constant are developed in boxes 1 to 3. is 

the absorbance due to the initial concentration of the indicator species, C', before any 

metal ion has been added. It can be found experimentally, from the portion of the 

titration curve where excess ligand has been added and the slope becomes zero (see fig. 

2.2). A^ is the initial absorbance of a solution containing the indicator and metal ion 
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A„ = e„ • C' lA 

Aq = (% • 0 + (So • MI) IB 

= (E„ • I) + (s • MI) IC 

A = (8„ • I') + (E • MI') ID 

MI' = MI - ML IE 
r = I + ML IF 

(A^ - A) = (e - s„) - ML IG 

(A - AJ = (8 - 8j • MI' IH 

(A^-A„) = (8-SJ . M I  I I  

A = (8 • C') + (s„ - 8) • r IJ 
A^ = (s • C') + (s„ - 8) • I IK 

Box 1. 

at the experimental pH. It can be found most reliably from the regression results for the 

absorbance V5 concentration of ligand data. The values for A^, and A( are found 

experimentally, since they depend highly on the titration conditions because the values 

of 8o and 8 are actually composite values for a potential multiple of species. The 

addition of some amount of non-absorbing ligand shifts the equilibrium to give new 

concentrations of indicator, 1', and metal-indicator complex, MI', and a new absorbance. 
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MI' 
K'MI = 2A 

M • r 

ML' 
2B 

M • L' 

(Aj - A„)/(8 - 8„) 
K'vii = 2C 

M • [(A, - (8 • C'))/(8„ - 8)] 

-(AI - AJ 

M • [A^ - (8 • C)] 
K'mi = 2D 

(A^ - A)/(8 - 8j 

M • (CL - [(^ - A)/(s - 8j] 
K'ML = 2E 

Box 2. 

A. The mass balance equations (IE) and (IF) are only true if the initial conditions are 

such that [M] is approximately zero. Equations (IG) to (IK) can then be derived. The 

next step is to use the relationships from box 1 in the equilibrium expressions for the 

formation of MI and ML, as shown in box 2. The formation constant for MI can be 

expressed in terms of the concentrations of MI and I after L has been added (equation 

2C), or in terms of the initial concentrations (equation 2D). If equation (2D) is solved 
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K'ML • (-A, + AJ (A, - A)/(s - sj 
= 3A 

K'M, • (A^ - (s • C')) - [(A^ - A)/(8 - sj] 

(A, - A)/(8 - sJ 
K = 3B 

- [(A, - A)/(s - Ej] 

- 1 3C 
K i\ - A)/(s - E„) 

1 
+ 1 =  3 D  

K (AT - A)/(8 - 8J 

(\ - A) 

(8 - 8j [(1/K) + 1] 
3E 

Box 3. 

for the free metal concentration and then substituted into the equation (2E), equation 

(3A) will be obtained. Note that all of the terms on the left side of equation (3A) are 

constant and called K. Taking the inverse of equation (3A) leads to equation (3C). 

Further rearrangement finally gives the linear equation (3E), whose slope contains the 

desired formation constant ratio. 



C O - L 1 2 ;  P T 9 1  
L 1 2  . 1 0 1 7  
C o  . 0 9 3 5 5  
H  . 2 0 3 4  

7 8  . 9 8  . 1 0 4 5  
0 . 0  0 1 0 1  0 2 0 0  0 3 0 0  
6 . 5 0  0 1 0 1  0 2 0 0  0 3 0 1  
1 0 . 0 4  0 1 0 1  0 2 0 0  0 3 0 2  
0 . 0  0 1 0 0  0 2 0 1  0 3 0 0  
8 . 7 8  0 1 0 1  0 2 0 1  0 3 0 0  
1 0  . 9 3  0 1 0 1  0 2 0 1  0 3 0 1  
0 . 0  0 1 0 1  0 2 0 1  0 3 0 2  
-  . 7 3  0 1 0 1  0 2 0 1  0 3 - 1  
- 1 2 . 9 7  0 1 0 1  0 2 0 1  0 3 - 2  
- 9 . 6  0 1 0 0  0 2 0 1  0 3 - 1  
- 1 9 . 2  0 1 0 0  0 2 0 1  0 3 - 2  
- 3 1 . 7  0 1 0 0  0 2 0 1  0 3 - 3  
- 4 5 . 0  0 1 0 0  0 2 0 1  0 3 - 4  
0 . 0  0 1 0 0  0 2 0 0  0 3 0 1  0

 
00 m

 
r
H 1 0 1 0 0  0 2 0 0  0 3 - 1  

0 . 0  2 . 7 4 2  
0 - 1  2 . 7 6 8  
0 . 2  2 . 7 9 4  
0 . 3  2 . 8 2 2  
0 - 4  2 . 8 5 2  
0 . 5  2 . 8 8 4  
0 . 6  2 . 9 1 7  
0 . 7  2 . 9 5 6  
0 . 8  2 . 9 9 5  
0 . 9  3 . 0 4 1  
1 - 0  3 . 0 8 9  
1 - 1  3 . 1 4 7  
1 . 2  3 . 2 1 1  
1 . 3  3 . 2 8 5  
1 . 4  3 . 3 7 8  
1 . 5  3 . 4 9 2  
1 . 6  3 . 6 4 7  
1 . 7  3 . 8 8 9  
1 . 8  4 . 4 7 2  
1 . 9  7 . 2 9 7  
2 . 0  8 . 5 1 8  
2 - 1  8 - 8 7 3  

- 1 4 . 0  - 5 . 0  

Figure 2.1. Example of an input file for the BEST program. 
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(Una lic-S) 

Figure 2.2. Plot of absorbance v^:. concentration of non-absorbing ligand added to 
a solution of metal-indicator complex. 



60 

1.1-

1.2 

0.8-

113 ID 
0 . 6 -

0.4-

/ 
0 -I 
O.OE+OQ 4.0E-05 

"T r 
8.0E-05 1.2E-04 

C azo r (M) 

1.6E-04 2.0E-04 

Figure 2.3. Plot of absorbance versus C' for titration of a solution containing 
gadolinium(III). 
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RESULTS 

FTPLC Analyses 

The purity of the macrocyclic ligands was checked by CHN analysis and by 

NMR (Inoue et ai, 1993). HPLC analysis was carried out in order to confirm the 

NMR results. A summary of the retention times at various mobile phase pH values for 

EDTA, DTP A, and for one of the macrocyclic ligands under investigation, L16 is 

shown in Table 3.1. Aside from the solvent peak, a chromatogram of a solution of 

DTP A resulted in only one peak. For a solution of EDTA, a second peak appeared, but 

only when the pH was less than 2. This could arise from an acidic contaminant, which 

is strongly retained above pH = 2. A plot of retention time versus pH, shown in Figure 

3.1, indicates a relationship between retention time and pK^ values, which are given in 

Table 3.1. The rise in retention time corresponds to the extent of ionization (Horvath 

et al., 1979). As DTP A acquires a third negative charge, its retention increases sharply 

compared to EDTA. The peaks for EDTA and DTP A also become increasingly broad 

as the retention time and extent of ionization increase. Use of a mobile phase with a 

pH above 4 is not practical for eluting these compounds. Note that the retention time 

for L16 does not increase significantly until the eluent pH is greater than 4, because of 

its higher pK] and pK2 values. 

Experiments to determine the detection limits for DTPA showed that this 

compound can easily be detected at a concentration of 0.3 mM. In some cases, 

injection of a 0.03 mM solution of DTPA gave a rather flattened peak, which, despite 
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being barely above the baseline, was integrated to give a peak area that was linear with 

peak areas for higher concentrations. In general, however, the integrator failed to 

accurately pick out peaks below 0.3 mM. At this concentration the peaks tailed 

severely, and integration often continued long after the recorder pen had returned to 

baseline. Tailing also occurred at higher concentrations, but in this case the integrator 

often cuts the tails off. For a concentration range of 0.3 to 3.0 mM, the best linear 

correlation coefficient for peak area v^. concentration was r = 0.95. 

Chromatograms of a 1 mM L16 solution, shovm in Figure 3.2a to 3.2j, were 

obtained using a series of different mobile phase pH values. Table 3.II summarizes the 

assigrunent of the peaks observed on the chromatograms in Figure 3.2a-j. Some results 

of replicate injections is also given, to show the variability in retention times. The peak 

at 2 minutes is due to dimethylformamide, a solvent used during the synthesis. 

Injection of a 0.001% (v/v) solution of DMF gave a large peak at 2 minutes, 

independent of the mobile phase pH. NMR data also indicated the presence of DMF 

in the same batch of L16 (Inoue, unpublished data). Subsequent purification of the 

product removed the DMF. Figure 3.3 shows the structure of DTP A, LI 6, and a 

possible reaction side product (SP I). The peak that appears at 8.81 minutes (Figure 

3.2a) and moves to 22.63 minutes (Figure 3.2d), may be due to a polymeric side 

product of the synthesis (SP 2) that has a higher molecular weight than SPl. This peak 

was not assigned to L16 because the retention time is too long, even when die pH of 

the mobile phase is less than 1.5. 
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The reaction side product, SP I, with its four carboxyiate groups, wouid have 

retention times that are longer than those of LI6. The presence of a primary amine on 

the side chain would make this compound less acidic than EDTA or DTPA, and 

therefore its retention times would increase more slowly as the pH is increased. As 

mentioned above, the peaks due to L16 show their first significant increase in retention 

time at around pH 4, the expected pK, for LI6. When the pH is above 6, the L16 is 

expected to be di-negatively charged, but like EDTA and DTPA at this stage of 

ionization, it can still be eluted in a reasonable time (potentiometric experiments later 

confirmed pK, for L16 is 3.7 and pK, is 4.4). The side product however is probably 

gaining a third negative charge and would therefore be strongly retained above this pH. 

The gadolinium complexes of L16 and L17 are expected to be neutral; however, 

their retention times shift as the pH of the mobile phase is varied. Shown in Figures 

3.4a-c are chromatograms for a 1 mM solution of Gd-L16. Although the complex is 

not influenced as strongly as the ligands by changes in the pH of the mobile phase, it 

still has some interaction with the column which results in a retention time of 2.44 

minutes at a mobile phase pH of 2.5 to 3. When the mobile phase pH is 5.5 to 6 

(Figure 3.4c) the retention time increases to 4.71 minutes. The two other peaks seen 

on the chromatogram are probably due to uncomplexed ligand (6.43 min.) and the side 

product, SP 1 (9.09 min.). The retention times of these compounds shift more rapidly 

than the complex as the pH is varied. The Gd-L17 solution contains fewer 

contaminants (Figures 3.5a-d). Aside from the peaks assigned to the proposed 
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polymeric species aiid complex, tlie only other significant peak observed is at 1.86 

minutes when the mobile phase pH is 2.5 to 3. When the 3 mM solution was diluted 

to 0.6 mM in mobile phase (Figure 3.5b), the peak was present with an area appropriate 

to the dilution, indicating that this is not a solvent peak. This peak may be due to free 

gadolinium(III). Injection of gadolinium(III) in HCl solution using the same mobile 

phase gave a peak at 1.85 minutes. As the pH of the mobile phase is increased (Figures 

3.5c-d), this peak is no longer apparent, probably because the ligand is complexing the 

metal ion more strongly. 

Experiments were carried out to determine the effects of temperature on peak 

shapes and retention times. The mobile phase pH was held at 3; samples were run at 

ambient temperature and with the column heated to 44°. The retention time for DTPA 

became shorter by 6 minutes at the higher temperature. The peak shape, however, did 

not improve. A peak which was tentatively identified as being due to a polymeric 

species was the only other peak observed to shift. Its retention time decreased by 2 

minutes. All other peaks in both the ligand solutions and the metal ion-ligand complex 

solutions had identical retention times and peak shapes at both temperatures. This is 

particularly significant for the complexes since it indicates thermodynamic stability. It 

has been shown that metal-EDTA complexes that have slow equilibrium kinetics will 

have broad peaks that become even broader with an increase in column temperature 

(Knox & Shibukawa, 1991). 

The UV-visible detector was suitable for determining the presence of 
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contaminants in solutions of the aminocarboxyiic acids and their complexes. An 

improvement of the method presented here would be to run the mobile phase with a pH 

gradient. By starting at a moderately acidic pH, the complexes, ligands and side 

products could be well resolved. Increasing the acidity would allow the DTPA and 

other more acidic contaminants to be eluted in a reasonable time. The best compromise 

for isocratic conditions appears to be a mobile phase that consists of 0.07 M 

HCl/methanol 30:70, which has a pH of 2.5 to 3. Although resolution of early eluting 

compounds is not complete in this region, all compoimds of interest will elute in a 

reasonable time under these conditions. It is particularly important that low 

concentrations of DTPA can be eluted and detected under these conditions, since its 

presence as a contaminant would be a major problem in the determination of the acid 

dissociation constants of the macrocylic ligands. 

Acid Dissociation Constants 

The program PKAS can calculate the number of millimoles of ligand present in 

an acid-base titration as part of the procedure for determining the pK^ values of the 

ligand. The program was used in this capacity to standardize solutions of the ligands, 

for which standard stock solutions could not be made directly. One might expect that 

the simultaneous refinement of unknown pK^ values and of the number of millimoles 

of ligand present would always give a better sigma fit value at the expense of the 

accuracy of the unknown values being determined. However, titration of ligands with 

known pKj, values demonstrated that this was not the case. The ligand 2-
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mercaptoethanoi has published pK^ values of 9.40 (Kotrly & SUcha, 1985) and 9.58 

(Arnold & Canty, 1983). The value obtained from the present experiments was 9.398 

(0.006), with a sigma fit value of 1.17. The number in parenthesis is the standard 

deviation calculated by the PKAS program. The dissociation constants for 8-

hydroxyquinoline [oxine] were also determined, and found to be pK, = 5.002 (0.009), 

and pK2 = 9.647 (0.004), with a sigma fit value of 1.36 for the titration curve. These 

agree quite well with the published values of 4.99 and 9.66 respectively (Kotrly & 

Sucha, 1985). The commercially available compounds used as competing ligands could 

contain acidic or basic contaminants, which would result in a poor fit between the 

experimental and calculated data. One competing ligand, tren, was isolated as the 

hydrochloride salt, and the possible presence of a non-stoichiometric amount of acid 

was a particular concern. The experimentally determined acid dissociation constants 

for tren were; pK, = 8.389 (0.004), pK, = 9.426 (0.002), and pKj = 10.115 (0.002), 

with a sigma fit value of 0.462. The values reported by Ackermarm and 

Schwarzenbach (1949) were 8.56, 9.59, and 10.29, at 20°. When these are re-calculated 

for a temperature of 25° (8.42, 9.43, and 10.12 respectively), the agreement with the 

current experimental values is very good. If significant acidic contamination were 

present, a poor sigma fit value would result, and this would be reflected in poor 

reproduction of the known pK^ values. 

Glutathione solutions were made frequently, and consequently more statistical 

data on the pKj, values were gathered. The average results of nine titrations and the 
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error at a 95% confidence ievei is presented in Table 3.111, aiong with some values 

reported in the literature. The first acid dissociation constant was below the pH range 

of the titration, but enough of that species will exist at the initial pH to allow 

determination of the pK^ value. Even though the experimental error for that value is 

high, the result agrees well with the literature values. 

A summary of the pK^ values of the macrocyclic ligands is given in Table 3.IV. 

The standard deviation calculated by the PBCAS program for any individual pK^ from 

a given data set was usually less than 0.02. However, the error of the average pK^ 

value from repeated experiments is generally higher, as shown in Table 3.IV at a 95% 

confidence level for the indicated number of titrations. Those averages include the 

titrations that were performed in tetramethylammonium bromide (TMABr). If the 

results of those experiments are separated, as shown in the Table, the difference in 

background electrolytes does not appear to cause a significant change in the pKjj values. 

The pKg values for LIS, LI6, and LI7 have been determined previously by Carvalho 

et al. (1992), and those values are also shown for comparison. It is not stated whether 

the error values given with those constants are the standard deviations for a single 

titration data set, or the standard deviation of repeated experiments. Since the 

computational method used by Carvalho appears to be similar to the one used here, the 

error values probably correspond to those calculated by the PKAS program. Most of 

the nine values match within error limits. All of the values reported here are higher 

than those reported by Carvalho et al., which indicates a systematic cause for the 
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differences, rather than random error. 

Macrocvclic Ligand-metal Formation Constants: Potentiometric Results 

Since tren was used extensively as a competing ligand, titrations were carried 

out to confirm the published formation constants (Ackermarm & Schwarzenbach, 1951; 

NIST database, 1993). The results are presented in Table 3.V, along with the published 

values. A value of r = -1 for Bpq^ corresponds to the dissociation of a proton from a 

coordinated water molecule to form a hydroxy species. Titrations of EDTA with 

gallium, indium, and mercury were performed mainly to determine the amount of 

excess acid in the metal solutions, rather than to confirm the formation constants in the 

literature. The formation constant of a very strong complex cannot be determined 

directly by the potentiometric method, and therefore the literature constants of ML for 

gallium and indium were used without further refinement. However, for the EDTA-Hg 

titrations, an attempt was made to refine the secondary species while also determining 

the excess acid. It was found that the two refinements are independent, since the value 

of excess acid shifted the titration curve horizontally, while changes in the formation 

constants caused vertical shifts and/or changes in the shape of the curve. 

The formation constants of most of the metal-ligand complexes were so large 

that titration of the metal-ligand mixture alone gave indeterminate results. In order to 

obtain the formation constant for the M-L complex, it was necessary to use a competing 

ligand. The advantages of triaminotriethylamine (tren) as a competing ligand for 

aminocarboxylic acid ligands have been described previously (Ackermarm & 
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Schwarzenbach, 1949). When tren was used as a competing iigand in the titrations 

involving transition metal ions, reliable values for the formation constants of ML were 

obtained. However, the formation constants of die secondary species could not be 

determined reliably from this type of titration. A look at the species distribution curves 

shows why. Figure 3.6, for example, shows the species distribution diagram for the 

titration of a mixture of cobalt(II), LI2, and tren. It can be seen that in the pH region 

between 3 and 7, the Co-L12 complex is the predominant species, whereas Co-tren 

complexes form in the basic region . The species Co(OH)L12 and Co(OH)2L12 either 

do not form at all, or only as a small percentage of the total ligand concentration. 

Compare this with Figure 3.7, where Co(OH)Ll2 has a significant formation in the 

basic region, and Co(OH),Ll2 reaches a maximum of 5% at pH 11, the end of the 

titration. The formation constants of secondary species can be determined accurately 

from the titration data only when they are actually present in solution in the pH range 

titrated. The appearance of the LH and L species in Figure 3.7 is due to the slight 

excess of ligand present during the titrations (0.0013 M ligand V5. 0.0012 M metal ion). 

EDTA was also used as a competing ligand in some experiments. EDTA presents some 

difficulties, however, which have been pointed out previously (Schwarzenbach & 

Freitag, 1951). First, the time to reach equilibrium during EDTA titrations is often very 

long with some metal ions, nickel(II) being a notable example. Second, die metal-

EDTA formation constants are large. Both EDTA and die aminocarboxylic acid ligands 

studied form complexes in the acidic region, and the M-EDTA complex may form to 
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the exclusion of the metai-iigand complex being determined. Figure 3.8 shows what 

the species distribution diagram would look like for the titration of a 1:1:1, Co-L12-

EDTA mixture. The L12-Co complex is only present near the start of the titration at 

less than 10% of the total ligand concentration, and quickly disappears as the titration 

proceeds. Selection of a competing ligand that has completely different protonation 

characteristics increases the chances that the desired competition reaction will occur. 

By taking the most pertinent information from each type of titration it is possible to 

obtain a complete picture of the formation constants for the different types of metal-

ligand species. 

The metal-ligand formation constants determined from individual experiments 

for calcium(II), magnesium(II), and the transition metal ions are summarized in Table 

3.VI. The components of the mixtures were equimolar, unless otherwise noted. The 

number of data points used in the calculation and the sigma fit value given by the 

BEST program are also presented. The pH range of the titrations can be seen on the 

titration curves, which are shown in Figures 3.9 to 3.18. A number of observations 

were made during the course of these titrations. The formation of magnesium and 

calcium complexes proceeded as expected, with magnesium having the lowest formation 

constants of any metal ion with all ligands tested. In general, the formation of 

secondary species with these metals was found to be insignificant. The protonated 

complexes, MH^L, become important only in the case of Ca-L17. 

A black precipitate formed during the manganese-ligand titrations, at or slightly 
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before the equivalence point, except for the titration involving LI7, where none 

appeared. The precipitate was visible at a lower pH during the L12 and L13 titrations 

(6.5 and 6.8 respectively), than during L15 and L16 titrations (8.2 and 9.5 respectively). 

Inclusion of hydroxy species in the model for some of the experimental data improved 

the calculated fit, but precipitation during the titrations meant that the formation 

constants for those hydroxy species carmot be considered accurate. In the case of L17, 

a satisfactory fit of the titration data was obtained without inclusion of the hydroxy 

species in die model. Cadmium(II) was titrated only with LI2 and L13 because of its 

potential to form a neutral complex with these ligands for use in biological applications. 

Both of these ligands had approximately same formation constant with this metal ion, 

and the formation of secondary species was also similar between the two ligands. 

The titration curves of cobalt(II) and nickel(II) with each of the ligands do not 

show any unusual behavior. The only noteworthy feature is the fact that the pH values 

in the basic region appear to be depressed to a varying extent with each of die ligands. 

The extent of this depression appears to be correlated to the extent of formation of the 

hydroxy species, particularly for the di-hydroxy complex (B(oh)2)- Fo'" example, 

M(0H)2L 17 has the smallest overall formation constant of any of the ligands with each 

metal ion, and its titration curves approach the free ligand titration curve in the basic 

region. The titration of L16 with nickel(II) was not carried very far into the basic 

region because of the exceedingly long time required for equilibrium to be reached. 

The depression of the pH values in the basic region is most noticeable in the 
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copper(n) titration curves. Here again, tlie triprotic iigand, LI7 has the lowest overall 

formation constant for the di-hydroxy species, and its titration curve with copper(II) 

approaches closest to that of the free ligand. The titration of L15 with copper(II) was 

the only case of the transition metal ions where there was some evidence for the 

formation of a complex of the type MjL. The formation constants for these species 

were found to be; log Bjio = 21.6, log B212 = 26.8, log Bji-i = 14-5, log B21.2 = 4.8, log 

B21.3 = -4.6. 

In the case of zinc(II), a second feature appears in the basic region, just after the 

equivalence point for the titrations involving L15 and L16 . At first it was thought that 

this feature might be an experimental artifact due to slow equilibrium. However, some 

other metal ions also attained equilibrium slowly, but no such shift was observed in the 

titration curve. This feature can be reproduced in the calculated titration curve 

reasonably well when the formation constants for the Zn(OH)„ species are included in 

the calculation. Since the metal ion was present in slight excess, it is possible that the 

formation of Zn(OH)n was responsible for the additional consumption of base. Some 

of the titrations involving other metals had a slight excess of metal ion, but it may be 

that the formation constants of those M(OH)„ species were not high enough to provide 

competition with the ligand. It should be noted that the titration of gadoIinium(III) with 

LIS showed behavior similar to zinc under similar conditions. In this case, however, 

the experimental titration curve was not modeled successfiilly, possibly because the list 

of Gd„(OH)„ species is incomplete. 
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During the titration of nickei(n) with L13, the solution was observed to change 

color, from pale blue to deep yellow, begiiming at approximately pH 10. The 

ultraviolet-visible spectra versus pH are shown in Figure 3.19. An absorbance spectrum 

was also recorded of the basic solution taken from the end of the titration mixture in 

which die Ni(II) to L13 ratio was 1:2. There was no change in the peak maxima, 

indicating that only a 1:1 complex was formed. The absorbance vs. pH for the other 

ligands with nickel(II) are shown in Figures 3.20 to 3.23. No other ligand showed this 

color change with nickel(II). Based on the formation constants with the triprotic 

ligands, the Ni(II)-L16 complex should have the highest tendency to form adi-hydroxy 

species, but no substantial changes in the spectra were observed, only some shifts of the 

absorption maxima at basic pH values, similar to those observed in the spectra of the 

Ni(II)-L12 solution. Even though the titration of Ni(II)-L16 could not be carried very 

far into the basic region, an excess of base was added after the final titration point in 

order to obtain a spectrum at a more basic pH value, but this still did not result in a 

color change. In the case of L15 and L17 there are no shifts in the positions of the 

peak maxima. 

The color of the cobalt(II) solution in the titration vessel was too pale for any 

color changes to be observed directly, but any changes in coordination geometry should 

be apparent in the UV-visible spectra, which are shown in Figures 3.24 to 3.28. There 

are instances where the intensities of certain absorption bands increase dramatically, but 

no isosbestic points were observed. The cobalt(II)-L16 species shows the greatest 
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increase in intensity at the absorption maximum of 524 nm. In the spectra of Li5 and 

L17 a lower energy absorption band also increases (580 nm for LI5, 524 nm for LI7), 

but only at the most basic pH values, and not nearly as dramatically as for LI6. For 

both LI2 and LIS a higher energy band increased as the pH became more basic. This 

was at 482 nm for L12 and for L13 a previously unnoticeable band became evident at 

420 nm. 

Some intense color changes were also observed during the course of the 

titrations involving copper(II). The spectra are shown in Figures 3.29 to 3.33. During 

the titration of Cu(II)-LI5 a color change was observed, from pale blue to a deeper 

blue, after pH 8.5. The Cu(II)-LI7 solution also showed a deepening of the blue color 

after pH 10. The titration of LIS with copper(II) was also accompanied by an intense 

color change fi"om pale blue to deep purple. An isosbestic point is present in the 

ultraviolet-visible spectra versus pH for each of the ligands titrated, but the 

c h a r a c t e r i s t i c s  o f  t h e  a b s o r p t i o n  b a n d s  a r e  d i f f e r e n t  f o r  e a c h  l i g a n d .  B o t h  L 1 3  a n d  L I 6  

have an absorption band centered around 700 nm at acidic pH values, but in the case 

of L16 it is much broader. At basic pH values, the absorbance maximum shifts to 650 

nm for LI6, but to 580 nm for LIS. The spectra of LI2 and L17 are also similar to 

each other; both have a band centered around 750 nm at acidic pH values, which shifts 

t o  6 8 0  n m  i n  t h e  b a s i c  r e g i o n .  T h e  m a j o r  d i f f e r e n c e  i s  t h a t  t h e  b a n d s  i n  t h e  L I 7  

spectra are much broader. The L15 shift is from 720 nm at the most acidic pH, to 610 

nm in the basic region and is less broad. 
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Acidic and basic soiuiions of die Ni(irj- L i 3  s o l u t i o n  w e r e  t e s t e d  f o r  t h e  e f f e c t s  

of heating on the absorbance spectra. There was little change in the spectrum of an 

acidic solution of this complex. For the basic solution, the absorbance at 470 nm 

decreased by approximately O.Ol upon going from 25° to 80°. A basic solution of 

Ni(II)-L15 showed a somewhat greater decrease in absorbance at 380 nm, 

approximately 0.026, for the same temperature range. Acidic and basic solutions of 

Cu(Il)-L17 were also tested, and there was less than 0.002 difference in absorbance 

between the absorbance at for each solution between 25° and 80°. 

The formation constants of L15, L16, and L17 with zinc(ll) and gadolinium(ni) 

were also determined by Carvalho et al.(l992), and are collected in Table 3.Vn for 

comparison. The complex formation constants reported by Carvalho et al. tend to be 

lower than those reported here, indicating the presence of a systematic difference. The 

most significant difference is the value reported for Zn(II)-Ll6. Carvalho et al. did not 

report the formation of metal-ligand hydroxy species, possibly because the procedure 

they used precluded their formation (i.e. competitive titration with EDTA). The metal 

ion-ligand solutions in Carvalho's experiments were initially brought to pH 11 with 

sodium hydroxide and then titrated with acid, whereas in this work, the solutions were 

titrated directly with potassium hydroxide. Sodium ion has a significant formation 

constant with EDTA, and the difference in backgroimd cations is probably one reason 

for the differences in the reported values. 

A number of titrations involving gadolinium(III) and L17 were carried out using 
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EDTA and DTP A as compeling ligands, in addition to direct titration of tiie metal ion 

and iigand. A summary of the results for each type of experiment is given in Table 

3.VIII. It has previously been observed that gadolinium complexes of aminocarboxylic 

acids come to equilibrium very slowly (Cacheris et al., 1987; Delgado et ai, 1993). 

Because of this, the batch method described in the procedure section, which uses tren 

and copper(II) as competing species, was also tried. The BEST program could not be 

used with the limited number of data points; calculations were therefore carried out 

using a spreadsheet program, according to the method of Ackermarm & Schwarzenbach 

(1949). The formation constant determined after one day (log B = 15.74) does not 

appear to be significantly different from the constant determined after five days (log B 

= 15.29) when compared to the range of values obtained from other experiments. The 

direct titration of Gd(lII)-L17 was used to determine the formation constants of the 

secondary species. During this titration equilibrium appeared to be established rapidly, 

as indicated by stable pH readings. When a mixture involving EDTA as a competing 

ligand was titrated, equilibrium was established rapidly at acidic pH values, but 

extremely slowly in the basic pH region. The data points from the basic pH region 

could not be used in the calculations. In the case of DTP A, the pH meter readings 

stabilized rapidly, except for a couple of points aroimd the neutral pH region, where it 

was necessary to wait up to an hour. For this titration, the neutral solid Gd(III)-L17 

complex was dissolved in the titration vessel to make up the initial titration mixture. 

In an attempt to avoid the formation of precipitates, one of the Gd(III)-L16 
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titrations was carried out using a siigiit excess of ligand. No precipitate was observed, 

and the time to reach equilibrium was slow only in the neutral pH region. The titration 

of gadolinium(III) and L16 was also carried out with EDTA as a competing ligand. In 

this case, the titration mixture came to equilibrium rapidly throughout the course of the 

titration. Here, as with Gd(III)-L 17, the neutral metal-ligand complex was added to the 

titration vessel as a solid. The titration of Gd(III) with L15 was not carried very far 

into the basic region because of very slow equilibrium after a pH value of 4.2, and 

possible formation of precipitate. Nonetheless, analysis of the data collected resulted 

in a formation constant which was in reasonable agreement with the value reported by 

Carvalho et al. 

Titrations involving indium(III) were carried out in nitrate solutions, since 

indium(III) tends to form strong chloro complexes. Initial attempts at titrating 

indium(III) with the triprotic ligands in a 1:1 ratio resulted in the formation of 

precipitate in the basic region. The ligand L17 was chosen to test a series of other 

titration mixtures, including titrations where the metal ion to ligand ratio was 1:2, and 

one where the ratio was 1:1.3. Additionally, titrations were carried out using the 

competing ligands EDTA, DTP A, and 2-mercaptoethanol. For the titrations involving 

EDTA and DTP A, a ratio of 1:1:1 was used. For the titrations involving 2-

mercaptoethanol, the metal ion-ligand-2-mercaptoethanol ratios were, 1:2:5, and 1:1:3. 

The results are sunmiarized in Table 3.IX. The fit of the experimental data to the 

calculated values was consistently poor from just before the equivalence point to a pH 
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of approximately iO.5. A number of models included species of the type M„(OH)„L„, 

but none led to any substantial improvement of the fit. It is possible that the list of 

formation constants for the In^(OH)„ species is incomplete. Nonetheless, theoretical 

species distribution diagrams for an equimolar solution of In(Ill)-L17-DTPA showed 

that this ligand should be able to compete successfully if the log formation constant for 

In(III)-L17 is in the range of 20 to 32. Relying only on the acidic region data 

introduces quite bit of error, as shown in the results in Table 3.IX, but a general 

estimate of the order of magnitude of the formation constant can be obtained; the values 

for the secondary species, however, could not be determined reliably. 

Titrations involving gallium(III) were carried out with a metal ion to ligand ratio 

of 1:2, in order to avoid the problem of precipitation. In fact, no precipitate was 

observed, and equilibrium was generally rapid, except in the neutral pH region. 

Titrations were also carried out using DTPA as a competing ligand. Here the ratios of 

metal-ligand-DTPA used were; 2:1:1, 1:1:1, and 1:2:1, and the results are summarized 

in Table 3.X. Just as with In(III)-L17, the poor fit of the model is in the same neutral 

to basic pH region of the titration curve. 

As indicated in the preceding paragraphs, the time required to reach equilibrium 

during the titrations was highly variable between different ligands with a given metal, 

and between different metals for a given ligand. This was also true for the transition 

metals, and Table 3.XI gives a summary of die maximum times required to reach 

equilibrium for the titrations where no competing ligand was used, along with the pH 
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range for which those cimes were required. Equilibrium was usuaiiy rapid outside the 

pH range listed. For all of the ligands and metals titrated, fast equilibrium was 

generally observed in the acidic region, but became increasingly slow up to the neutral 

pH region, where the maximum time to reach equilibrium was observed. For most 

titrations, equilibrium became more rapid again as the titration proceeded into the basic 

region. No entry in the table means that the equilibrium was rapid throughout the 

titration, with meter readings that became stable in less than a minute, and were 

observed to remain stable for 5 to 10 minutes. In general, L12 and L17 had the fastest 

equilibrium times and L16 had the slowest with each of the metal ions tested. 

Glutathione-Mercurvdn Formation Constants 

The average of the logarithm of the formation constants for the mercury(II)-

glutathione complexes are presented in Table 3.XII, along with the relative standard 

deviation of seventeen experiments. The sigma fit values for the individual experiments 

ranged from 0.002 to 0.01. The experiments involving no competing ligand were 

performed first. Initial models included only the 1:2 complex, with a log B value of 42, 

the value reported by Strides & Kolthoff (1953). This model gave a very poor fit, so 

additional species were added, beginning with the 1:1 complex, and then the protonated 

species of the 1:1 and 1:2 complexes. However, a satisfactory fit was not obtained, 

probably because of the high initial guess value for the 1:2 complex. Eventually, a 

model emerged where only 1:1 complexes appeared to be significant, even for the 

experiments where the ratio of mercury to glutathione was 1:2. This model gave 
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reasonably good sigiiia fit values for all the experiments {< 0.01), except for the 

experiment where EDTA was used as a competing ligand ( = 0.023). In one case 

the sigraa fit value was as low as 0.0015 (the experiment where the DTPA-Hg-GSH 

ratio was 2:1:1). It was noticed however that the sigma fit value became progressively 

worse for the experiments involving DTPA (although only slightly, up to 0.005) as the 

glutathione concentration was increased. Furthermore, the shape of the deviation 

between the calculated and experimental curves appeared to be similar between 

experiments where this occurred. This, along with the overwhelming amount of 

evidence in the literature for the existence of a 1:2 complex, caused a re-evaluation of 

the model to include the 1:2 complexes, but with much smaller formation constants. 

For the experiment involving EDTA, the sigma fit value went from 0.023 to 0.0082 

when the new model was used. In most cases the improvement was less dramatic, but 

noticeable. The fit remained approximately the same for the experiments where DTPA 

was used. For example, the fit of the 1:1:1 experiment went from 0.0035 for the model 

using only 1:1 complexes, to 0.0039 for the model where both 1:1 and 1:2 complexes 

were included. One would have a difficult time justifying the selection of one model 

over the other based on the sigma fit value alone if this were the only experimental data 

set available. In fact, if that were used as the sole criterion, the guess at the solution 

composition would be wrong. There appears to be enough evidence in the literature to 

support the inclusion of both the 1:1 and 1:2 complexes in the model. 

Examination of the species distribution diagrams for a solution containing 
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mercury and glutalliione in exactly a I ;2 ratio shows lliat llie Hg(GS)H2 complex forms 

almost exclusively in the pH range from 3 to 8 (Figure 3.34). However, for a more 

realistic situation, where the ratio is not exactly 1:2, small but measurable amounts of 

the 1:1 complex can also form (Figure 3.35). When the initial solution composition is 

1:1, approximately 10% of the glutathione is in the 1:2 complex, and in a much 

narrower pH range (Figure 3.36). From these diagrams it is apparent that the selection 

of species included in the model does not preclude the possibility that other species 

could form under different conditions. If the formation constant value for a species is 

known and is included in the model, but that species doesn't actually form in solution, 

the number should have no effect on fitting the calculated and experimental curves. For 

example, the formation of mercury hydroxide complexes does not occur in these 

experiments since there is always an excess of much stronger ligands in the titration 

vessel. Therefore, inclusion of the mercury hydroxide formation constants in the 

species list has no bearing on the calculations. However, inclusion of the M(GS)H3 

species did affect some of the calculations here, particularly for the experiments in 

which no competing ligand was used and the Hg(II) to glutathione ratio was 1:1. These 

experiments gave an average log 6 value of 38 for the M(GS)H3 complex, while most 

of the other experiments resulted in a log 6 value of zero. Inclusion of the constant 

value of log 13 = 38 made the sigma fit of those experiments worse. It should be noted 

that most of the experimental data sets for which inclusion of this species improved the 

fit did not involve a competing ligand, so it is likely that this species actually forms 
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under favorable conditions. However, it was not included in Table 3.XIi, since the 

accuracy of the value is questionable. 

Spectrophotometric Results 

A UV-visible spectrum of purified arsenazo I is shown in Figure 3.37, along 

with the spectrum of the Gd(III)-arsenazo I complex. The molar absorbtivity of 

arsenazo I and its gadoliniimi(III) complex at 556 nm was calculated from a plot of 

absorbance versus concentration, as described in the methods section, at a pH of 

6.80(0.02). For arsenazo I this was found to be 5.4(0.2) x 10^ cm''M"', and for the 

complex 2.6(0.1) x 10'' cm"'M"'. The standard deviation values are given in parenthesis 

for five experiments. The value for the complex agrees with the value given by KJygin 

et al. (1970), who reported a molar absorptivity value for the gadolinium(III)-arsenazo 

1 complex at 560 nm as being 2.6 ±0.1 x lO'' at pH 6.1. The experimental pH of 6.8 

was chosen since the goal was to establish that the Gd(III)-L17 complex would remain 

strongly bound under physiological conditions. The small variability in the 

experimental pH did not cause any noticeable deviation from linearity in the 

experimental regression analysis. However, below pH 6 the absorption spectrum of the 

complex changes dramatically. Each pH unit increase above 6 results in some increase 

in absorbance intensity, but no shift in the position of the absorbance maximum (Fritz 

et al., 1958). The conditional formation constant for the arsenazo 1 - Gd(IlI) 

complex (Kf = MR / M • R) was found to be 1.1(0.4) x 10^ in the pH range of the 

experiments, at an ionic strength of 0.05. The standard deviation is given for the 
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average of six points combined from two experiments. An example of the data from 

a titration of a Gd(III) solution with arsenazo is shown in Figure 3.38. It can be seen 

that only data in the equilibrium region is valid for the calculation of the conditional 

formation constant. Note that data during the first part of the titration leads to a 

calculated concentration of MR that is greater than the total concentration of azo I, 

C(R), which of course can't be true. Likewise, the value of fi:ee azo-I species, R, after 

the equivalence point, which should be approximately equal to C(R), has a calculated 

value that sometimes exceeds C(R). This is due to errors in the molar absorptivity and 

absorbance values used in the calculations. As long as the conditions for the ligand 

competition experiments are the same, the conditional formation constant for the Gd-azo 

complex can be used directly in calculating the ligand-metal conditional formation 

constant. 

The simple approach used here for the complicated equilibria involving a 

competing ligand did not work well. Linearization of the equations used to describe 

the equilibria requires too many approximations. The most notable of these is the 

assumption that the absorbance at some wavelength will be due primarily to a single 

complex. There are some other limitations to spectrophotometric measurements that 

make this method less desirable, particularly for determining complexes that have large 

formation constants. The cumulative error in the molar absorptivities and other 

experimentally derived constants can result in calculations that are physically 

meaningless. 
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Some of llie constraints for using spectrophotonielric liliations to (Jelermine 

formation constants have been described previously (McBryde, 1974; Ohyoshi, 1983). 

As mentioned in the previous chapter, the method works well for relatively weak 

complexes. For example, Ohyoshi (1985) performed titrations on Ln-TAR-hexamine 

and Ln-murexide-acetate mixtures, as well as a Zn-PAR-NTA mixture (1986). For the 

former titrations, the metal ion was added as the titrant and the absorbance was 

measured at the of the indicator ligand, and for the latter titration the non-

absorbing ligand was added to a mixture of the metal ion and indicator, and absorbance 

was measured at the of the complex. None of the complexes studied had very 

high formation constants. Nonetheless, it was found in that work, as for the present 

study, that the method is somewhat demanding in the amount of knowledge one must 

have about the equilibria being studied, in order to set up experiments that are valid for 

the equations being used in the calculations. For example, the non-absorbing ligand 

should have a formation constant with the metal ion that is greater than that of the 

metal-indicator complex. This makes selecting an indicator difficult, since the 

formation constant of the non-absorbing ligand is unknown. Selection of the indicator 

ligand is also complicated by the fact that the acid dissociation constants of the ligands, 

which may not be known, will have a significant effect on the extent of formation of 

the complexes. It is assumed that the initial absorbance value, Aj, is due solely to the 

metal-indicator complex. This is valid if that complex has a high formation constant, 

and if the metal ion is present in excess. Of course, the amount of excess metal that 
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is tolerable depends on the formation constant; if too much metai ion is present the non-

absorbing competing ligand will not be very effective at disrupting the metal-indicator 

complex. The ability of the non-absorbing ligand to compete for metal ions also 

depends on the relative difference between the formation constants of the two 

complexes. It is desirable to select of the metal-indicator complex for analysis, 

as long as the molar absorptivity of the complex is much greater than the molar 

absorptivity of the free indicator and greater than any secondary species at this 

wavelength. Again, the difference between the molar absorptivities that is tolerable will 

depend on the relative difference between the formation constants. 

Some experiments were performed with EDTA as a competing ligand to test the 

method. The logarithm of the experimentally determined formation constant was found 

to be 18.4 (jj. = 0.05, 25°), compared to a literature value of 17.3 (|i = O.l, 25°). A 

value for the formation constant of L17 with gadolinium(IIl) was found to be 16.2(0.4) 

(|a = 0.05, 25°) where the standard deviation is given for the average of three 

experiments. The potentiometrically determined value of log B was 15.3 (|j, = 0.1, 25°). 

Most of the difference between the values can be attributed to the difference in ionic 

strength. It should be noted, however, that a number of experiments were carried out 

which yielded useless data. The slope of a plot of equation 3E should result in a slope 

that is less than 1. If it is not, the ratio of Kf'(ML)/Kf'(MR) will be a negative ntmiber, 

which is physically meaningless. For the experimental conditions used here, the slope 

should end up being very close to I. However, the accumulation of a number sources 
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of error; experimentai error in the constants used in the left hand side of equation 3E, 

the error in the values of C(L), and the small number of data points used, was often 

enough to result in a slope of equation 3E that was slightly greater than 1. 
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Table 3.1. Comparison of Li6, EDTA, and DTPA retention times (minutes) for 
increasingly basic mobile phase. 

Approx. 
pH 

EDTA 
contam. 

L16 EDTA DTPA 

< 1.5 11.40 1.66 2.00 2.00 

< 1.5 11.00 1.65 2.04 2.05 

< 1.5 12.51 1.63 2.05 2.06 

1.5 - 2 1.61 2.55 2.64 

2 1.59 3.35 3.63 

2.5 - 3 1.58 4.19 4.86 

2.5 - 3 1.60 4.04 4.94 

2.5 - 3 1.60 3.99 4.54 

J 1.63 10.84 16.05 

3 1.64 12.70 17.53 

3 -3.5 1.63 13.65 21.50 

3.5 -4 1.68 25.00 41.36 

4 2.37 

5.5 - 6 4.80 

5.5 - 6 5.27 

5.5 - 6 4.51 

5.5 - 6 5.04 

5.5 - 6 4.04 

6.5 - 7 14.46 

EDTA; pK, = 2.0, pK, = 2.8, pKj = 6.3, PK4 = 10.9 
DTPA; pK, = 2.1, pK^ = 2.4, pKj = 4.3, PK4 = 8.6, pKj = 10.6 
L16; pK, = 3.7, pK^ = 4.4, PK3 = 9.8 



labie 3.11. Summary of retention times (minutes) for peaics observed 
chromatograms of a I mM L16 solution with increasingly basic mobile phase. 

Approx. 
PH 

SP 2 SP 1 L16 DMF 

< 1.5 8.40 1.66 2.03 

< 1.5 8.81 2.41 1.65 2.03 

< 1.5 9.29 1.63 2.00 

1.5 - 2 16.30 2.53 1.61 2.02 

2 2.34 1.59 2.02 

2.5 - 3 21.32 2.38 1.60 2.04 

2.5 - 3 21.05 2.35 1.60 2.05 

2.5 - 3 22.65 2.36 1.58 1.98 

3 2.65 1.63 1.96 

3 2.66 1.64 1.99 

3 2.73 1.61 1.98 

3 -3.5 2.78 1.64 2.00 

3.5 - 4 2.95 1.68 2.02 

4 3.50 2.37 2.01 

5.5 - 6 9.58 4.80 2.04 

5.5 - 6 7.88 5.27 2.02 

5.5 - 6 5.66 4.51 2.07 

5.5 - 6 6.97 5.04 2.07 

5.5 - 6 4.58 4.04 2.08 

6.5 - 7 14.46 2.07 
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Table 3.ni. Experimentaily determined glutathione acid dissociation constants and 
literature values (25°, ionic strength = 0.1). Error given for 95% confidence level for 
nine experiments. 

pK, pKj pKj pK4 

Avgs. 2.08 ± 0.10 3.50 ± 0.02 8.68 ± 0.03 9.54 ± 0.02 

Literature values: 

(1) 2.12 3.53 8.66 9.62 

(2) 2.09 3.48 8.67 9.54 

(3) 1.98 3.49 8.75 9.69 

Avgs. 2.06 3.50 8.69 9.62 

(1) Rabenstein, 1973 
(2) Pillai et al., 1979 
(3) Arnold and Canty, 1983 
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Table S.IV. Summary of the acid dissociation constants for the macrocyciic iigands. 
Error given for 95% confidence level for the indicated ntmiber of experiments. 

Ligand pKl pK2 pK3 

L12 3.54 + 0.06 6.49 ± 0.09 (avg. of 4) 

L13 
in TBABr 3.39 6.27 
in KCl 3.41 + 0.07 6.41 ± 0.06 (avg. of 4) 
combined 3.41 + 0.04 6.38 ± 0.08 (avg. of 5) 

L15 
in TBABr 3.43 ± 0.08 4.23 + 0.01 9.49 ± 0.01 (avg. of 2) 
in KCl 3.45 + 0.04 4.21 ± 0.31 9.60 ± 0.90 (avg. of 2) 
combined 3.44 ± 0.02 4.22 ± 0.04 9.54 ± 0.14 (avg. of 4) 
(1) 3.39 ± 0.03 4.21 ± 0.02 9.45 ± 0.03 

L16 3.66 ± 0.10 4.42 ± 0.02 9.75 ± 0.56 (avg. of 2) 
(1) 3.52 ± 0.08 4.21 ± 0.01 9.61 ± 0.04 

L17 3.37 + 0.05 4.49 ± 0.06 9.13 ± 0.02 (avg. of 7) 
(1) 3.21 + 0.06 4.46 ± 0.01 8.98 ± 0.01 

(1) Carvalho et ai, 1992 
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Table 3.V. Logarithm of metal-tren formation constants (25", ionic strength = 0.1), 
Bpqr = [(MpLqHr)^P^n/[M""^]''[L]''[H^'', L represents the completely deprotonated tren. 

Species 

log l3iio log B,,, log Biui log 6[[.2 cr fit 

Zn-tren 14.52 4.35 -7.75 0.004 
Lit.' 14.40 
Other^ 14.5 -10.84^ 

Cd-tren 11.62 0.61 0.02 
Lit.' 12.09 
Other^ 11.7 

Cu-tren 18.93 22.54 9.91 -1.84 0.009 
Lit.' 18.48 
Other^ 18.8 22.61'* 9.2 

Ni-tren 14.49 0.01 
Lit.' 14.55 
Other^ 14.6 19.6^ 9.8 

Co-tren 12.53 16.34 2.88 0.01 
Lit.' 12.59 
Other^ 12.7 9.9 

1. Ackermarm & Schwarzenbach values, corrected to 25°, using AG = -RTlnK 
2. NIST database values at 25°, ionic strength = 0.1 unless noted; M(OH)L values are 

for proton dissociation 
3. Determined at |i = 0.5 
4. Determined at 37°, (i = 0.15 
5. Determined at 20° 
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Table S.VT. Logarithm of metal-Iigand formation constants (25°, (i = O.i), B 
= [(MpLqHr)^P-^''^^/[M21P[L^-]''[^^]^ L^- represents the completely 

deprotonated ligand. 

Titration mix 
# 

pts crfit '^llO '^iii '^11-1 ^^11-2 

Mg-Ll2 32 0.01 

Ca-L12 34 0.009 3.51 -8.53 

Mn-L12 18 0.03 5.07 8.59 -4.40 

Co-L12-tren 41 0.004 8.79 11.19 0.39 -10.23 
C0-LI2 41 0.006 8.78 10.93 0.74 -12.92 
Co-L 12-Zn 31 0.003 8.87 10.79 0.54 -13.81 

Ni-L12-tren 27 0.03 11.27 13.05 -2.80 -14.00 
Ni-L12 41 0.005 11.27 12.82 1.97 -11.93 
Ni-L12-Cu 31 0.009 11.27 2.12 -13.30 

Cu-L 12-tren 43 0.02 11.39 13.36 4.40 -7.07 
CU-L12 44 0.006 11.34 12.63 4.04 -6.37 
Cu-L 12 31 0.007 11.34 4.11 -6.20 
Cu-L12-Ni 31 0.009 11.34 4.12 -6.33 

Zn-Ll 2-tren 41 0.01 8.98 10.89 -0.16 -12.32 
Zn-L12 43 0.003 9.02 10.49 -0.54 -12.27 
Zn-Ll 2-Co 31 0.003 8.93 10.23 -0.60 -11.79 

Cd-Ll 2-tren 69 0.01 7.37 9.71 -2.27 -15.70 
Cd-L12 47 0.01 7.32 9.85 -3.13 -15.38 



Table 3.VX cunlinued. 

# 
Titration mix pts CTfit '^110 '^111 '^11-1 '^11-2 

Mg-L13 34 0.02 
Mg-L13 31 0.03 

Ca-L13 37 0.008 2.79 

Mn-L13 20 0.009 5.10 8.47 
Mn-L13 22 0.008 5.06 8.04 

C0-LI3 46 0.006 8.79 11.31 -1.83 -12.09 
C0-LI3-EDTA 41 0.01 8.79 10.43 -1.94 -11.78 
C0-LI3 40 0.004 8.73 11.14 -1.96 -12.04 
Co-L13-Zn 31 0.003 8.63 11.02 -1.48 -11.77 

Ni-LI3-Zn 29 0.004 10.07 10.75 -1.20 -9.59 
Ni-L13 40 0.003 10.08 11.68 -0.59 -10.37 
Ni-L13 1:2 41 0.01 10.07 12.09 -0.30 -10.50 
Ni-Ll3-EDTA 27 0.006 9.80 0.00 1.18 -2.51 
Ni-L13-tren 22 0.005 10.12 12.27 2.74 -9.93 
Ni-L13-Cu 34 0.009 10.07 12.16 -0.39 -10.41 

Cu-L13-Ni 34 0.009 10.45 0.00 3.51 -2.95 
CU-L13 41 0.009 10.16 11.25 2.77 -3.28 
CU-L13 1:2 47 0.02 10.15 11.63 2.57 -3.20 
CU-L13 36 0.06 10.12 11.74 2.37 -3.13 
Cu-L13-tren 44 0.01 10.46 0.00 2.71 -2.86 
Cu-L13-Zn 34 0.004 10.16 0.00 2.72 -3.13 

Zn-L13-Cu 38 0.004 8.86 11.39 -1.03 -11.82 
Zn-LI3-Co 31 0.003 9.07 11.71 -1.42 -12.15 
Zn-LI3-EDTA 34 0.01 9.15 12.10 -3.76 -15.47 
Zn-LI3 39 0.01 9.14 11.50 -0.83 -12.07 
Zn-LI3 38 0.01 9.13 11.44 -0.74 -11.90 
Zn-L13-Ni 29 0.004 9.20 11.59 -1.24 -12.04 

Cd-L13 45 0.004 7.40 9.61 -3.17 -15.22 
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Table 3.VX continued. 
u 

Titration mix 
ft 

pts crfit 1^110 '^iii 

Mg-L15 41 0.02 4.61 -9.70 

Ca-L15 39 0.006 5.64 -8.53 

Mn-L15 21 0.007 8.68 13.33 14.68 

Co-L 15-tren 
Co-L 15 

43 
45 

0.008 
0.002 

12.27 
12.27 

16.84 
16.81 

17.68 
18.56 

0.36 
0.94 

-9.30 
-9.70 

Ni-Ll 5-tren 
Ni-Ll 5 

20 
n JJ 

0.01 
0.01 

15.21 
15.21 

19.86 
19.93 

21.98 
22.18 

5.60 
3.90 

-10.19 
-6.52 

Cu-L 15-tren 
Cu-L 15 
Cu-L 15 

49 
46 
45 

0.01 
0.01 
0.02 

15.11 
14.97 
15.08 

19.10 
18.85 
18.90 

20.99 
20.92 
21.07 

6.70 
6.83 
6.63 

-2.60 
-2.54 
-3.09 

Zn-L 15-tren 
Zn-L 15 

46 
46 

0.008 
0.007 

12.73 
12.73 

17.39 
17.28 

19.32 
18.96 1.63 -10.74 

Mg-L16 20 0.01 5.31 

Ca-L16 41 0.02 6.65 -5.04 

Mn-L16 27 0.003 10.84 13.98 1.19 

Co-L 16 
Co-L 16-tren 

48 
44 

0.005 
0.02 

13.14 
13.14 

17.19 
17.11 

1.28 -7.22 

Ni-Ll 6 
Ni-Ll 6-tren 

35 
30 

0.008 
0.02 

14.48 
14.48 

19.45 
19.39 

20.70 3.84 
4.45 

-5.18 
-5.28 

Cu-L 16 
Cu-L 16-tren 

42 
49 

0.02 
0.007 

15.73 
15.73 

19.29 
19.69 19.84 

7.20 
7.67 

-1.46 
-0.91 

Zn-L 16 
Zn-L 16-tren 

47 
49 

0.008 
0.006 

13.17 
13.17 

17.59 
17.88 

19.43 2.00 
-0.02 

-7.74 
-7.66 
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Table 3.VI. continued. 

Titration mix 
# 

pts crfit '^IIO '^111 '^11-1 '^11-2 

Mg-L17 49 0.01 4.85 -7.57 

Ca-L17 49 0.005 6.32 11.31 14.61 

Mn-Ll7 46 0.01 9.53 13.07 

Co-Ll 7 
Co-Ll 7-tren 

43 
44 

0.007 
0.01 

13.15 
13.15 

17.32 
17.30 

19.38 
18.64 

1.71 
3.96 

-11.77 
-7.64 

Ni-Ll7 
Ni-Ll 7-tren 

28 
43 

0.006 
0.01 

14.41 
14.41 

18.69 
18.72 

20.56 
20.16 

2.76 
3.61 

Cu-L 17 
Cu-L 17-tren 
Cu-L 17-tren-Ca 
CU-L17-EDTA 

39 
46 
33 
41 

0.007 
0.01 
0.05 
0.04 

14.80 
14.80 
14.63 
14.62 

18.78 
18.75 
19.53 
18.44 

5.91 
6.55 
7.57 
7.37 

-4.63 
-2.50 

Zn-L17 
Zn-Ll 7-tren 

48 
46 

0.006 
0.005 

12.62 
12.66 

16.95 
16.95 

18.98 
17.99 2.66 
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Table 3.VTI. Logarithm of metai-iigand formation constants (25°, fi = O.l), 13 = 
[(MpL,H,)^i'-3'*n/[M-1P[L2T[HT forzinc, "[L^TLHl^for 
gadolinium; L represents the completely deprotonated Itgand. 

Titration mix B,,o Bm B[i2 B,,., B,,.2 

Zn-L15 12.73 17.28 18.96 1.63 -10.74 
(1) 12.08(0.31) 16.74(0.04) 19.04(0.07) 

Zn-L16 13.17 17.59 19.43 2.00 -7.74 
(1) 11.74(0.08) 16.52(0.23) 18.11(0.04) 

Zn-L17 12.62 16.95 18.98 
(1) 11.56(0.05) 15.85(0.04) 

Gd-L15 
(1) 

Gd-L16 
(1) 

11.56 
11.15(0.03) 

14.54 
14.49(0.32) 

14.50 
14.02(0.02) 

17.03 3.19 

3.07 

Gd-L17 15.26(0.20) 17.1 
(1) 15.39(0.14) 

(1) Carvalho et ai, 1992 
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Table S.VlIi. Logarithm of gadolinium-iigand formation constants (25", |j, = O.i), 
= [(MpLqHr)^'''^'''^n/[M^'^''[L^"]''[H^]'"; L^" represents the completely deprotonated ligand. 

Titration mix B,[o 6,,, B,|2 Bu.| B[,.2 

Gd-L17-EDTA 15.01 17.08 -4.59 0.009 
1:1 :1  

Gd-L17-EDTA 15.39 17.00 -4.25 0.008 
1:1:1 

Gd-L17-DTPA 15.11 17.13 -4.85 0.02 
5:5:1 

Gd-L17 15.50 3.74 0.005 

Gd-L 17-Cu-tren 
1:1:1:1 15.29 (5 days) 

Gd-L 16 14.54 3.07 0.009 
1:1.5 

Gd-L16 14.92 17.08 3.84 -14.92 0.02 
1:1 

Gd-L16-EDTA 
1 : 1 : 1  

14.27 2.14 -7.76 0.02 
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Table 3.IX. Logarithm of indium-LI7 formation constants (25", = O.l), = 
[(MpLqHr)^P'^'''^n/[M^"^P[L^']''[IT^''; L^' represents the completely deprotonated ligand. 

Titration mix 6,10 Ofit 

In-L 17-2-mercaptoethanol 22.90 0.02 
1:2:5 

In-L17-2-mercaptoethanoI 24.95 0.009 
1:1:3 

In-L17-DTPA 22.99 0.02 
1:1:1 

In-L 17 25.03 0.009 
1:1 

In-L 17 20.46 0.01 
1:2 

In-L17-EDTA 22.70 0.006 
1:1:1 
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Table 3.X. Logarithm of galiium-Ll7 formation constants (25°, |j, = 0.1), Ilp^^ = 
L^" represents the completely deprotonated ligand. 

Titration mix B,,o B,,, B,2.i B,,., B,,.2 

Ga-L17-DTPA 21.65 24.11 22.22 16.13 2.26 0.031 
2:1:1 

Ga-L17-DTPA 20.65 23.86 22.35 16.19 5.06 0.010 
1:1:1 

Ga-L17-DTPA 20.64 23.97 17.71 16.07 7.06 0.011 
1:2:1 



100 

Table 3.XI. Summary of equilibration times required in the given pH range for 
titrations of macrocyclic ligands. 

L12 L13 L15 L16 L17 

Mg < 30 min. 
8 - 10.5 

a 35 min. 
5.2 - 10.4 

> 1.5 hr. 
9.2 - 10.7 

= 5 mm. 
5.2 - end 

Ca 

Mn 

Co 

slow 
> 4.2 

10-15 min. 
@ eq. 

<10  min .  
eq. region 

slow 
> 7 

< 20 min. 
eq. region 

Ni 15 min.; < 5 min.® 30 min. 
@ eq.; 8.8 -10.6 4.2 - 9.8 

Cu 

Zn 

< 5 min. 
@ eq. 

slow 
> 5.6 

> 1.5 hr. to 10 min. 
7.4 - 10.8 

slow 
> 4.2 

» 1 hr.; < 10 min.« 30 min.; <15 min. 
5.5 - 10.3; - 10.7 5.3 - 10; - end 

< 15 min. 
@ eq. region 

« 30 min. 
> 6 

a 10 min. 
7 - 8.7 

= 30 min. 
5.3 - 8.9 

> 2 hr. 
7 - end 

= 15 min.; 1.5 hr. 
3.1 - 4.8; eq. to end 

> 1 hr.; 30 min. 
6.2 - 9.5; - 10 

Cd < 20 min.; 1 hr. « 15 min. 
4 -9.8; @ eq. 5.2 -9.9 

slow 
@ eq-

« 30 min. 
@ eq. 

w 15 min. 
@ eq. 

a 1.5 hr 
@ eq. 
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Table 3.XII. Logarithm of mercury-giutathione formation constants (25°, (j. = O.i), 
= [(MpLqH,)'P-^''"'n/[M-^P[L^-]''|ir ]^ L^- represents the completely 

deprotonated glutathione. 

Species 

q r log Bpq, % r.s.d. 

1 0 26.15 3.6 
1 1 32.72 1.8 
1 2 35.95 2.4 
1 -1 15.86 13.2 

2 0 33.42 3.3 
2 1 43.38 5.3 
2 2 52.44 1.5 
2 3 55.28 2.0 
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Figure 3.1. Retention time (minutes) vs. pH for; a. EDTA, b. DTP A, c. L16. 
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Figure 3.2. Chromatograms of a 1 mM solution of Li6. 
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Figure 3.2. Chromatograms of a 1 mM solution of LI6. 
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Figure 3.2. Chromatograms of a I mM solution of LI6. 
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Figure 3.2. Chromatograms of a 1 mM solution of LI6. 
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Figure 3.2. Chromatograms of a 1 mM solution of LI6. 
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Figure 3.3. Structures of DTPA, proposed side product (SPl), and LI6. 
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Figure 3.4. Chromatograms of a 1 mM Gd-L16 solution. 
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Figure 3.4. Chromatograms of a 1 mM Gd-L16 solution. 
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b. 0.6 mM, mobile phase pH 2.5-3. 

Figure 3.5. Chromatograms of a Gd-Ll7 solution. 
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Figure 3.5. Chromatograms of a Gd-L17 solution. 
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Figure 3.6. Species distribution diagram for a titration mixture of 0.6 mM Co(II), 0.6 
mM LI2, and 0.6 mM tren. 
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Figure 3.7. Species distribution diagram for a titration mixture of 1.2 mM Co(II) and 
1.2 mM L12. 
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Figure 3.8. Species distribution diagram for a titration mixture of 0.6 mM Co(II), 0.6 
mM LI2, and 0.6 mM EDTA. 
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Figure 3.9. Titration curves of an equimolar mixture of L12 and the indicated metal 
(a = mol OH/ mol ligand). 

Figure 3.10. Titration curves of an equimolar mixture of L12 and the indicated 
metal (a = mol OH/ mol ligand). 
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Figure 3.11. Titration curves of an equimolar mixture of L13 and the indicated 
metal (a = mol OH/ mol ligand). 
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Figure 3.12. Titration curves of an equimolar mixture of L13 and the indicated 
metal (a = mol OH/ mol ligand). 
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Figure 3.13. Titration curves of an equimolar mixture of L15 and the indicated 
metal (a = mol OH/ mol ligand). 

Figure 3.14. Titration curves of an equimolar mixture of L15 and the indicated 
metal (a = mol OH/ mol ligand). 
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Figure 3.15. Titration curves of an equimolar mixture of L16 and the indicated 
metal (a = mol OH/ mol ligand). 
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Figure 3.16. Titration curves of an equimolar mixture of L16 and the indicated 
metal (a = mol OH/ mol ligand). 
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Figure 3.17. Titration curves of an equimolar mixture of L17 and the indicated 
metal (a = mol OH/ moi ligand). 
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Figure 3.18. Titration curves of an equimolar mixture of L17 and the indicated 
metal (a = mol OH/ mol ligand). 
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Figure 3.19. Absorbance vs. pH for Ni-L13. a. pH = 2.90. b. pH = 10.71. 
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Figure 3.20. Absorbance V5. pH for Ni-L12. a. pH = 2.86. b. pH = 11.07. 
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Figure 3.21. Absorbance vs. pH for Ni-L15. a. pH = 2.81. b. pH = 10.78. 
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Figure 3.22. Absorbance vi'. pH for Ni-L16. a. pH = 2.83. b. pH = 10.98. 
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Figure 3.23. Absorbance v^. pH for Ni-L17. a. pH = 3.06. b. pH = 11.09. 
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Figure 3.24. Absorbance vs. pH for Co-L12. a. pH = 2.99. b. pH =11.02. 
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Figure 3.25. Absorbance vs. pH for Co-L13. a. pH = 2.83. b. pH =10.94. 
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Figure 3.26. Absorbance vs. pH for Co-L15. a. pH = 2.92. b. pH =11.00. 
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Figure 3.27. Absorbance vs. pH for C0-LI6. a. pH = 2.87. b. pH =10.38. 
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Figure 3.28. Absorbance vs. pH for Co-LI7. a. pH = 3.09. b. pH =11.09. 



0.041 

0.03 

0.02 

Abs. 

0.01 

0.00 

400 500 700 600 800 

Wavelength (nm) 

Figure 3.29. Absorbance vs. pH for Cu-L12. a. pH = 2.97. b. pH = 10.99. 
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Figure 3.30. Absorbance vs. pH for Cu-L13. a. pH = 2.95. b. pH = 11.04. 
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Figure 3.31. Absorbance vs. pH for Cu-L15. a. pH = 2.73. b. pH = 10.17. 
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Figure 3.32. Absorbance vs. pH for Cu-L16. a. pH = 2.96. b. pH = 11.02. 
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Figure 3.33. Absorbance Vj'. pH for Cu-L17. a. pH = 3.05. b. pH = 11.15. 
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Figure 3.34. Species distribution diagram for a 1:2 ratio (exactly) of Hg(II)-
glutathione. 
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Figure 3.35. Species distribution diagram for a titration mixture of 0.503 noM mercury 
and 0.925 mM glutathione. 
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Figure 3.36. Species distribution diagram for a 1:1 ratio of Hg(II)-gIutathione. 
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Figure 3.37. UV-visible spectra of an Arsenazo I solution (3.8x10*^ M) and the 
gadolinium(III)-arsenazo I complex (3.5x10*^ M), pH 6.8. 
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C(R) 
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K'f logK'f 
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3120048 6.49 
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Figure 3.38. Experimental data for the spectrophotometric titration of a gadolinium 
solution (C(M) = 2.01x10"^) with arsenazo I, at a pH of 6.8. 
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DISCUSSION 

Solution Chemistry of the Macrocvclic Ligand Complexes 

A plot of the formation constants (log B values) for the transition metal ions, 

along with magnesium and calcium (Figure 4.1) shows that the macrocyclic ligands 

behave as expected. The sequence of these formation constants are as predicted by 

crystal field stabilization energy (CFSE). It is not surprising that L16 tends to have the 

highest formation constants, since this ligand is more basic than the other ligands, as 

indicated by the sum of the pK^ values. The overall sum of the pK^ values shows that 

the order of basicity of the ligands is; L16 (17.8) > L15 (17.2) > L17 (16.9) > L12 

(10.0) > L13 (9.8). The stability constants of L15 with nickel(II) and copper(II) appear 

to be somewhat lower than the predicted values from CFSE considerations alone 

(Figure 4.1). The stability of a complex, however, is also affected by the relationship 

between the ring size and the metal ion size. An argument can be made that these 

smaller metal ions have a better fit with the smaller ligand, and a worse fit compared 

to L17 with the larger ions. Even though L17 is slightly less basic than LI5, it forms 

slightly more stable complexes with the larger metal ions than those of LI5. The sum 

of the pKjj values of L15 and L17 are closer to each other than to LI6, therefore size 

effects are more evident in the trends of the stability for these two ligands. The 

formation constants of the L12 and LIS complexes are similar to each other, as would 

be expected since the basicity of the ligands is nearly identical. The slight increase of 

the stability of the neutral complexes Ni(II)-L12 and Cu(Il)-L12 relative to the LIB 
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complexes may be attributed to a bener size fit of the smaller ligand with the smaller 

metal ions. 

A linear relationship between the formation constants of a given metal ion and 

the sum of the pK^ values for a series of ligands has been reported in a number of 

previous studies (Rabin, 1956; Gritmon, 1977; Motekaitis & Martell, 1980; Smith et ai, 

1985; Cacheris et ai, 1987). In most of these studies, the ligands examined were linear 

compounds, and had values for the IpK^s that ranged from 2 to 40 powers of ten. 

Some scatter of the data points is evident in all of these plots, particularly if one looks 

only at a small range of 2pKj, values. The scatter is no doubt due to minor influences 

on the formation constants, such as the ligand/metal ion size relationship, which would 

be less noticeable over a large range of SpK^ values. Another trend in these studies is 

that the log B values are two to a few powers of ten less than the corresponding SpKg 

values. This was the case for the complexes of gallium(III) with the multifunctional 

ligands studied by Motekaitis & Martell (1980). The ligands presently under 

investigation appear to be unusual in having formation constants with gallium(III) and 

indium(III) that are several powers of ten greater than the sum of the pK^s of the 

ligands. The formation constants of gadolinium(III) with new macrocyclic 

aminocarboxylic acid type ligands (NOT A and DOT A), along with EDTA and DTP A, 

were determined by Cacheris et al. (1987). They found that the formation constant of 

Gd(III)-DOTA predicted from the linear relationship with the pK^ values was within 

5% of the measured value. However, the formation constants of the complexes of L15, 
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LI6, and LI7 with gadolinium(in) are not predicted well by the relationship given by 

Cacheris et al. (1987). There is less than 1 log unit difference between the SpKj^s for 

LI5, LI6, and LI7, but the difference between the log 6 values is 3.6 (log 6 = 11.6, 

14.5, and 15.3 respectively). The plot shown by Cacheris et al. does not predict that 

any of these ligands should have a log B formation constant as high as 15. No error 

analysis is presented with the plot, however, so it is difficult to assess the resolution of 

its predictive abilities. 

The log B formation constants of the monoprotonated complexes of some 

transition metal ions are plotted in Figure 4.2. It is not surprising that the shape of the 

plot in Figure 4.1 is maintained, since the thermodynamic value for the formation of 

ML is included in the value of A plot of the stepwise formation constants of the 

protonated complex (Kf| = [MHL]/[ML][H]), shown in Figure 4.3, is somewhat more 

informative. It is expected that when the value of the formation constant for ML is 

comparatively high, the tendency to form a protonated complex would be lower. This 

is what is observed for most of the complexes here. It is notable that most of the 

protonation constants of the L12 and L13 complexes for an individual metal ion are 

significantly different from each other, given how close the corresponding values for 

the ML complex are to each other. This is most apparent in the case of the zinc(ll) ion. 

Like Mn(II), the formation constants with L12 and L13 are nearly the same, but the 

zinc ion is considerably smaller (0.74) than Mn(Il) (0.80), so the geometry of Zn(ll)-

L13 may be more favorable for the formation of a protonated complex. 
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Tlie log G values for Ihe formation of the diproLic complexes of Ihe transition 

metal ions are shown in Figure 4.4 (B = [MH2L]/[M][L][H]^), and the stepwise 

formation constants are plotted in Figure 4.5 (Kf2 = [MH2L]/[MHL][H]). Because these 

complexes are formed to a lesser extent during the titrations, the values of these 

formation constants have significantly higher error. There is a general trend, however, 

that L15 has the highest tendency overall, to form MH2L type complexes. 

Looking at the results presented in Table 3.VI and Figure 4.1, there does not 

appear to be a high degree of selectivity between any of the ligands for a given metal 

ion, nor does any ligand appear to be highly selective for a particular metal ion. Of 

course, selectivity is dependent on the composition of the solution in which the ligand 

is used. Competing reactions between metals and ligands include the formation of 

secondary species and competition from protons, and these reactions may have a 

significant effect on selectivity. For example, the formation constants of Co(II)-L16 

and Co(lI)-L17 are nearly identical, and not much higher than that of the Co(II)-L15 

complex. However, the species distribution diagram for an equimolar mixture of the 

three ligands and cobalt(ll) shows that over 60% of the cobalt(ll) will be in the L17 

complex at pH 7, and less than 30% is in the L16 complex. L16 is slightly more basic 

at the second pK^, and therefore more likely to retain protons at this pH, so the H2LI6 

species is found to be at a relatively higher concentration. Another example of the 

influence of the formation of secondary species can be seen in the basic region. In an 

equimolar mixture of the three triprotic ligands with each metal ion the M(OH)2L16 
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complcx always predominates above pi I 10. 

Some of the most interesting solution behavior of these complexes occurred 

under basic conditions. Observations included the formation of precipitates, slow 

equilibria, color changes, and unexpected titration curves. An initial explanation for all 

of these phenomena is hydrolysis of the metal ion. This could be either through a 

competing reaction where metal-hydroxy complexes form (MpCOH)^), or through the 

formation of metal-ligand hydroxy complexes (MpLqCOH)^). Typically, the formation 

of a precipitate is an indication that the solubility product of the metal hydroxide has 

been exceeded. This is more likely to occur if the metal-ligand formation constant is 

comparatively small. During the titrations involving manganese, it was observed that 

precipitation occurred at a lower pH with ligands that had smaller formation constants. 

One exception was LI7. It has a smaller formation constant than L16 with 

manganese(II), but no precipitate was observed during the titration of L17 with 

manganese(II). The first question which arises is why should a precipitate form during 

any of MN(II)-ligand titrations? For example, Co(II)-L13 has a formation constant (log 

6 = 8.74) that is similar to Mn(II)-L15 (log B = 8.68), yet no precipitation occurred 

during the cobalt titration, even though the solubility product of Co(OH)2 is smaller by 

a factor of 10^ than that of Mn(0H)2 (of course this assumes that the tabulated values 

of solubility products are accurate). The explanation is a favorable redox potential for 

oxidation of Mn(0H)2 to Mn02 [Mn02-yH20 ->^{-0.1 V} Mn203 ^{-0.2 V} 

Mn(0H)2] (Cotton & Wilkinson, 1988). The second question is why no precipitation 
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occurs dui'iug tlie lilralioii of llic Mii(II)-Ll7 complex? Il is possible that the geomcixy 

of the complex is such that coordination of water molecules, the precursors to hydroxy 

formation, is reduced. 

In addition to hydroxy formation, there is another possible explanation for some 

of the observed solution behavior. It has previously been demonstrated for ligands that 

contain amide functions, that deprotonation of an amide nitrogen can occur during the 

formation of complexes with some metal ions (Rabin, 1956; Martin et ai, 1960; BGm 

& Martell, 1964, 1966; Kodama and Kimura, 1979; Kimura et ai, 1990; Kimura, 

1992). The question arose whether this was occurring with the ligands presently under 

investigation, rather than hydroxy formation (Inoue et al., 1995b). An important 

difference between the ligands examined in the previous studies and those of the present 

study is that removal of an amide hydrogen, which results in a negative charge on the 

amide nitrogen, should greatly enhance complex formation by satisfying the electron 

requirements of the metal ion. In the ligands studied by Kimura et ai, for example, 

only a maximum of two amide nitrogens deprotonate, even when additional amide 

groups are present on the ligand. If the electron requirements of the metal ions are 

already satisfied by carboxylate groups, one might expect less of a tendency for amide 

deprotonation. The acidity of the amide hydrogen versus the acidity of a proton on a 

coordinated water molecule may be reversed depending on the donor groups in the 

complex. The pK^s of the amide hydrogens of the ligands examined in the previous 

studies were less than 14. There was no evidence that the amide hydrogens on the 
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ligands examined here could be titrated at a pH of less than 14. 

The log 6 formation constants of the mono- and di-hydroxy complexes are 

plotted in Figure 4.6. The values plotted are for the reaction (assuming hydroxy 

formation); 

M + L M(OH)„L + nH 

Again, die shape of the plot in Figure 4.1 is maintained. The values for the formation 

of the hydroxy species can be re-calculated as the stepwise dissociation of protons; 

ML M(OH)L + H Kn 

M(OH)L ^ M(0H)2L + H Kp_ 

These values, which are plotted in Figure 4.7, provide some information about the 

behavior of the complexes which was not apparent in the previous figure. In a study 

of the formation of complexes between copper(II) and cobalt(II) ions with dipeptides, 

Rabin (1956) made the statement that hydroxy formation is a reflection of the electron 

withdrawing power of the metal ion on a coordinated water molecule. Therefore, a 

larger Kf(ML) should result in weaker electron withdrawing action on the water 

molecule, and a lower log K((ML) should result in a lower pK of coordinated water. 
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Tnis is apparently true for the diprotic ligands. Tne complexes of Li2 and L13 have 

the lowest log K{(ML) values, and also have the lowest pK values, but there is some 

unexpected behavior between these two ligands. The complexes of L13 have a much 

higher tendency to form the di-hydroxy complex (except Zn(II)-L13), while the L12 

complexes tend to form mono-hydroxy complexes, and a much lower tendency for form 

the di-hydroxy species. In fact, it appears that the amide protons are removed in the 

complexes of L13 at a basic pH, whereas the complexes of L12 merely lose protons of 

coordinated water molecules (Inoue et ai, 1995b). The spectrosopic results support this 

proposal, as will be discussed below. The complexes of L16 have the largest formation 

constants, but they also have the lowest pK2 values of the triprotic ligands. It is less 

clear if amide deprotonation is occurring here, or with any of the triprotic ligands, since 

the changes in the spectra of these complexes are not as extreme as those observed for 

the L13 complexes. 

A change in coordination geometry of a transition metal complex is often 

accompanied by a change in the color of the solution. This was the case with the 

Ni(II)-L13 complex, which changed from green at an acidic pH 

at 620 nm), to yellow at a basic pH (A.^ax previously been 

demonstrated that nickel(II) complexes that undergo a change in coordination geometry, 

from octahedral to square planar, will show this color change (Jorgensen, 1956,1957; 

Higgins et al., 1964). In the case of Ni(II)-L12, the mono-hydroxy species has a much 

larger formation constant, and there is no shift in the positions of the peak maxima. 
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The second stepwise hydroxy formation constants for Ni(II)-L16 and Ni(II)-L15 were 

also larger than the first. The absorption maxima at basic pH values shifted slightly 

only for the L16 complex. This shift was accompanied by an increase in molar 

absorptivity; the lower energy band shifted from 600 nm to 564 nm, and the higher 

energy band shifted from 378 nm to 384 nm. For Ni(II)-Ll5, like Ni(II)-L17, no 

change in the absorption energies were observed, and only a slight increase in the molar 

absorptivity. The fact that the Ni(II)-L16 di-hydroxy complex has a larger formation 

constant than that of Ni(II)-Ll3 but shows no change to a square planar geometry 

implies that the tendency to lose two protons in a single step carmot necessarily be used 

to infer amide deprotonation. 

The formation constants of the cobalt(II) hydroxy species follow a trend similar 

to those of mckel(II); that is, L13, LI5, and L16 have larger second stepwise formation 

constants. No isosbestic points were observed in the spectra of any of the Co(II) 

complexes. However, the intensity of some absorption bands increased dramatically at 

a basic pH, and this is related to the overall extent of hydroxy formation. Note, for 

example, that the formation constant of the di-hydroxy cobalt(II)-L16 species is largest, 

and the absorption maximum ca. 524 nm increases steadily. This increase of a lower 

energy absorption band is an indication of increased bonding of a ftinctional group that 

is lower in the nephalauxetic series; in this case that functional group is most likely a 

hydroxide. In the spectra of L15 and LI7 a lower energy band also increases (at 580 

nm for LI5, and at 524 nm for LI7), but only at the most basic pH values, and not 
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nearly as uramalicaliy au for LI6. This is in accord wilh their lower hydroxy complex 

formation constants. For both Co(II)-L12 and Co(II)-L13, a higher energy band 

increased as the pH became more basic. This was at 482 nm for the L12 complex, and 

for the L13 complex, a previously unnoticeable band became evident at 420 nm at a 

basic pH. This is likely to be an indication that one of the amide nitrogens has become 

more strongly coordinated at a basic pH. 

LIB was the only ligand where the formation constant of the Cu(0H)2L complex 

was larger than the Cu(OH)L complex. An isosbestic point was visible to varying 

degrees in the ultraviolet-visible spectra versus pH for each of the Cu(n)-ligand 

complexes titrated, but the characteristics of the absorption bands are different for each 

ligand. During the titration of the Cu(n)-L13 complex there was also a noticeable color 

change, from pale blue at an acidic pH to deep purple at a basic pH. A summary of 

the shifts in absorption bands is given in Table 4.1. Both Cu(II)-L13 and Cu(II)-L16 

have an absorption band centered around 700 nm at acidic pH values, but in the case 

of Cu(II)-L16 it is much broader and weaker. In the basic region this shifts to 650 nm 

for L16, but to 580 nm for LI3. The spectra of Cu(II)-L12 and Cu(II)-L17 are similar 

to each other; both have a band centered around 750 nm at acidic pH values, which 

shifts to 680 nm in tlie basic region. The major difference is that the bands in the 

Cu(II)-L17 spectra are much broader. The shift in the Cu(II)-L15 spectra is from 720 

nm at the most acidic pH, to 610 nm in the basic region, and is less broad. In general, 

there was found to be a correlation between the formation constant of copper complexes 
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and the increase in energy of the d-d transitions. 

Electron spin echo envelope modulation [ESEEM] experiments were performed 

on Cu(II)-L13 in acidic and basic matrices in order to assess the extent of binding of 

the ligand nitrogen atoms to the copper(II) ion (Inoue et ai, 1995b). However, these 

experiments did little more than confirm that a change in coordination had occiured. 

Continuous wave electron spin resonance experiments were performed on Cu(II)-L15, 

Cu(II)-L16, and Cu(II)-LI7 in acidic, neutral, and basic matrices (Inoue et ai, 1996b). 

These experiments indicated that 2 geometric isomers of the Cu(II)-Ll6 and Cu(II)-L17 

complexes were present in the acidic and neutral matrices, whereas only one was 

present in the basic matrix. The spectrum of the Cu(II)-L15 complex appeared to 

contain two geometric isomers only in the acidic matrix, and one isomer in the neutral 

and basic regions. However, the results could not be used to ascertain the exact nature 

of the isomers. 

Information about bonding can be inferred from both the equilibration times 

observed during the titrations, and from NMR experiments, where information on bond 

lifetimes can be obtained. For example, even though there is no significant difference 

between their formation constants, it was observed that the complexes of L12 and L13 

with Cd(II) and Zn(II) had different coordination characteristics (Inoue et ai, 1996a). 

At an acidic pH, the two amide oxygens of L13 complexes with Cd(II) and Zn(II) were 

found to be coordinated simultaneously to the metal ion. The amide oxygens are 

sterically constrained in the complexes of L12 with these metal ions, such that only one 
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oxygen can coordinate at a time. The amide oxygens are coordinate alternately; the 

fluctuation rate for the Zn(II)-L12 is close to the NMR time scale, whereas the 

fluctuation rate of the Cd(II)-L12 is faster. This observation is in accord with the 

higher formation constant of the Zn(II)-L12 complex. Note that the differences 

described were based on structure, and not functional groups, which are identical for 

both of the ligands. These differences between the Cd(II) and Zn(II) complexes of L13 

and L12 are in agreement with the expected differences in geometry inferred for the 

complexes of L12 and L13 with nickel(II) and copper(II) ions. If both amide oxygens 

of L13 can be simultaneously coordinated to Cd(II) and Zn(II) in acidic solution, it is 

reasonable to expect that this also occurs in the complexes of Cu(ll) and Ni(II). Having 

two amide nitrogen atoms in such close proximity to the metal ion would very likely 

increase the chances that they would be coordinated simultaneously by metal ions that 

have a tendency to form square planar complexes. Given the difference between the 

ionic radius of a Zn(n) ion [0.74] and a Cd(II) ion [0.97], it can also be concluded that 

the size fit of the metal ion to the ligand does not have as much of an effect on these 

observations as the intrinsic rigidity of the ligand. 

There are a number of possible causes for the long equilibration times observed 

during the titrations. For example, some metal ions have an intrinsically slow exchange 

rate for coordinated water molecules (Cotton & Wilkinson, 1988). A change in the 

geometry of the complex, or the formation of new species are other possibilities. 

However, fast equilibration times does not necessarily preclude the latter two 
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possibilities. For example, during Ihe liLralion of all of Lhe Cu(II) complexes, except 

Cu(II)-L16, equilibrium was established rapidly, even though the spectra showed that 

substantial changes in the coordination of the complex or in the composition of the 

solution were taking place. In general, ±e titrations involving L16 were the slowest of 

the triprotic ligands with any given metal ion. This was found to have some correlation 

to the crystal structures of the ligands. 

It was found (Inoue et al, 1996b) that the orientation of the carboxylate groups 

and the position of the protons was significantly different between the solid H3LI6 and 

H3LI7. The acidic form of LI7 crystallizes with the carboxymethyl groups orientated 

axially, and all on the same side of the ring plane. One hydrogen atom is located on 

the central amine nitrogen, and die remaining two are on the outside carboxylate oxygen 

atoms. In contrast, L16 crystallizes with the carboxymethyl groups in an equatorial 

position, wath two of the hydrogen atoms located on the outside amine nitrogens and 

one on the central carboxylate oxygen atom. The longer equilibration times of the L16 

complexes were related to these structural differences. A change in orientation of the 

L16 ligand donor atoms is necessary for complexation to occur. This conclusion is 

further supported by the equilibration times required for some of the titrations involving 

gadolinium(III). 

The times to reach equilibrium during the titrations of Gd(III) with L16 and L17 

were distinctly different, depending on the composition of the initial titration mixture. 

Equilibrium was rapid during the entire titration of Gd(III)-L17, whereas titration of the 
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Gd(III)-Li6 mixture was extremely siow into, and beyond the neutral pH region. 

Titration of a mixture of Gd(III)-L17-EDTA was slow, even though titration of Gd(III)-

EDTA alone is relatively rapid. It is likely that proton exchange between the ligands 

in the three component mixture becomes a factor. It is expected that titration of a 

mixture of Gd(III)-L16-EDTA would show equilibrium times as slow as, or slower than 

the Gd(III)-L17-EDTA mixture, but this was not the case. For the Gd(III)-L16-EDTA 

titration, Gd(III) and L16 were added as a solid, neutral complex. Equilibrium was 

rapid throughout the titration, probably because the complex was pre-formed and no 

change in orientation of the donor atoms was necessary. 

Solution Chemistry of the Mercurv-Glutathione Complex 

The results obtained here for the mercury glutathione complex are different from 

previously reported results, both with regard to the published value of the formation 

constant of the 1:2 mercury(II)-glutathione complex, HgLj, and with regard to the 

stoichiometry of the Hg(II)-glutathione complexes that are formed at various pH values 

and at various Hg(II):glutathione ratios. The latter issue will be addressed first. In a 

pioneering polarographic investigation of the reaction between Hg(II) and glutathione. 

Strides and Kolthoff (1953) showed that the complexes, HgL„ HgjL,, and HgjLj were 

formed in the pH range 3 to 9 in the absence of chloride ions. In the presence of a 

high concentration of chloride ions, only the species HgLj and HgCl4~' were formed; 

there was no evidence for the formation of the complex HgL. Potentiometric titrations 

of mixtures of Hg(II) and glutathione in varying ratios were performed with a standard 
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solution of NaOH by Kapoor, Doughty and Gorin (1965). They concluded from the 

shapes of the titration curves that the same species, HgL2, Hg2L2, and Hg3L2, reported 

by Stricks and Kolthoff (1953), were formed in solution, but no evidence was found for 

the presence of the species HgL in solution. In the complex HgL2, only the sulfur 

atoms in the mercapto groups are coordinated to Hg(II). This was convincingly 

demonstrated by Fuhr and Rabenstein (1973), who monitored the chemical shifts of the 

carbon atoms in the coordinated glutathione molecules by '•'C NMR in solutions where 

the concentration of Hg(Il) was incrementally increased. A 1:1 complex, HgL, was 

isolated in the form of a precipitate from an aqueous ethanol solution by Neville and 

Drakenburg (1974), and its structure in solution was deduced by '^C NMR to be a 

chelate in which the donor atoms are the mercapto sulfur atom and the nitrogen atom 

in the glycine residue of glutathione. The presence of the complex HgL in acidic 

solution was confirmed by Katono, Inoue, and Chujo (1977), who also employed '-"C 

NMR. Their results, however, indicated that the donor atoms in the chelate ring were 

the mercapto sulfur atom and that carbonyl oxygen atom in the cysteinyl residue of 

glutathione. In a recent '^C NMR study by Cheesman, Arnold, and Rabenstein (1988), 

evidence for the formation of an additional complex, HgL3, was obtained in solutions 

containing a glutathione:Hg(II) ratio in excess of 2:1 at physiological pH. A 

polarimetric method was used to confirm the results obtained in the '^C NMR study 

(Shoukry, Cheesman, and Rabenstein, 1988). On the basis of this work it was proposed 

that, although the thermodynamic stabilities of the Hg(II)-glutathione complexes are 
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very high, the bonds formed between Hg(Il) and -SH groups are labile, and the Hg(ll) 

is continually exchanging -SH groups in the glutathione ligands. The magnitude of the 

formation constant of the 1:3 complex, HgL3, formed from HgLj and the ligand, L, 

indicated that the third ligand was much more loosely bound than the first two ligands. 

In addition, the stepwise displacement constants of the ligand, L, in HgLj by 

penicillamine and 2-mercaptoethylamine were determined, and it was shown that the 

relative stabilities of the 1:2 complexes of Hg(II) with these two ligands containing 

mercapto groups was dependent on the magnitude of their protonation constants. 

The dependence of the species distribution on the initial composition of the 

solution may explain why the discussion of NMR studies is almost exclusively on the 

1:2 complex. In most of those experiments, a glutathione solution is titrated with 

mercury until the 1:2 ratio is reached. Since glutathione is always in excess, the 1:1 

complex cannot form to any extent. This can be seen in the species distribution 

diagrams, calculated on the basis of the formation constants in Table 3.XII, and shown 

in Figures 3.34, 3.35, and 3.36. In a solution containing a Hg(II):glutathione ratio of 

exactly 1:2, the principal species, in the pH range 4 to 8, is HgLiH,; above pH 8.5, the 

three species HgLjHj, HgLjH, and HgL2 are all present in significant concentrations. 

If, however, the Hg(II):glutathione ratio varies slightly from the value of 1:2, the 

species distribution diagram (Figure 3.35) shows several important differences from the 

species distribution diagram in Figure 3.34. In addition to the principal species, 

HgLoHj, the species HgLH and HgL are also present, each at about 10% of the total 
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concentration of the glutathione. Previous workers did not report the presence of these 

1:1 Hg(II):complexes, probably because they are present in relatively low 

concentrations. In solutions containing a 1:1 ratio of Hg(II):glutathione (Figure 3.36) 

the situation is quite different. The 1:1 complexes HgLHj, HgLH, and HgL are present 

in high concentrations between the pH 3.5 and 10.0, whereas the 1:2 complex HgLjH, 

is present at a relatively low concentration (10% or less) in this pH range. It is evident, 

therefore, that the type of mercury(II)-glutathione complex that is present in solution 

depends on the pH of the solution, as well as the initial ratio of Hg(II):glutathione. 

There is a serious discrepancy between the previously reported value of the 

formation constant of the 1:2 species, HgL2, and die formation constant calculated from 

the competitive potentiometric titrations described in the previous chapters. In this 

work, pH was the experimental variable that was measured in the range 2 < pH < 11. 

A direct measurement of the free Hg""^ concentration in these solutions is not possible 

because the very high formation constants of die Hg(II)-glutathione complexes result 

in very low free Hg~"^ concentrations that caimot be measured experimentally (see Table 

4.II). In the work of Stricks and Kolthoff (1953) the formation constants of the species 

HgLj and the protonated species HgHLj and HgHjLj were obtained by calculating the 

free Hg(II) concentration from the measured value of the potential of a mercury 

electrode vs. a reference saturated calomel electrode using the Nemst equation. The log 

B formation constants were found to be 41.58, 41.92, and 40.96 respectively. The 

concentration of free mercury, therefore would be in the range of 10"^- to 10"*'' M. The 
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potential of the mercury electrode was not governed by these very low concentrations 

of free but was probably governed by the ions of the other electrolytes in solution 

that were present at much higher concentrations; moreover, it is unlikely that the 

measured potential of the mercury electrode was reversible. In view of these 

experimental difficulties, it is evident that the value of the formation constant of the 1:2 

Hg(II)-glutathione complex reported by Strides and Kolthoff is incorrect. 
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Table 4.1. Summary of UV-visible absorbtion bands nm) observed for 
complexes of Cu(II) with the macrocyclic ligands. 

pH region 
Ligand acidic 6 - 7 basic AE acid-neutral AE neutral-basic 

L15 708 696 614 12 82 
L16 712 656 654 56 2 
L17 745 714 660 31 54 

4 

L12 746 748 678 2 70 
L13 700 700 562 0 138 
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Table 4.II. Caicuiated range of free tnercury(H) concentrations for tiie experimentai 
titrations. 

Titration mixture pH range [Hrl M Z [HgClJ M 

GSH-Hg-Cl, 1:1 2.9 to ll.O 3x10-'^ to 1x10"'^ 1x10*^ to 5x10-' 

GSH-Hg-Cl, 1.3:1 2.9 to 11.0 8x10"'^ to SxlO-^"* 3x10"^ to 2x10"'^ 

GSH-Hg-CI, 2:1 2.8 to 10.9 2x10"'^ to 1x10'^^ 7x10-^ to 5x10-''* 

GSH-Hg-DTPA, 2:2:1 2.7 to 11.0 7x10"'^ to 4x10'^^ 

GSH-Hg-DTPA, 2:1:1 2.9 to 11.0 1x10-'^ to 2x10'^^ 

GSH-Hg-DTPA, 1:1:1 2.6 to 11.0 2x10-'^ to 5x10"^' 

GSH-Hg-DTPA, 1:1:2 2.8 to 11.0 8x10-'^ to 2x10--' 

GSH-Hg-DTPA, 1:2:2 2.6 to 10.9 7x10-'^ to 2x10"-® 
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Mg "^a Mn 2o Si 2h 
Metal Ion 

Figure 4.1. Formation constants (log 13) for complexes of the macrocyclic ligands 
with selected divalent metal ions. 
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16 MHL12 

MHL13 

MHLIS 

IVIHL16 

MHL17 

IVtn Cu 
Metal Ion 

Figure 4.2. Formation constants (log 6) of the monoprotonated complexes of the 
macrocyclic ligands with selected divalent metal ions. 
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IV[HL12 

MHL13 
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MHL17 

IVin Co ST Cu 
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Figure 4.3. Stepwise formation constants (log Kf,) for the monoprotonated 
complexes of the macrocyclic ligands with selected divalent metal ions. 
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Ni 
Metal Ion 

Figure 4.4. Formation constants (log B) for the diprotonated complexes of the 
macrocyclic ligands with selected divalent metal ions. 
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Metal Ion 

MHjLlS 

MH2LI6 

MH2LI7 

Figure 4.5. Stepwise formation constants (log K^) for tlie diprotonated complexes 
of the macrocyclic ligands with selected divalent metal ions. 
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M(OH)L12 

M(OH)L13 

M(OH)LlS 

M(OH)L16 

M(OH)Ll7 

M(0H)2L12 

M(0H)2L13 

M(0H)2L15 

M(0H)2L16 

M(0H)2L17 

Ni Cu 
Metal ion 

Figure 4.6. Formation constants (log 6) for the hydroxy complexes of the 
macrocyclic ligands with selected divalent metal ions (B = [M(OH)nL][H]"/[M][L]). 
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Ni Cu 
Metal Ion 

1VI(0H)L12 

JVI(OH)L13 

M(OH)L15 

M(OH)L16 

M(0H)L17 

1VI(0H)2L12 

M(0H)2L13 

M(0H)2L15 

M(0H)2L16 

M(0H)2L17 

Figure 4.7. Stepwise proton dissociation constants (-log K) for the formation of 
hydroxy complexes of the macrocyclic ligands with selected divalent metal ions (K, = 
[M(OH)L][H]/[ML], K, = [M(0H)2L][H]/[M(0H)L]. 
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SUMMARY AND FUTURE WORK 

Effective application of new synthetic ligands, such as the macrocycles studied 

here, depends on a thorough understanding of their solution chemistry. Determination 

of their complex formation constants is one step in that direction. Complicated 

equilibria can occur even in a simple mixture of one metal ion and one ligand. Any 

reaction between a metal ion and ligand may be significantly influenced by competing 

reactions that form secondary species. These side reactions can explain a number of 

experimental phenomena. For example, the HPLC retention time of a complex may 

change as the pH of the mobile phase is changed, due to a change in the protonation 

of the complex. Additionally, new peaks may appear due to the overlapping existence 

of multiple species. Knowledge of equilibria between different complex species (and 

between geometric isomers) can be useful for elucidating the NMR spectrum of a 

solution containing varying concentrations of metal ion and ligand. 

Selectivity is an important characteristic of complexing agents, but one must 

always bear in mind the specific application of the ligand in order to draw any 

conclusions about whether or not a ligand is selective. For example, as mentioned in 

the introduction, the relationship between ionic radius and ring size has often been cited 

as a controlling factor of the selectivity a series of macrocycles has towards a given 

metal ion. This relationship is most evident in compounds such as crown ethers, which 

have no acidic fianctional groups, or in macrocyclic polyamines which are relatively 

rigid. The ring size - metal ion radius relationship was not a clear basis for any 
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selectivity relationships observed among the macrocyclic ligands and metal ions studied 

here. When acidic functional groups are present, the basicity of the ligand becomes an 

important factor. An example of this can be seen when nitrogen atoms are incorporated 

into the cryptand ring (Martell et ai, 1993). The results presented in this work show 

that even when a series of ligands have identical functional groups, and vary only 

slightly in structure, the solution chemistry of each ligand widi a given metal ion can 

be quite different. 

It was also shown in this work that it is difficult to extrapolate the solution 

chemistry of one metal ion and a particular ligand to a different metal ion with the same 

ligand. This has important implications for any study where one metal ion having a 

particular charge and radius is substituted for another. For example, zinc is an 

important metal in many enzyme complexes. Studies of these enzymes often involve 

substitution of the spectroscopically 'silent' zinc ion with another metal ion, typically, 

"•'Cd, Cu, Co, or Mn (Bertini et ai, 1985). But as the results for the macrocyclic 

complexes studied here have shown, the behavior of the zinc complexes may not 

necessarily be the same as the complexes with these other metal ions. 

Competition reactions are the key to determining large formation constants. This 

method would definitely be improved by a larger selection of well characterized 

competing ligands that could be used in the titrations. The ideal situation, of course, 

is to use a ligand that forms a 1:1 complex with the metal of interest, and has 

sufficiently different protonation characteristics from the experimental ligand. The 
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formation of metai-hydroxy complexes needs to be examined in more detaii. During 

these studies it has been assumed that the literature values for these complexes are 

accurate. It is likely, however, that some of the error in fitting the experimental 

titration data to the calculated data was due to error in accepted literature values. 

Experimentally, it is possible to minimize the formation of hydroxy complexes, in order 

to facilitate the determination of the ML complex. However, the hydroxy complexes 

are likely to form under conditions of real applications, so they should be well 

characterized. 

Further work needs to be done on the complexes of gallium and indium, which 

have a strong tendency to hydrolyze, and undergo extremely slow equilibria. An as yet 

undiscovered competing ligand would be a helpful first step. Titrations carried out at 

an elevated temperature might speed up the equilibration times so that the hydroxy 

complexes could be determined. Such a procedure has been used previously to 

determine aluminum ion hydrolysis constants (Mesmer & Baes, 1971). 

A number of computer modeling programs have been written, in addition to the 

one used here. It would be interesting to compare the results firom different 

mathematical algorithms on a single set of data. Some minor changes to the BEST 

program to make it more user friendly might make its use more appealing to anyone 

who studies metal-ligand reactions. These changes would make input and output of 

data easier. Additional spectroscopic studies would confirm the species suggested by 

the computer models. These would include infra-red analyses, which have been used 
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in previous studies for this purpose. Also, the niercury(II)-glutathione complexes could 

be studied by "^Hg. The final step in this type of work is to use the accurately 

compiled data on the formation all complex species for creating models that can be used 

as predictive tools for real systems. 
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Introduction 

In addition to the macrocyclic ligands discussed in the main body of this text, 

the practical aspects of isolating and characterizing some other novel compounds have 

been investigated. Supercritical fluid extraction has been central to this work. The first 

of these investigations stemmed from earlier work done in this laboratory on the 

isolation and separation of rare earth carbonates. The goal was to take advantage of the 

fact that fine, homogenous precipitates can be obtained from supercritical fluids, in 

order to obtain a superior starting material for a 1:2:3 type superconductor. Another 

series of experiments involved the extraction of flillerenes. A motivating factor for 

these experiments was the possibility that supercritical carbon dioxide might prove to 

be a more efficient, and ecologically sound method of isolating these new compounds, 

compared to conventional solvent extraction. For similar reasons, supercritical fluid 

extraction was pursued as a method of obtaining taxol from yew leaves. 
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APPENDIX A: SUPERCONDUCTOR S\'NTHESiS 

Introduction 

Since it is desirable for a superconductor material to be free of phase 

inhomogeneities, it is also desirable that the pre-sintered mixture of starting materials 

be as homogenous and pure as possible. Many techniques have been used to acheive 

diis goal but none are without fault. A comparison of several methods is given by 

Pramanik et al. (1989). The techniques may be broadly categorized as follows; sol-gel 

techniques (Marcilly et al., 1970; Youqi, 1988; Kakihana et al., 1989), coprecipitation 

(Pramanik et al., 1989), freeze drying (Iyer & Yakhmi, 1989), spraying of nitrate 

solutions onto a hot surface (Barboux, 1989), and homogenous precipitation techniques. 

A number of methods fall into this last category and in order to be successful they must 

all have one thing in common; precipitation of the solutes must be controlled to assure 

monodispersed particles (Matijevic, 1985). Precipitation of carbonates from solution 

using K2CO3 has been reported to give favorable results when the product is sintered 

(Kini et al., 1987; Wang et al., 1987). However, some further advantage may be 

gained if the particle size can be controlled so that it lies in the sub-micron range 

(Pramanik et al., 1989). It is toward this goal that the following experiments were 

directed. Compounds that are soluble in supercritical fluid can be re-precipitated as 

finer, more uniform crystals (Hannay & Hogarth, 1879, 1880; McHugh & Krukonis, 

1986; Petersen et al., 1986; Gallagher et al., 1989; Mohamed et al., 1989). This 

phenomenon of comminution provides the reasoning for the use of supercritical carbon 
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dioxide as part of the reaction medium used for Ihe synthesis of the metal carbonate 

mixture which would serve as a superconductor precursor. 

Experimental 

The apparatus used in these experiments is shown in Figure A-1. In normal 

operation, liquid carbon dioxide is brought into the top portion of the intensifier, which 

has a free floating piston and oil in the bottom half A Hills-McCarma pump forces oil 

from a reservoir into the intensifier to compress the carbon dioxide. When the desired 

pressure is reached, the supercritical carbon dioxide is bled into the autoclave 

[Autoclave Engineers], which is maintained at the desired temperature with a water 

bath. A thermocouple well in the autoclave allows the internal temperature to be 

monitored with a digital thermometer [Keithley 132c multimeter or Omega HH70 KC]. 

A glass insert is used as a container for solutions inside the autoclave. Stock solutions 

of lanthanum and yttrium nitrate [Johnson Mathey/Alfa, 99.95% or better] were 

standardized by EDTA titration using arsenazo I as an indicator (Fritz et al., 1958). 

The concentration of copper and barium nitrate [Johnson Mathey/Alfa, 99.95% or 

better] solutions was determined by atomic emission. Infrared analyses were carried 

out on a Perkin Elmer model 985 spectrometer. Atomic emission analyses were carried 

out on a Thermo Jarrell Ash Video 12E AA/AE spectrophotometer. An Orion model 

701 digital pH meter with a Beckman 39842 combination electrode claibrated with 

standard buffer solutions was used to determine pH values. 
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Resulls and Discussion 

Originally it was thought that a solution of the metal nitrates in the desired 

molar ratio [Y or La -Ba-Cu, 1:2:3] in supercritical carbon dioxide would, upon release 

of the critical pressure, yield a homogenous precipitate of the carbonates. 

This, however, was not the result. After the first two trials (samples A & B, in which 

different temperatures and pressures were used (see Table A-I for a summary of 

reaction conditions) it became apparent that the solution was too acidic for carbonate 

formation. In light of this, subsequent experiments involved adjustment of the pH using 

either aqueous ammonia or ammonium carbonate. The resulting precipitates were not 

quantitative, and analysis by infra-red spectroscopy and atomic emission established that 

none were of the desired composition. In the case where ammonium carbonate was 

used to adjust the pH (samples C and C3) very small amounts of precipitate formed 

which was found to contain only copper. An interesting side note on this product is 

that the i.r. spectrum does not match that of malachite [CuC03-Cu(0H)2], and although 

a reference spectrum for azurite [Cu3(0H)2(C03)2] could not be found, the band 

assignments given by White (1974) for azurite did not match, nor did the i.r. spectrum 

of CUCO3 (Seidel, 1974). A comparison of i.r. absorption bands is given in Table A-II. 

It was later found that a compound with the same i.r. spectrum could be obtained 

simply by mixing a saturated ammonium carbonate solution with a saturated copper 

nitrate solution. 

The next series of experiments involved the use of ammonia to adjust the pH 
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of the nitrate solution in order to determine if some optimum pH would yield a product 

with the desired composition. In one set of experiments lanthanum was used in the 

starting mixture, in another set yttritim was used. In both cases die conclusion was die 

same; if the starting pH is too low, barium carbonate will not precipitate because of the 

following equilibria; 

BaCOs + 2Fr -> Ba'^ + CO.t + HjO 

and/or 

BaCOj + CO, (excess) + HjO -> Ba""^ + 2HCO3' 

Therefore the solution must be kept sufficiently basic to hinder bicarbonate formation. 

However, if ammonia is used to adjust the pH so that barium carbonate can persist, 

copper will not precipitate, most likely because of ammine complex formation. These 

trends can be seen in Figures A-2 and A-3 where the percent metal found in the 

precipitate is plotted versus the starting pH. 

The next series of experiments involved synthesis of individual metal carbonates 

and then binary mixtures so that the optimum conditions for precipitating the carbonates 

could be determined. It was decided that ammine complex formation would remain a 

problem, to some extent, if ammonium carbonate or ammonia was used to adjust the 

pH. Because of this an alternative substance for pH adjustment was sought. Sodium 

hydroxide and some other possibilities were discoimted because of the fact that 
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contatuinating ions {e.g. sodiuiu) might be inlroduced. 

It was found that barium hydroxide in solution could easily be converted to to 

the carbonate, so this could be used to adjust the pH and be part of the starting solution. 

Solid Ba(0H)2 * 8H2O could also be converted directly to the carbonate without any 

addition of water. Best conversion to the carbonate, for both aqueous and dry samples 

(as determined by the i.r. spectrum), was obtained when the solid was first ground to 

a fine powder. A suspension of copper hydroxide in water, when subjected to 

supercritical carbon dioxide, resulted only partial conversion to the carbonate. As 

shown in Figure A-4 the i.r. spectrum matched the malachite reference spectrum (Figure 

A-5). Binary mixtures of barium hydroxide and copper nitrate solution or copper 

hydroxide were tried next. Mixing copper nitrate solution with a solution of barium 

hydroxide resulted in a precipitate and a solution whose starting pH was 4.8. Not 

surprisingly, the product obtained after treatment with carbon dioxide contained very 

little barium. Subsequently, barium hydroxide and copper hydroxide were used as 

starting materials. No two i.r. spectra of the resulting products exactly resembled each 

other, but each appeared to be some form of hybrid of the barium carbonate and 

malachite reference spectra. However, none of the three (BC2, BC3, BC4) showed the 

characteristic splitting of the V3 absorbtion band found in malachite. The splitting of 

this band may serve as an indicator of the extent of malachite formation in the mixtures. 

After it was determined that a quantitative, stoichiometric product of the binary 

mixture could be precipitated, yttrium was added as a third component in the form of 
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a nitrate solution or as the oxide. In the first of these experiments it was found that 

addition of yttrium nitrate to a solution containing the barium and copper hydroxides 

resulted, after CO, treatment, in a precipitate that was low in barium, although the 

copper and yttrium had precipitated in the correct molar ratio (3:1). The low barium 

recovery was surprising since the addition of the nitrate only caused the starting pH of 

the solution to drop one pH unit (from 13.3 to 12.3) and the final pH was the same as 

that of the binary mixture experiments ( « 6). In the next experiment an excess of 

barium hydroxide was added so that there would be counter ions for the nitrate ions 

introduced with the yttrium. The result of this was a precipitate with the desired molar 

ratios of metals. However the i.r. spectrum showed significant copper hydroxide 

absorption bands, indicating that this material was for the most part unconverted. It was 

found that if the barium hydroxide was pulverized prior to putting it into solution, and 

the run time was extended to 6 hours, the i.r. spectrtmi of the resulting product showed 

more malachite character. In another experiment (sample YBC3) yttrium oxide was 

used as a starting component. Previous experiments in this lab indicated that it is 

possible to convert that material to yttrium carbonate using supercritical CO, (Lowe, 

1990), however the i.r. spectrum of the resulting product was found to contain 

characterisic yttrium oxide absorption bands. The final three component mixture 

consisted of a solution of the metal nitrates whose pH was adjusted with NaOH. 

Treatment with supercritical CO, resulted in a pale blue precipitate whose i.r. spectrum 

was less complicated than any of the previous precipitates. This seems to indicate that 
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ail of the metals are present as carbonates although some of the malachite bands appear 

to be quite diminished. This last procedure closely resembles that of Kini et al. (1987) 

and Wang et al. (1987). 

Conclusions 

The characteristics of the materials obtained in these preliminary experiments 

did not justify pursuit of the next logical step, which would be sintering the material 

and testing for superconducting properties and phase defects. Ultimately the preparation 

of superconducting materials should begin with ultrapure starting materials. The 

apparatus used here however would not allow that purity to be maintained throughout 

the procedure. The kinetics of precipitation is a key factor in this process. However, 

further modification of the equipment would be necessary to investigate this aspect. 
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Table A.I. Summary of run conditions. 

Group one: nitrates prepared as batch. 

I.D. 
A 

Elapsed 
run 
time 

03:00:00 

Moles starting material Initial Adjusted with 
Cu Ba La pH pH x ml 

0.02999 0.02000 0.01000 -
of 

Mass 
Pressure Autoclave Final product 

(psi) temp pH (g) 
2500 49 - 0 

% 
Cu 

Metal found 
Ba La 

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 
B 0.03000 0.02000 0.01000 - - - -

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba La 

02:12:00 1500 38 0 - - -

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 
C 0.06000 0.04000 0.02000 2.9 4.6 30CNH4)2C03 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba La 

02:30:00 2425 44 0.0280 49.3 - - -

Moles starting 
I.D. Cu Ba 
CI 0.06000 0.04000 

material Initial Adjusted 
La pH pH 

0.02000 3.2 7.3 

with 
X ml of 

2 (NH4)0H 

Elapsed 
run 
time 

02:00:00 

Pressure Autoclave Final 
(psi) temp pH 
2600 46 4.3 

Mass 
product % 

(g) Cu 
1.6795 25.5 

Metal found 
Ba La 
4.2 15.9 



175 

Table A.L Summary of run conditions. 

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 
C2 0.06000 0.04000 0.02000 3.2 10.3 9.4(NH4)OH 

Elapsed Mass 
run Pressure Autoclave Final product % Metal Found 
time (psi) temp pH (g) Cu Ba La 

02:00:00 2550 45 7.7 1.9569 0 40.6 21.9 

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 
C3 0.06000 0.04000 0.02000 3.2 4.5 1<NH4)2C03 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba La 

02:20:00 2700 45 4.1 0.1428 46.3 0 0 

GrouD two: mixtures of standard nitrate solutions. 

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 

SAPH6.9 0.00500 0.00333 0.00166 3.1 6.9 1.2(NH4)OH 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba La 

02:58:00 2600 45 4.6 0.657 12.3 0.5 33.2 

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 

SAPH8 0.03004 0.01997 0.00996 3.0 8.0 9.5 (NH4)0H 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba La 

03:00:00 2550 46 6.6 6.632 31.3 0.7 29.3 
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Tabie A.I. Summary of run conditions. 

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 

SAPH8.5 0.03004 0.01997 0.00996 3.0 8.5 13 (NH4)0H 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba La 

03:08:00 2450 46 6.7 8.501 25.4 0.4 31.3 

Moles starting material Initial Adjusted with 
I.D. Cu Ba La pH pH X ml of 

SAPH9 0.03004 0.01997 0.00996 3.0 9.0 14 (NH4)0H 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba La 

02:52:00 2650 46 7.1 10.916 12.3 0.7 38.7 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH X ml of 

YAPH6.5 0.03000 0.01997 0.01001 3.3 6.5 5 (NH4)0H 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba Y 

03:00:00 2550 47 4.6 2.952 60.2 0.02 9.3 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH X ml of 

YAPH7.4 0.01500 0.00999 0.00500 3.3 7.4 4.5 (NH4)0H 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba Y 

02:53:00 2600 45 5.3 2.231 43.4 0.4 13.4 
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Table A.I. Summary of nm conditions. 

Moles starting material Initial Adjusted 
I.D. Cu Ba Y pH pH 

YAPH8.5 0.03000 0.01000 0.00503 3.2 8.5 

with 
X ml of 

7 (NH4)OH 

Elapsed 
nm 
time 

02:58:00 

Pressure Autoclave Final 
(psi) temp pH 
2500 44 7.1 

Mass 
product % 

(g) Cu 
3.612 23.7 

Metal found 
Ba Y 
0.6 27 

Group three: solids &/or nitrate solutions. 
Note: where pH is adjusted with yttrium nitrate solution that 
amount of yttrium nitrate is the starting material. 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml 

BAtest 0.00000 0.01000 0.00000 13.3 
of 

Elapsed 
run 
time 

00:10:00 

Pressure Autoclave 
(psi) temp 
2500 37 

Mass 
Final product 
pH (g) 
6.0 1.030 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH X ml of 
BAl 0.00000 0.01000 0.00000 13.4 -

Elapsed Mass 
run Pressure Autoclave Final product 
time (psi) temp pH (g) 

02:00:00 2500 37 6.0 1.750 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml of 
BA2 0.00000 0.00500 0.00000 - - - . 

Elapsed 
run 
time 

02:00:00 

Pressure Autoclave 
(psi) temp 
2550 34 

Mass 
Final product 
pH (g) 

1.390 
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Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml of 
BA3 0.00000 0.00500 0.00000 - . . . 

Elapsed Mass 
run Pressure Autoclave Final product 
time (psi) temp pH (g) 

01:50:00 2500 34 1.084 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml of 
BA4 0.00000 0.01000 0.00000 - - - . 

Elapsed Mass 
run Pressure Autoclave Final product 
time (psi) temp pH (g) 

01:50:00 2550 34 0.871 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml of 
CUl 0.01500 0.00000 0.00000 3.8 - - -

Elapsed Mass 
run Pressure Autoclave Final product 
time (psi) temp pH (g) 

02:00:00 2500 34 4.0 0.000 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH X ml of 
CU2 0.01499 0.00000 0.00000 - - - . 

Elapsed Mass 
run Pressure Autoclave Final product 
time (psi) temp pH (g) 

02:00:00 2525 33 1.746 
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Moles starting material Initial Adjusted wdth 
I.D. Cu Ba Y pH pH x ml of 
BCl 0.01500 0.01000 0.00000 4.8 - - -

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 

time (psi) temp pH (g) Cu Ba 
02:00:00 2600 36 4.2 1.076 50.2 3.6 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml of 
BC2 0.01500 0.01000 0.00000 13.3 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba 

02:00:00 2500 35 6.0 3.483 25.7 28.8 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml of 
BC3 0.01500 0.01000 0.00000 13 - - -

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba 

00:30:00 2500 35 6.1 3.3572 27.8 32.1 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH x ml of 
BC4 0.00750 0.00500 0.00000 - - - -

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba 

02:00:00 2500 35 1.9902 25.5 37.6 
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Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH X ml of 
BC5 0.00750 0.00500 0.00000 - - 30 EtOH 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba 

02:00:00 2500 33 - 1.4872 not analysed 

Moles starting 
I.D. Cu Ba 

YBCl 0.01500 0.01000 

material Initial Adjusted 
Y pH pH 

0.00500 13.3 12.3 

with 
X ml of 
3.28Y(N03)3 

Elapsed 
run 
time 

02:00:00 

Pressure Autoclave Final 
(psi) temp pH 
2450 35 6.1 

Mass 
product % 

(g) Cu 
3.0550 30.2 

Metal found 
Ba Y 
9.0 15.0 

Moles starting material Initial Adjusted 
I.D. Cu Ba Y pH pH 

YBC2 0.01500 0.01250 0.00500 13.3 13.3 

with 
X ml of 
3.28Y(N03)3 

Elapsed 
run 
time 

02:00:00 

Pressure Autoclave Final 
(psi) temp pH 
2575 36 5.7 

Mass 
product % 

(g) Cu 
4.3689 20.0 

Metal found 
Ba Y 

26.1 9.4 

Moles starting material Initial Adjusted with 
I.D. Cu Ba Y pH pH X ml of 

YBC3 0.01500 0.00997 0.00500 13.3 

Elapsed Mass 
run Pressure Autoclave Final product % Metal found 
time (psi) temp pH (g) Cu Ba Y 

02:00:00 2475 35 6.3 3.8115 26.6 24.0 10.4 
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Table A.I. Summary of run conditions. 

Moles starting material Initial Adjusted 
I.D. Cu Ba Y pH pH 

YBC4 0.01500 0.01250 0.00500 13.4 13.0 

with 
X ml of 
3.28Y(N03)3 

Elapsed 
run 
time 

06:00:00 

Pressure Autoclave 
(psi) temp 
2475 36 

Mass 
Final product 
pH (g) 
6.1 3.4654 

% Metal found 
Cu Ba Y 

Moles starting 
I.D. Cu Ba 

YBC5 0.01500 0.01000 

material Initial Adjusted 
Y pH pH 

0.00500 3.4 13.3 

with 
X ml of 
4.4 NaOH 

Elapsed 
nm 
time 

02:00:00 

Pressure Autoclave 
(psi) temp 
2500 34 

Mass 
Final product 
pH (g) 
6.7 

% Metal found 
Cu Ba Y 
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lable A.ll. Comparision of i.r. absorption bands of sample C3 (unknown) with 
references. 

COMPARISON OF IR ABSORPTION BANDS 

Malachite 
(Sadtler) 

3418 OH 
3322 
stretch 
1 5 0 9 OH 
bend? 
1050 V,  or OH 

1095 

876 V, 
819 

1390 V3 ? 

750 

Malachite 
White, 1974 

H.O. OH 

3400 V|, V3 
3320 

1045 (OH) 
875 

QQ.{1 

1095 V, 

829 V, 
803 

1500 V3 
1400 

748 V4 
710 

(given in cm"') 

Azurite 

H.O. OH 

3425 

1035 
952 

CO3I 

1090 

837 
817 

1490 
1415 

769 
747 

CuCOj Unknown 
Seidel, 1974 

3513 
3419 

1090 V,  

860 Vj 

1460 V3 
1420 

760 V4 
743 

1047 

848 
810 

1421 
1382 
1338 

781 
685 
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Figure A.l. Supercritical fluid extraction apparatus. 



m o m o t n o m o m  o " '  
• ^ • ^ r o r O C N C N ' —  « —  

li 

Figure A.2. Percent of metal, by weight, found in precipitate vs. initial pH. 
adjusted with aqueous ammonia. 
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Figure A.3. Percent of metal, by weight, found in precipitate vs. initial pH. pH 
adjusted with aqueous ammonia. 
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Figure A.4. Infra-red spectrum of precipitate obtained by treating copper hydroxide 
solution with supercritical carbon dioxide (Sample CU2). 
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a. Cu2C03(0H)2 • H2O, malachite (Sadtler, 1965). 

b. CUCO3 • Cu(0H)2 (Sadtler, 1965). 

2000 1800 KOO VtOO 72001000800 ffOO iOOJOO 

c. CUCO3 (Seidel, 1974). 

Figure A.5. Infra-red spectra of copper carbonate compounds. 
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1. Supercritical Fluid Extractions 

Introduction 

A wide variety of organic compounds are soluble in supercritical carbon 

dioxide, naphthalene for example, and the solvents benzene, toluene, and hexane. Since 

fiillerenes are soluble in these liquids it was thought that they should also be soluble in 

supercritical carbon dioxide. If true, this would provide a clean method of extracting 

fiillerenes from the graphitic soot matrix in which they are synthesized. Supercritical 

carbon dioxide is used for regenerating carbon beds, so it was presumed ±at the soot 

would not be soluble. 

Experimental 

The apparatus used for the supercritical fluid extractions was the same as 

described in appendix A and shown in Figure A-1. Modifications consisted of a solvent 

trap at the vent and rubberized heating tape on the vent valve to prevent freezing. 

Initially, extraction of solids was performed by stapling the solid into a folded Whatman 

934 AH glass fiber filter and packing that into a stainless steel mesh screen or in a 

teflon cup placed on the bottom of the autoclave. Liquids were placed directly into a 

glass or teflon insert. A summary of experimental details for the extractions can be 

found in Table B-I. In later experiments a Michel-Miller chromatography column was 

used for sample containment. Nucleopore 0.2 |j.m teflon filters were used to cover the 



189 

ends of the teflon adapters. An Omnifit tubing adapter could be used to attach a piece 

of teflon tubing directly to the carbon dioxide inlet or outlet tubes. UV-visible spectra 

were taken on a Hewlett-Packard 8452A diode array spectrophotometer. Infrared 

analyses were carried out on a Perkin Elmer 1600 series FTIR using FTIR grade 

potassium bromide [Aldrich] pellets. 

Results and Discussion 

Preliminary experiments done in this lab indicated that supercritical carbon 

dioxide is not an efficient solvent for fullerenes. The discussion below will center on 

Cgg, since this molecule is present in the highest amounts in the soot extracts. There 

was no measiu-able difference in the weight of the soot packet before and after 

extraction. UV-vis analysis of the solvent trap benzene showed that the solubility of 

Cgo in supercritical fluid was low, if not zero. The features of a reference spectrum of 

fullerenes in benzene are due primarily to Cgg and C70 (Figure B-1). A spectrum of the 

supercritical extract in the concentrated trap benzene is shown in Figiure B-2. There 

may be a peak at 334 nm but the high background absorption in the spectrum makes 

it difficult to definitely say that Cgg is present. At the time of these experiments, no 

pure CgQ was available for preparing standards to establish the concentration in the 

extract, if indeed the peak at 334 nm was due to Cgo- Evidence pointed to a system 

contaminant, possibly compressor oil, as a source of the high background. It seems 

certain, however that the solubility of fullerenes in supercritical carbon dioxide is not 

on the same order of magnitude as something like naphthalene. 
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The apparently limited ability of supercritical carbon dioxide to solvate C^g may 

have been due to the fact that the necessary combination of temperature and pressure 

were not found. Limits on the pressure capabilities of the equipment used make it 

impossible to state that C^g solubility would not increase under more severe extraction 

conditions. If the problem were low solubility a flow through system should increase 

extraction yields. Another way to improve the extraction of compounds that are only 

slightly soluble in supercritical carbon dioxide it through the use of modifiers. 

In addition to carbon dioxide, a supercritical freon-14 [I]' extraction was 

carried out, but did not remove Cgg from the soot under the conditions tested. Methanol 

and acetone were tested as modifiers [3 & 6] but these did not give a dramatic increase 

in yields and further experiments were not pursued. 

Subsequent experiments were done with the goal of using supercritical carbon 

dioxide for the separation Cgg from the liquid solvent used in the conventional 

extraction procedure. This would be a more efficient method than the evaporation 

procedures commonly used. The first attempt at removing toluene [8] left 1.2 ml of the 

original 5 ml sample, as a highly concentrated in fullerene solution. Subsequently, 

venting was done slowly from the top of the autoclave in order to maintain supercritical 

conditions for as long as possible. This allowed the liquid solvent to be extracted, 

leaving the C^q behind as a finely dispersed powder on the inside of the autoclave. 

Separations were done fi-om both toluene [10] and hexane [12] solutions. The quality 

'numbers refer to listing in table B-1. 



191 

of tlie Cgo obtained by tliis iiietliod could not be established since llie tjuaxililies left 

behind were too small to recover. However a number of blank extractions using 

various liquids as blanks demonstrated that system contamination is a persistent problem 

[5, 6, 8, 10, 12]. The fact that blank extractions do not remove the contamination 

indicates that the major source of contamination may be from the carbon dioxide and/or 

the compressor, rather than residue in the autoclave. In an effort to prevent the small 

amounts of C^q from becoming dispersed in the autoclave, an experiment was done in 

which the solution was placed in a chromatographic colurmi with a 0.2^m teflon 

filter on one end an sealed at the other [14]. It was also hoped that the hydrophobic 

nature of the filter would prevent moisture from contaminating the sample. This set up 

proved to be too slow due to the diameter of the column end cap opening and also 

possibly because the filter became plugged. 

Although the use of supercritical fluids for separation of the solvent is 

promising, the equipment used in these experiments cannot demonstrate its full 

potential. The freeze-drying procedure developed in this lab for separating Cgg from 

benzene solution has a number of advantages over the supercritical fluid method. 

Among these are the more crystalline nature of the product from freeze-drying, the fact 

that contaminating metal containers are not used, and lower material costs. 

II. Conventional solvent studies 

Introduction 

Although freeze drying from a benzene solution is an efficient method for 



192 

separating the solvent from C^q solutions, the toxic nature of benzene makes it 

somewhat undesirable as an extraction medium. For this reason, a qualitative study of 

the solubility of C^q in a wide range of conventional solvents was carried out. It was 

hoped that a less toxic solvent could be found that would be efficient at removing 

fullerenes from soot, but that could also be separated easily from the ftillerenes by 

freeze drying. Another aspect of the solubility studies was whether or not the yields 

of fullerenes extracted with a liquid solvent could be increased. 

Experimental 

All solvents tested were reagent grade. Freeze drying experiments were carried 

out in a laboratory constructed apparatus, which was simply two rovmd bottom flasks 

on a Schlenk line surrounded by baths of the necessary temperature. A type K 

thermocouple and Keithley 132c multimeter were used to monitor the bath 

temperatures. The first flask contained the sample and the second acted as a trap. 

Solvents tested for freeze drying were 1,2,3,5-tetramethylbenzene (f.p. = -23.7°, b.p. = 

198°), naphthalene (f.p. = 80°, b.p. = 217°), and a,a,a-trifluorotoluene (f.p. = -29°, 

b.p. = 102°). 

Liquid solvent extractions were performed on soot and soot that had been 

previously extracted with benzene or toluene (i.e. spent soot). High molecular weight 

solvents included quinoline, 1-methylnaphthalene, and 1,2,3,5-tetramethylbenzene. A 

summary of extraction conditions is given in Table B-II. For the first set of extractions 

approximately 3 grams of soot was extracted by mixing it with 400 ml of the solvent 
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then filtering through Whatman #54 niter paper. The extract was then concentrated, 

and the concentrate was taken up in 400 ml of ether and filtered through a Gelman type 

E glass fiber filter. The yield of solids appeared to be high, even after drying. The 

smell of the solids and the UV-vis spectra indicated that there was still residual solvent. 

Subsequent extractions followed a different clean up procedure. 

In the next experiments the extracts were filtered through Whatman #1, then 

Whatman #50 filter paper and then concentrated. In the case of the tetramethylbenzene 

extractions, the concentrate was washed with methanol to remove the high molecular 

weight solvent. This left a tar like residue. The residue was taken up with ether and 

filtered through a glass fiber filter [Whatman 934 AH], and rinsed with ether to remove 

as much of the tar as possible. This filter cake (yield given in Table B-II) was then 

rinsed with toluene, presumably to remove Cgo and and leave behind higher 

molecular weight fiillerenes. For 1-methylnaphthalene the extract was concentrated to 

a 40 ml volume. 10 ml portions were taken from that and 150 ml of either acetone or 

methanol were added to wash out the solvent. The precipitated solids were filtered 

through Whatman 934 AH filter paper and allowed to air dry for a few days (yield 

given in Table B-II was estimated by doubling the combined yield of these two 

portions). The solids were then transferred to an aluminum boat and vacuum dried at 

400° for I hour. For the 1-methylnaphthalene extraction of spent soot, a portion of the 

solids obtained after the methanol wash were taken and extracted with 17 x 5 ml 

portions of toluene in a test tube. The extracts were centriftiged and the supernatant 
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removed. After the final extraction, the remaining solids were allowed to air dry for 

several days. UV-vis and infrared spectra were taken of the methanol washed solids 

and the toluene washed solids. 

Extractions were also performed using toluene under high temperature and 

pressure. A summary of extraction conditions is given in Table B-III. The same 

autoclave used for the supercritical fluid extractions was used here, along with an 

Autoclave Engineers heating furnace. For two of the experiments the autoclave was 

purged with nitrogen prior to extraction because it was suspected that a chemical 

reaction(s) might be occurring. After extraction at the conditions indicated in Table B-

III, the contents of the autoclave were filtered through Whatman #4 filter paper. The 

filtrate was concentrated to approximately 1 ml, and 30 ml of methanol was added to 

precipitate the solids. These were then isolated on a glass fiber filter [Whatman 934 

AH] and allowed to air dry for several days. 

UV-visible spectra were taken on a Hewlett-Packard 8452A diode array 

spectrophotometer or on a Gary 14 spectrophotometer with O.L.I.S. analog to digital 

software conversion program. Spectra on the HP were taken versus the solvent blank. 

Those on the Gary 14 were taken versus an air blank, and 1000 data points were 

collected from 320 to 620 rmi. Since extraction conditions affect the yield of fullerenes, 

the same batch of fullerenes was used in all solvents tested so that the percent 

composition of the fullerenes would be constant between experiments. 
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Results and Discussion 

Table B-IV presents a listing of the solvents which were used in the following 

experiments, along with some of their properties. The rating of solubility given in 

Table B-V was based on the qualitative observation of how much of the original mass 

of flillerenes added to a given volume of solvent appeared to dissolve. Solubility 

appears to have a strong correlation to the solvents dielectric constant, as shown in 

Figure B-3. Strong solvation was given a rating of 5, and minimal solvation was given 

a rating of 1. Diethyl ether, with a dielectric constant of 4.3, appears to be an exception 

to the trend of better solubility in less polar solvents. This might be explained by the 

low boiling point of diethyl ether. As the solubility tests were done, UV-vis spectra of 

the solutions were taken. Wavelength shifts and changes in the ratio of Cjq/C^q peaks 

were checked to see if the characteristics of a particular solvent (e.g. polarity) correlated 

with preferential solvation of one of these molecules. A list of absorption bands due 

to Cgo and C-jq according to Ajie et al. (1990) is given in Table B-VI, along with die 

absorption bands observed in various solvents on the spectra taken with the Hewlett-

Packard instrument. The number given below the solvent heading is the cutoff for that 

solvent. Some additional absorption bands observed in the experimental solutions are 

not listed. These were assumed to be due to extraction contaminants. The color of the 

fiillerene solutions showed some variation among different solvents, from the pink of 

solution in hexanes, to deep red in p-xylene. Theoretically, the u system of an aromatic 
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solvent could stabilize the electronic transitions compared to a non-aromatic solvent. 

An example of this shift can be seen in the 336 nm absorption in toluene which is 334 

nm in benzene, 332 nm in acetone, 328 nm in hexane, and 326 nm in methanol. Even 

though absorption shifts are visibly apparent from the color of the solutions, it is 

difficult to quantify them in the spectra of a mixture of fullerenes because so many 

absorption bands of C^q and C70 overlap. Since the resolution of the Hewlett Packard 

instrument is 2 nm, some spectra were taken on the Gary 14 to obtain a 0.5 nm 

resolution. Ethanol and hexane solutions had the band at 404 nm with a shoulder at 

408 nm, as described by Ajie. For 1,4-dichloroethane and carbon tetrachloride the peak 

was at 405.5 nm and the shoulder at 408.5 and 409.5 nm respectively. For benzene, 

p-xylene, and phenyl ether the peak position ranged from 406 nm to 408 nm, and the 

shoulder was no longer distinct. 

The relative solubility of and C70 in a particular solvent can be estimated by 

looking at the ratio of characteristic absorption bands for each molecule. An example 

is shown in Table B-VII. When viewed along side the dielectric constant of the 

solvent, it appears that Cgg is preferentially solvated in less polar solvents. (Published 

chromatographic methods since these experiments were done bear this out) It was 

assumed that the bands at 470 nm and 404 nm have minimal overlap from other bands 

that could contribute to the absorption. 

In the liquid solvent extractions it was found that quinoline was very difficult 

to remove from the extract so it was used in only one experiment. Extraction of 'spent 
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soot' with i,2,3,5-tetramethyibenzene resulted in a solution whose UV-vis spectrum 

consisted of a broad, featureless band extending out to 800 nm. The toluene wash of 

the isolated solids gave a sunilar spectrum. The material left after the toluene wash was 

dried, and a small amount was placed in hexanes. The spectrum had little structure, 

except for a band at 262 nm, with shoulders at 256 nm and 268 nm (Figure B-4). The 

toluene wash of material obtained from a tetramethylbenzene extraction of soot 

appeared to have a high concentration of Neither one of these experiments 

gave recoveries of material that exceeded conventional toluene extractions. It is 

interesting to note however that the recoveries were similar between the experiments, 

and the percentage of refractory material left after the toluene rinses was the same 

(0.3% of the starting mass). 

The UV-vis spectrum of the toluene washed solids obtained from the 1-

methylnaphthalene extraction of spent soot has the same absorption bands as the 

material isolated fi-om the tetramethylbenzene extraction of spent soot (Figure B-5). 

The higher percent recovery of crude material (6.7%) was due largely to residual 

solvent. Infrared spectra of the solids before the toluene wash show absorptions that 

match a reference spectrum for 1-methylnaphthalene (Figure B-6). After the solids 

were washed with toluene these bands were mostly removed. Furthermore, none of the 

i.r. absorption bands of the toluene washed material match those of (Cgg i-r- bands 

are; 1428, 1181, 577, 527 cm"'), nor does the UV-vis spectrum show any absorption 

bands due to C^q or When 1-methylnaphthalene was used to extract soot, the 
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methanoi wash left a higher percentage of residuai solids (2.4% of starting materiai vs. 

1.6% for acetone). After vacuum heating of the solids, there was a 20% loss of the 

methanol washed material and a 9.8% loss of the acetone washed solids. The UV-vis 

spectrum of material obtained from both the acetone wash and the methanol wash 

appeared to be reasonably free of I-methylnaphthalene, and resembled a typical C^q^C- jq 

spectrum. However, the spectrum of the methanol washed material did have some 

additional structure between 260 and 300 nm (c/ Figure B-7). These absorption bands 

were not present in the spectrum after the material was vacuum heated (Figure B-8). 

Thus, it appears that acetone is better for washing out the extraction solvent and other 

residual material, even though the solubility of C^q/C-jq may be slightly higher in it than 

in methanol. 

The extraction of spent soot with toluene at a high temperature and pressure 

gave a yield (0.22%) that was similar to the yield of toluene washed material from the 

tetramethylbenzene extraction (0.3%). However, unlike the tetramethylbenzene 

extractions, the UV-vis spectra of both the toluene extract and of the solids obtained 

after washing with methanol, clearly showed the presence of C^q/C-jq. The best yield 

for a high pressure toluene extraction (5.6%) was only slightly better than that of 

extractions done under normal conditions (@ 3-4%). After the first extraction of soot 

it was noticed that an overall increase in the mass of starting material had occurred. 

It was suspected that the toluene might be reacting with some component of the soot. 

The use of nitrogen to purge the autoclave prior to extraction did not prevent this from 
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occurrmg. 

Vapor pressure data indicated tiiat 1,2,3,5-tetramethyibenzene and a,a,a-

trifluorotoluene miglit be good candidates for the freeze drying procedure. Neither one, 

however, was successfully removed in these experiments. One reason for this may have 

been the difficulty in maintaining steady temperatures with die dry ice/acetone bath 

required for freezing these solvents. Naphthalene was easier to work with and could 

be easily removed by this method. Although naphthalene is difficult to work with as 

an extraction solvent, its lower toxicity compared to benzene make it an attractive 

alternative. 

m. Diffusion and Migration Studies 

Introduction 

Since the studies above indicated that Cgg and C70 have differential solubility 

based on a solvent's polarity, it was thought that this difference could be enhanced in 

an electric field, and thereby provide a means of separation. Two types of experiments 

were carried out. In the first, fullerene solutions were placed in U-tubes with solvent(s) 

of varying conductivity. An electric potential was then placed across the ends of the 

tube. These experiments were done in both homogenous solutions and systems of 

layered solutions, solvents, and mixed solvents. The second set of experiments involved 

paper electrophoresis and paper chromatography. Most of the paper electrophoresis 

experiments were run with mixed mobile phases. 
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Experimental 

The free solution experiments were carried out in 7 to 10 ml, 1 cm diameter U-

tubes, using platinum electrodes and a Heathkit model PS-4 regulated power supply. 

A suirmiary of experimental conditions is given in Table B-VIII. The paper 

electrophoresis experiments were carried out with a Kepco DC power supply on 

Whatman #41 filter paper, 1 cm x 25-30 cm, spotted with a C^q/jq solution by capillary 

tube at approximately 8.5 cm from one end. The paper was contained in an inverted 

U-tube, 17-23 cm long, the ends of which were placed in 10 ml beakers diat acted as 

solvent reservoirs. A summary of experimental details for the paper electrophoresis 

experiments is given in Table B-IX. The power source was on as the solvents migrated 

from each end of the paper. For most experiments no visible movement of the spot 

occurred until the solvent fronts met at the center of the paper, which was taken as the 

start of the experiment (time = 0). At the end of the experiment the paper was removed 

and allowed to air dry. It was then cut up into segments, which were placed in vials 

with 2 ml of benzene, and the UV-vis spectra were taken. 

Results and Discussion 

In Table B-X the free solution experiments are categorized according to the type 

of solvent mixture used (c/ Table B-VIII) and the observations for each category are 

tabulated. Of the single solvent systems [I], only the dimethylformamide (DMF) 

solution gave results (formation of solids on the positive electrode) within the time 

tested. The reason for this behavior may be related to the conductivity of DMF, which 
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is on the same order of magnitude as water {cf. tab. B-IV). In category III, 

homogenous solutions with an ionic additive were used. In the 

cyclohexane/tetrabutylammonium tetrafluoroborate system [III.A.] solids aggregated on 

the negative electrode. This makes sense if the tetrabutylammonium cation is part of 

the solvation sphere. For the other two experiments in this category, the acetic acid 

probably reduced the effect of the other ionic additives. 

The remaining categories involved layered solutions. In category II, a single 

solvent fiillerene solution was layered onto a conducting solvent system. The negative 

electrode was placed in the fullerene solution, except II.A. In II.A., the methanol went 

to the bottom of the U-tube, splitting the cyclohexane solution of flillerenes to both 

electrodes. When solids formed at the phase boundaries during these experiments, it 

was usually on the negative electrode side. One exception was the DMF/methanol 

system [II.B.] (here methanol was also on both sides of the U-tube). In this case the 

layers immediately mixed when the power was turned on, and the entire solution 

cleared, with solids aggregating on the positive electrode. The electrode could not be 

cleaned by rinsing with solvent. When the electrode was placed in solvent with another 

electrode and the polarity was reversed, the material came off. The UV-vis spectrum 

of the resulting solution has no structure, only a continuous absorption band across the 

entire wavelength range. 

In almost all of the experiments the minuscule amount of solids that formed 

proved to be too delicate to isolate. In the one case where they did not immediately re-
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dissolve [IV.C.], the spectrum appeared to be enriched in C^q- The solids could not be 

washed or completely separated from the original sample solution so there is no way 

of knowing whether the solids were actually C70. There was no noticeable change in 

the color of the sample solutions whenever solids formed (except where DMF was used 

and the entire solution cleared), but one would expect some difference if C70 were 

coming out of solution. Spectra were also taken of overlying solutions when solids 

formed but these didn't show any noticeable difference between the starting solutions. 

The first group of paper electrophoresis experiments involved acetic acid with 

anisole, cyclohexane, or benzene. For the cyclohexane mixtures no visible movement 

occurred. For the others, movement was toward the positive electrode. Beginning with 

the sixth experiment the paper strips were cut up and extracted with benzene in order 

to determine the distribution of material along their length. The ratio of a 

absorption band (334 nm) to three different C70 absorptions was compared to the same 

ratios of the solution used to spot the paper (Table B-XI). The distances given in Table 

B-XI are from the end of the paper in the negative electrode solvent reservoir, unless 

otherwise noted. In later experiments the changes in the spectra of the chamber 

solutions with time were recorded. In Table B-XI, the spectra V5. time were taken from 

the positive electrode solvent reservoir, unless otherwise noted. The ratio method is 

convenient since it avoids the problem of concentration changes when the reservoir 

solutions evaporate. Paper chromatography experiments were done to test the effects 

of various filter paper porosities in different solvent systems. The solvent fronts were 
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more emiched in C^q when finer filter paper was used, especially when Ihe solvent 

mixture had a higher percentage of organic component. These results are summarized 

in Table B-XII. 

The next group of electrophoresis experiments involved the addition of either 

sodium dodecylsulfate (SDS) or cetylpyridinium chloride (CPC) to the solvent mixture. 

Aqueous solutions of these detergents were tried, as were methanolic solutions and 

aqueous/acetone solutions. In each of these cases the voltage was kept rather low to 

avoid igniting the paper, which sometimes occurred at higher potentials. In the case 

where SDS was added to benzene/acetic acid mixtures, movement of the fiillerenes was 

invariably toward die positive electrode. Originally it was thought that the hydrocarbon 

chain of SDS might be helping to solvate the fiillerenes, leaving the charge on the 

sulfate to respond to the electric field. It is more likely, however, given the acidic 

conditions, that the SDS is protonated and it is actually an acetate solvation sphere that 

is responsible for the movement. A mixture of SDS in benzene/ acetone/ water 

(25:67:8) [28] was used to see if a reduced availability of protons would have any 

effect. The spot appears to migrate much more rapidly when acetic acid is part of the 

solvent mixture rather than acetone. In fact, when acetic acid was left out of the SDS 

mixtures, no movement of the original spot was apparent. 

Experiments were done in which sodium acetate [25] or sodium propionate [26] 

were added to a benzene/acetic acid mixture to see if the difference in molecular weight 

of the solvation sphere would have any effect. The sodium acetate solution was the 
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first to show absorptions due lo Cgg in the positive electrode chamber. Movement by 

the sodium propionate solution was slower. In both experiments the material left on 

the paper appears to be enriched in but there are some anomalous data points. 

The most interesting results occur when CPC is added to the solvent mixnire. 

With a benzene/acetic acid mixture [13], there was some indication that had 

migrated to the negative electrode chamber, but the initial part of the experiment was 

not monitored closely enough to confirm this. In the next experiment [14] movement 

occurred first a little toward the positive electrode, then toward the negative electrode, 

with Cgo taking the lead. A possible explanation is that the cationic CPC solvates the 

flillerenes first, moving them toward the negative electrode. Eventually, for example 

in experiment 13, a much longer experiment, a negative acetate solvation sphere forms 

and movement reverses toward the positive electrode. Since C70 was originally trailing, 

it may now take the lead. However, if the time of movement toward the negative 

electrode was short, C^g can overtake the C70, during the reverse movement, nullifying 

any resolution that had occurred. These assumptions appear to be confirmed by 

experiments where CPC was added to benzene/acetone mixtures [14,15,16]. Without 

competing anions in the solution, movement occurred rapidly toward the negative 

electrode. Resolution was poor however, and although the peak ratios seem to indicate 

that the material off the paper first was enriched in C70 there may be a high degree of 

error in these measurements. 

An experiment was done with a methanol/DMF mixture [27], since this 
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combination had given rapid soiids formation in the free solution experiments. In 

contrast to the free solution, where solids formed on the positive electrode, with the 

color clearing away from the negative electrode, here movement on the paper was 

toward the negative electrode. A total of @29% methanol was used in the free solution 

experiments, compared to 40% methanol in the paper electrophoresis experiment. This 

does not, however, account for the different behavior between the experiments. 

Conclusion 

From the results given above, it can be concluded that migration of the 

flillerenes occurs when they are solubilized by ionizable components of the solvent 

system. This conclusion comes from three observations. First, in highly resistive pure 

solvents, like carbon tetrachloride, no migration was observed. This gave the first 

indication that any charge density on the fullerenes was, by itself, not enough to 

mobilize the material in an electric field. The second observation was that movement 

can occur toward the positive or negative electrode, depending on the solvent system 

used. Finally, the extent of migration depends on the solvent mixture. It should be 

noted that part of this mixture must be an organic component in which the fullerenes 

have good solubility. 

It seems likely that differences in the extent of migration can be related to mass 

and/or size differences of the solvent sphere rather than charge differences. For most 

of the paper electrophoresis experiments, and all of the paper chromatography 

experiments, it is obvious that Cgg moves first. This provides support for the idea that 
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mass and/or size of the solvent sphere is primarily responsible for movement and 

separation. This is analogous to the technique used in protein electrophoresis where 

detergents are added to give all the proteins the same charge, then molecular sieving is 

used as the basis for the separation. If this is the case with the fullerenes, using a finer 

filter paper or gels as a solid support should improve the separation. Paper 

chromatography experiments done with finer filter paper indicated a slight increase in 

resolution, but paper of fmer porosity in the larger size needed for the electrophoresis 

experiments was not available. 
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Tabie B.L Summary of experimental conditions for supercritical fluid extraction of 
flillerenes. 

Note; temperatures and pressures are average for time indicated. 

#1; Extraction: Soot in Freon-14 

Conditions: glass micro fiber filter packet (1.5|am porosity) in wire mesh holder; 0.0214 
g soot used; soot packet dried in oven @ 80°, 2 hrs 10 min; no bath used; vent into 
benzene 

Experiment summary: 
Time 

Mixing 1 1 hr 

Sample 1 

Mixing 2 55 min 

Sample 2 

Venting 1 day 

#2; Extraction: Soot in carbon dioxide 

Conditions: glass fiber filter packet in wire mesh holder; 0.8104 g soot used; dried 
packet 2 hrs @85°; vent into benzene 

Experiment summary: 
Time Temp psi 

Mixing 2 hrs, 8 min 33.4° 1130 

Venting 29 hrs, 30 min 

Temp 
22° 

22= 

psi 
790 

750 
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Table B.I. Suimnary of experimental conditions for supercritical fluid extraction of 
fullerenes. 

#3; Extraction: Soot in carbon dioxide with methanol 

Conditions: glass fiber filter packet, packed into teflon cup with 20 ml of methanol; 
0.2469 g soot; vented from top; with stirring 

Experiment summary; 
Time Temp psi 

Mixing 1 hr, 45 min 39° 2450 

Venting 1 hr, 35 min 

#4; Extraction: Methanol blank in carbon dioxide 

Conditions: with stirring; stopped mixing during vent; in teflon liner 

Experiment summary: 
Time Temp psi 

Mixing 1 hr, 45 min 39° 2500 

Venting 4 hrs, 28 min 

#5; Extraction: Acetone blank in carbon dioxide 

Conditions: 25 ml; glass liner; vented with mixing on 

Experiment summary: 
Time Temp psi 

Mixing I hr, 40 min 42.5° 2525 

Venting 20 min 
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lable B.I. Summary of experimemai conditions for supercritical fluid extraction of 
fullerenes. 

#6; Extraction: Soot & acetone in carbon dioxide 

Conditions: 1 hour mixing, 2 hour phase sepn; top vent; glass filter packet in bottom 
of glass insert; 0.1143 g soot 

Experiment summary: 
Time Temp psi 

Mixing 1 hr 32° 2400 

Equilibrium 2 hrs 36° 2580 

Venting 48 min 

Mixing 1 hr 34° 2475 

Equilibrium 2 hrs 36° 2450 

Venting 46 min 

#7; Extraction: Toluene blank in carbon dioxide 

Conditions: 25 ml in glass liner 

Experiment summary: 
Time Temp psi 

Mixing I hr 32.5° 2450 

Equilibrium 2 hrs 32.5° 2375 

Venting 4 hrs, 13 min 
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Table B.I. Summary of experimental conditions for supercritical tluid extraction of 
fiillerenes. 

#8; Extraction: CgQ-toluene solution with carbon dioxide 

Conditions: 5 ml in glass liner; 2 extractions; stop mixing 2 hours before vent 

Experiment summary: 
Time Temp psi 

Mixing 1 hr 33° 2450 

Equilibrium 1 hr, 55 min 33° 2375 

Venting 22 min 

Mixing 1 hr 33° 2475 

Equilibrium I hr, 30 min 34° 2490 

Venting 23 min 

#9; Extraction: hexane blank with carbon dioxide 

Purpose: blank 

Experiment summary: 
Time Temp psi 

Mixing 50 min 32° 2450 

Equilibrium 2 hrs 34° 2550 

Venting 27 min 
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Table B.L Summary of experimemai conditions for supercritical fluid extraction of 
fullerenes. 
#10; Extraction: CgQ-toluene solution with carbon dioxide 
Conditions: 10 ml in glass liner; total of 5 days to extract 
Experiment simimary: 

Time Temp psi 
Mixing 1 hr 34° 2475 

Equilibrium 2 hrs 35° 2450 

Venting 2 hrs, 14 min 

Mixing 1 hr, 13 min 34° 2475 

Equilibrium 16 hrs, 8 min 20° 1400 

Venting 1 hr, 12 min 

Mixing 1 hr, 8 min 34° 2500 

Equilibrium 20 hrs, 15 min 36° 2200 

Venting 8 hrs, 5 min 

Mixing 1 hr, 10 min 39° 2450 

Equilibrium 14 hrs, 39 min 37° 2150 

Venting 1 hr, 2 min 

Mixing 2 hrs, 22 min 34° 2450 

Equilibrium 4 hrs, 4 min 35° 2450 

Venting 48 min 

Mixing 1 hr, 54 min 28° 2200 

Equlibrium 3 hrs, 22 min 30° 2250 

Venting 2 hrs, 18 min 
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Table B.L Summary of experimemai conditions for supercritical fluid extraction of 
fullerenes. 

#11; Extraction: hexane blank with carbon dioxide 

Conditions: 10 ml of hexanes in glass liner 

Experiment summary: 

Time Temp psi 

Mixing 1 hr 35° 2450 

Equilibrium 1 hr, 35 min 37° 2500 

Venting 33 min 
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Tabie B.I. Summary of experiraenlal conditions for supercriticai fluid extraction of 
flillerenes. 

#12; Extraction: C^Q-hexane solution with carbon dioxide 

Conditions: 10 ml in glass liner; 4 sequential extractions 

Experiment summary: 

Time Temp psi 

Mixing 56 min 31° 2400 

Equilibrium 1 hr, 55 min 31.5° 2500 

Venting 1 hr, 5 min 

Mixing 1 hr 31.5° 2450 

Equilibrium 2 hrs, 11 min 33° 2475 

Venting • J J mm 

Mixing 1 hr 31.5° 2450 

Equilibrium 2 hrs, 45 min 31.5° 2400 

Venting 18 min 

Mixing 1 hr 31.5° 2400 

Equilibrium 2 hrs, 37 min 33° 2500 

Venting 20 min 



Table B.L Summary of experimental conditions for supercritical fluid extraction of 
fullerenes. 

#13; Extraction; CgQ-toluene solution with carbon dioxide 

Conditions: 4 ml in tube; 0.2|am teflon filter on one end, closed on the other; 15 
sequential extractions over 5 days; no mixing; some extractions were done with 
equilibrium times as short as an hour; vented down to 800 psi after each equilibrium 
period. 
Experiment summary: 

Time Temp psi 

Equilibrium 25 min 32° 2475 

Equilibrium 1 hr, 14 min 34° 2500 

Equilibrium 1 hr, 8 min 32.5° 2400 

Equilibrium 45 min 33° 2500 

Equilibrium 25 min 33° 2475 

Equilibrium 10 hrs, 32 min 35° 2400 

Equilibriimi 46 min 33° 2500 

Equilibrium 1 hr 35° 2500 

Equilibrium 44 min 32.5° 2400 

Equilibrium 2 hrs, 19 min 35° 2500 

Equilibrium 14 hrs, 36 min 37° 2300 

Equilibrium 2 hrs, 56 min o
 

o 2200 

Equilibrium 57 min 35° 2500 

Equilibrium 17 hrs, 32 min 37° 2300 

Equilibrium 23 hrs, 12 min 36.5° 2300 
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Table B.I. Summary of experimental conditions for supercritical fluid extraction of 
flillerenes. 

#14; Extraction: solid Qg with carbon dioxide 

Conditions: 0.08g in tube with filters on both ends; 2 sequential extractions; 2 hour eq 
period for first, 1 hr 20 min for second; first vent into benzene; 2nd vent into toluene 
was lost 

Experiment summary: 

Time Temp psi 

Equilibrium 1 hr, 42 min 34.5° 2450 

Equilibrium 1 hr, 20 min 36.5° 2450 
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Table B.II. Summary of high molecular weight solvent extractions. 

Extraction g yield % yield 

3 g soot, 400 ml of 1,2,3,5-TMB 0.134 4.4 

3.4 g soot, 400 ml of quinoline 0.508 15 

3 g soot, 400 ml of 1-methylnaphthalene 0.396 12.9 

5 g 'spent soot', 200 ml of 1,2,3,5-TMB, boiled 0.14 2.79 

12.5 g soot, 300 ml of 1,2,3,5-TMB, boiled 0.30 2.40 

2 g 'spent soot', 200 ml of 1-methylnaphthalene, boiled 0.134 6.7 

3 g soot, 400 ml of l-methylnaphthalene approx. 8% 



Table B.III. Summary of high pressure toluene experiments. 
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I. Conditions: 
2 g spent soot; 200 ml toluene; no mixing 
189°,<100 psi, 5 hrs, 10 min 

Results: 
0.0020 g product (0.1%) recovery 
0.16% loss of starting material [transfer loss] 

II. Conditions: 
2 g spent soot; 200 ml toluene; no mixing 
277°, 200 psi, 1 hr, 30 min 

Results: 
0.0045 g product (0.2%) recovery 
1.2% loss of starting material [transfer loss] 

III. Conditions: 
0.86 g soot; 220 ml toluene; with mixing 
350°, 500 psi, 1 hr, then 340°, 400 psi, 4 hrs 

Results: 
0.0317 g product (3.7%) recovery 
5.6% total mass increase from starting materials 

IV. Conditions: 
0.79 g soot; 220 ml toluene; with mixing; N, purge 
305°, 250 psi, 4 hrs 

Results: 
0.0341 g product (4.3%) recovery 
5.1% total mass increase from starting material 

V. Conditions: 
0.56 g soot; 220 ml toluene; with mixing; Nj purge 
4 hrs to 350°, 500 psi, then maintain for 24 hrs 

Results: 
0.0312 g product (5.6%) recovery 
4.1% total mass increase from starting materials 
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Table B.IV. Summary of solvent propenies. 

Solvent d mp bp Dielectric conductivity 
(°C) (°C) constant (ohm"' cm"') 

ethanol 0.785 -130 78 24.3 1.35E-09 
propanol 0.804 -127 97 20.1 2E-08 
diethyl ether 0.708 -116 5 4.3 
2-butanol 0.808 -115 98 
isobutyl alcohol 0.803 -108 108 
methanol 0.791 -98 64.6 32.6 4.4E-07 
methylene chloride 1.325 -97 40 
hexanes 0.670 -95 69 1.9 
acetone 0.791 -94 56 20.7 2E-08 
toluene 0.867 -93 111 
butanol 0.810 -90 117.7 17.1 9.12E-09 
isopropanol 0.785 -89.5 82.4 
amyl benzene 0.863 -75 205 
dimethyformamide 0.944 -61 153 37.6 0.6-2E-7 
pyridine 0.978 -42 115 
3-methyl-3-pentanol 0.824 -38 123 
methoxybenzene 0.995 -37 154 4.3 7E-11 
1,2-dichioroethane 1.256 -35 83 10.4 
1,2,3-trimethylbenzene 0.894 -25 175 
pyrrole 0.967 -23 131 
carbon tetrachloride 1.594 -23 77 2.2 4E-18 
1 -methylnaphthalene 1.001 -22 241 
cyclohexylamine 0.867 -17 134 
cis-cyclooctene 0.846 -16 145 
1-octanol 0.827 -15 198 
piperidine 0.861 -13 106 
cycloheptane 0.811 -12 118.5 
2-methyl-2butanol 0.805 -12 102 
bromotrichloromethane 2.012 -6 105 
cyclopentadiene, dimer 0.986 -1 170 
water 1.000 0 100 80.4 0.5-7E-7 
N,N-dimethyIaniline 0.956 1.5 193 
4-picoline 0.957 2.4 145 
benzyl ether 1.043 3.5 298 
benzene 0.874 5 80 2.3 
methylene iodide 2.280 6 181 
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Table B.iV. Summary of soivent properties. 

Solvent d mp bp Dielectric 
(°C) (°C) constant 

cyclohexylbenzene 0.95 6 239 
cyclohexane 0.779 7 80 2.0 
decyl alcohol 0.829 7 231 
bromoform 2.894 8.3 150 
ethylene diamine 0.899 8.5 118 
1,2-dibromoethane 2.180 9 131 
1,4-dioxane 1.034 11.8 100 
p-xylene 0.866 12 138 
cyclooctane 0.834 13 151 
1,2-dimethoxybenzene 1.084 15 206 
acetic acid, glacial 1.049 16.2 116 
t-butyl alcohol 0.786 25 83 10.9 
phenyl ether 1.073 27 259 3.7 
phenol 1.071 43 182 
naphthalene 80 217 

,-i 



Table B.V. Solubility of fuiierenes in various solvents. 

Solvent Sol'y g/ml 
tried 

ethanol si s 3.25E-04 
diethyl ether ns 
methanol ns 
hexanes ms 3.50E-04 
acetone si s 
toluene s 
butanol ms 2.25E-04 
isopropanol si s 2.25E-04 
dimethyformamide si s 5.25E-04 
methoxybenzene s 8.75E-04 
1,2-dichloroethane ms 3.00E-04 
carbon tetrachloride s 8.25E-04 
1-octanol ms 2.50E-04 
water ns 
N,N-dimethylaniline s 1.75E-04 
benzene s 9.25E-04 
cyclohexane s 4.75E-04 
1,4-dioxane si s 0.00025 
p-xylene vs 6.00E-04 
t-butyl alcohol si s 4.00E-04 
phenyl ether vs 0.00145 
phenol vs 
naphthalene vs 

vs = very soluble 
s = soluble 

ms = moderately soluble 
si s = slightly soluble 

ns = not soluble 
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Table B.Vi. Summary of UV-vis absorption bands (in nm) for in various 
solvents. 

1 2 3 4 5 6 7 8 9 10 11 12 13 

310 - 270 230 250 - 290 350 230 266 310 

C60 

521 
598 596 596 596 596 596 
591 594 592 590 594 590 590 
568 
540 
492 
408 408 406 406 
404 404 406 404 404 404 404 406 404 404 404 
396 
391 390 
377 
365 
328 330 330 330 330 328 334 328 330 326 334 
256 256 256 256 256 256 256 
227 228 
211 218 

C70 

637 640 636 636 640 636 
624 
610 610 
600 
594 
544 
469 472 470 470 470 470 470 472 464 466 470 
378 380 378 378 378 378 378 382 378 378 378 
359 360 360 360 360 360 
331 
313 
236 
215 216 

Column Headings 
1. Peaks observed by Ajie et al., 1990 in n-hexane solution 
2. experimental solution in phenyl ether 
3 . experimental solution in 1-octanol 
4. experimental solution in carbon tetrachloride 
5. experimental solution in 1,2-dichloroethane 
6. experimental solution in 1,4-dioxane 
7. experimental solution in hexanes 
8. experimental solution in p-xylene 
9. experimental solution in in N,N-dimethylanaline 
10. experimental solution in cyclohexane 
11. experimental solution in dimethylformamide 
12. experimental solution in methanol 
13. experimental solution in methoxybenzene 
Note; UV cutoff wavelength for the solvent is given below column number. 
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Table B.II. Ratio of a C70 absorption band (470 nm) to a Cgg absorption band (4U4 
nm) in various solvents. 

470nm:404nm Dielectric 
Solvent (± 0.02) constant 

t-butyl alcohol 1.10 10.9 
1-butanol 1.09 17.1 
1,2-dichloroethane 1.02 10.4 
ethanol 0.98 24.3 
dimethylformamide 0.94 37.6 
carbontetrachloride 0.90 2.2 
benzene 0.89 2.3 
cyclohexane 0.86 2.0 
phenyl ether 0.68 3.7 
methoxybenzene 0.54 4.3 
hexanes 0.53 1.9 



Table 18-VIII. Summary of free solution electrophoresis experiments. 

Group I. Fullercne solution alone or layered with pure solvent 

Sample-solvent system 
A. DMF 
B. Carbon tetrachloride 
C. 1-butanol 
D. Cyclohexane-cyclohexane 
E. Anisole-anisole 

Group II. Fullerene solution layered with ionic solvent system 

A. Cyclohexane-methanol 
B. DMF-methanol 
C. DMF-methanol/DMF/methylamine hydrochloride 
D. Anisole-tetrabutylammonium tetrafluoroborate in anisole 
E. Anisole-anisole/acetic acid/water (70:29:1) 
F. Benzene-anisole/acetic acid (30:70) 
G. Anisole-anisole/acetic acid (30:70) 
H. Cyclohexane-cyclohexane/acetic acid (70:30) 
I. Benzene-benzene/acetic acid (70:30) 

Group III. Fullerene solution with ionic material mixed in 

A. Cyclohexane/tetrabutylammonium fluoroborate 
B. Benzene/SDS/benzene/acetic acid (70:30) 
C. Benzene/CPC/benzene/acetic acid (70:30) 

Voltage 
300 
300 
300 

300-400 
400 

Time 
(hours:min.) 

3:4 
5:35 
3:45 

23:27 
20:23 

300 
300,1500,1500 

300 
400 
400 
400 
1500 
1500 
1500 

9:0 
19:38, 9.9, 54.45 

2:50 
22:40 
25:10 
74:57 
24:0 
22:10 
51:40 

620 
1000 
1000 

45:52 
24:35 
24:30 



Table B-VIII. Summary of free solution electrophoresis experiments. 

Group IV. Fullerene ionic solution layered >vith ionic solvent system 

Time 
Sample-solvent system Voltage (hours:min.) 
A. Anisole/solvent mix-anisole/acetic acid/water (70:29:1) 300,400 68:43, 46:8 
B. Cyclohexane/solvent mix-cyclohexane/acetic acid (70:30) 1500 22:0 
C. Benzene/solvent mix-benzene/acetic acid (50:50) 1500 24:5 
D. Benzene/SDS/benzene/acetic acid (70:30)-benzene/acetic acid (70:30) 1000 20:5 
E. Benzene/CPC/benzene/acetic acid (70:30)-benzene/acetic acid (70:30) 1000 19:54 

Group V. Fullerene solution with mixed solvent system 

A. Cyclohexane/DMF (50:50) 1460 9:35 

Note: Dash indicates separation of phases; first phase listed is fullerene solution. 

lO N) -p>. 



Table IX. Summary of paper electrophoresis experimental conditions. 

Time 
Mobile phase ElectrodesVoltage (hours:min.) 

1 acetic acid/anisole (70:30) Ag 1000 42:35 

2 acetic acid/anisole (70:30) Ag 1460 73:55 

3 DMF Ag 1460 20:2 

4 cyclohexane/acetic acid (70:30) Ag 1460 20:25 

5 cyclohexane/acetic acid (30:70) Ag 1460 46:30 

6 benzene/acetic acid (70:30) Pt 1500 96:25 

7 benzene/acetic acid (70:30) Ag 1460 78:10 

8 benzene/acetic acid (30:70) Pt 1500 214:50 

9 0.025 g/ml sodium dodecyl sulfate (70%) in water Ag 1460 45 

10 0.025 g/ml SDS in benzene/acetic acid (30:70) Ag 1460 93:58 

11 0.025 g/ml SDS in benzene/acetic acid (50:50) in NEC chamber, 5 ml of 
benzene/acetic acid (50:50) in POS chamber Pt 1500 54:38 
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Table IX. Summary of paper electrophoresis experimental conditions. 

24 5X10'^ g/ml CPC in benzene/acetic acid (70:30) in NEG chamber, 5 ml of 
benzene/acetic acid (70:30) in POS chamber Ft 1500 54:17 

25 5X10'^ g/ml sodium acetate in benzene/acetic acid (50:50) in NEG chamber, 5 ml of 
benzene/acetic acid (50:50) in POS Pt 1500 73:53 

26 5X10"^ g/ml sodium propionate in benzene/acetic acid (50:50) in NEG, 5 ml of 
benzene/acetic acid (50:50) in POS Pt 1500 73:51 

27 Methanol/DMF (40:60) Pt 1500 28:20 

28 4X10'^ g/ml SDS in benzene/acetone/water (25:67:8) in NEG chamber, 5 ml of 
benzene/acetone/water (25:67:8) in POS Pt 1500 8:50 

29 Benzoic acid-sodium carbonate in DMF Pt 1500 9:28 

Note: Acetic acid component was added as concentrated acid. 

to 
to 
o\ 



Table IX. Summary of paper electrophoresis experimental conditions. 

12 0.025 g/ml SDS in benzene/acetic acid (50:50) in NEG chamber, 5 ml of 
benzene/acetic acid (50:50) in POS chamber Ag 1460 72:3 

13 0.0099 g/ml CPC in benzene/acetic acid (50:50) in NEG chamber, 5 ml of 
benzene/acetic acid (50:50) in POS chamber Pt 1500 69:42 

14 0.023 g/ml CPC in benzene/acetone (50:50) in NEG chamber, 5 ml of 
benzene/acetone (50:50) in POS chamber Pt 1500 7:50 

15 2.3x10"'' g/ml CPC in benzene/acetone (30:70) in POS chamber, 5 ml of 
benzene/acetone (30:70) in NEG chamber Pt 1500 6:35 

16 9.6x10"^ g/ml CPC in benzene/acetone (50:50) in POS chamber, 5 ml of 
benzene/acetone (50:50) in NEG chamber Ag 1460 3:48 

17 0.025 g/ml SDS in water into NEG chamber, 5 ml of water in POS chamber Pt 100 47:40 

18 0.025 g/ml CPC in water in POS chamber, 5 ml of water in NEG chamber Pt 100 47:28 

19 0.0025 g/ml CPC in water/acetone (25:75) Pt 300 21:35 

20 0.0025 g/ml SDS in water/acetone (25:75) Pt 300 21:5 

21 0.025 g/ml SDS in methanol Pt 100 28:40 

22 0.025 g/ml CPC in methanol Pt 100 28:49 

23 5X10'^ g/ml SDS in benzene/acetic acid (70:30) in NEG chamber, 5 ml of 
benzene/acetic acid (70:30) in POS chamber Pt 1500 54:18 
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Tabic B.X. Observations on free solution electrophoresis experiments by category. 

I.A. solids form on POS electrode, clears away from NEG electrode 
LB. nothing happened 
I.e. minuscule solids at POS side 
I.D. uniform diffusion between layers 
I.E. uniform diffusion between layers 

II.A. soln clears around NEG electrode; small clumps form in NEG electrode side, 
eventually moving to the boundary 

II.B. solids form on the POS electrode, rest of the solution clears 
II.C. small clumps form in fiallerene phase 
II.D. uniform diffusion, POS electrode discolored slightly 
II.E. solids form near boundary on NEG side, no diffusion into clear solution 
II.F. dark band forms near boundary on NEG side, eventually diffused within its 

layer, but no diffusion into clear solution 
II.G. solids form near boundary on NEG side, fall down into clear solution 
II.H. no results, no diffusion into clear region 
ILL no observed movement or solids formation 

III.A, solids form on NEG electrode 
III.B. small amount of solids form on tip of NEG electrode 
III.C. no results 

IV.A. some diffusion of color through clear solution to POS side; solids clumped 
around NEG electrode; when sample is started at POS side only result is 
uniform distribution of color throughout the tube 

IV.B. no results, no visible diffusion into clear solution 
IV.C. solids form at boundary, fall into clear region; isolated & appear enriched in 

^70 
IV.D. possible trace of solids formed at interface of solutions 
IV.E. no results, no visible diffusion into clear solution 

V.A. some of the color of the DMF soln moves toward the NEG electrode, forming 
clear zone (solns had separated into layers) 
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Tabie B.XI. Suiimiaiy of paper electrophoresis results. 

SPOTTING SOLUTION, starting composition 

Peak ratios for; 334:382 334:362 334:470 
2.25 2.18 4.76 

6. Peak ratios for,-
Distance (cm) 
15-20 
20-25 
25-30 
chan±)er 

334 :382 334:362 334 :470 

1 .48 1.59 2 .69 
2 .03 2 .14 4 .53 
2 .05 2 .05 4 .09 
2 .66 2.33 7 . 00 

7. Peak ratios for; 
Time 
11:25, 7/8 
20:07, 7/9 
8:18, 7/10 
11:50, 7/10 
17:01, 7/10 
8:45, 7/11 
13:20, 7/11 
15:50, 7/11 

334 :382 334:362 334 :470 

baseline 
baseline 

2 .45 2.20 5 .17 
2 .55 2.37 5 .65 
2 .59 2.45 5 .80 
2 .30 2.18 5 .18 
2 .28 2.11 4 .96 
2 .30 2.15 5 .05 

8. Peak ratios for; 
Distance (cm) 

0 - 8  

8-9.5 
9.5-14.8 
14.8-20.2 
20.2-25.2 
25 .2-30 

334 :382 334 :362 334 :470 

1 .33 1 .60 2 .00 featureless 
1 .95 1 .99 3 .91 
1 .83 1 .57 2 .75 
1 .38 1 .50 2 .00 
1 .83 2 .00 3 .14 
1 .33 1 .60 2 .00 baseline 

10. Peak ratios for; 
Distance (cm) 

0-7.5 
7.5-8.5 
8.5-11.5 
11.5-14.5 
14.5-16 
16-17.5 
17.5-19 
19-20 
20-21 
21-22 

23-24 
24-25 

334:382 334:362 334:470 

No Peaks 
1.98 2.02 

baseline 
baseline 
baseline 
baseline 
baseline 
baseline 

2.06 1.72 
2.78 2.39 
2.22 1.75 

baseline 

4 .03 

3 .81 
7 .01 
3 . 78 
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TabXd B.XX. Summary of paper clectropiiorcsis results. 

11. Peak ratios for; 
Distance (cm) 

0-7.4 
7.4-8.6 
8.5-11.3 
11.3-14 
14-16.1 
16.1-18.3 
18 .3-20 .2 
20.2-22.7 
22.7-25 

334:382 334:362 334 :470 

1.24 1.06 1 .49 featureless 
1.75 1.87 3 .54 
2.57 4.40 baseline 
1.56 1.56 3 .57 
1.92 1.84 4 .81 
1.66 1.79 3 . 11 
1.84 1.90 3 .21 
1.73 1.92 2 .71 
1.42 1.57 2 . 19 

Peak ratios for; 
Time 
10:10, 7/15 
12:25, 7/15 
16:53, 7/15 
8:15, 7/16 
16:02, 7/16 
18:53, 7/16 
8:44, 7/17 
11:53, 7/17 
16:01, 7/17 

334:382 334:362 334:470 

baseline 
baseline 

16.4 1.91 baseline 
2.95 2.14 6.33 
2.52 2.15 5.74 
2.69 2.34 8.04 
2.26 1.95 7.14 
2.25 1.94 6.33 
2.24 1.94 6.15 

12. Peak ratios for; 
Distance (cm) 

0-7.6 
7.6-8.7 
8.7-14.9 
14.9-18.9 
18.9-21 
21-22 

22-23.1 
22.1-25 

Peak ratios for; 
Time 
9:43, 7/22 
13:17, 7/22 
16:59, 7/22 
8:19, 7/23 
12:24, 7/23 
15:33, 7/23 
18:19, 7/23 
8:31, 7/24 
12:31, 7/24 
18:00, 7/24 
8:19, 7/25 

334:382 334:362 334:470 

1.61 

1.47 
1.52 
1.68 

1.30 

328 :378 

featureless 
1.54 

featureless 
1.29 
1.54 
1.63 

baseline 

328 :360 

3.12 

2 .42 
2 . 6 6  
2 . 76 

1.43 baseline 

8 :470 

baseline 
baseline 
baseline 

2.80 2.31 5.16 
2.61 2.16 4.52 
2.95 2.44 6.77 
2.66 2.28 5.32 
2.77 2.42 6.88 
2.69 2.32 6.23 
2.77 2.36 7.12 
2.44 2.11 5.06 



Tzujle B.XI. Summary of paper electrophoresis results. 

13. Peak ratios for; 
Distance (cm) 

0-7 
7-9 
9-12 
12-15 
15-18 
18-21 

21-23 
23-25 

Peak ratios for; 
Time 
12:28, 7/23 
15:30, 7/23 
8:36, 7/24 
12:35, 7/24 
18:05, 7/24 
8:24, 7/25 
13:16, 7/25 
16:16, 7/25 
8:33, 7/26 

334 :382 334:364 334 :470 

2 .78 2 .56 7 .19 
1 .84 1.89 3 .89 
2 .40 2.10 6 .00 
1 .85 1.48 5 .42 
1 .54 1.56 2 .85 

baseline 
baseline 
baseline 

328 :378 328 :360 328 :470 

baseline 
baseline 

1.24 

1 .82 1.51 3 .42 
1 .85 1.51 3 .47 
2 .31 1.82 6 .93 

featureless 

14. Peak ratios for; 
Time 
11:35, 7/24 
14:45, 7/24 
15:00, 7/24 
17:06, 7/24 

334 :382 334 :362 334 470 

1 .15 1 .17 1 55 
1 .64 1 .64 2 62 
2 .30 1 .96 4 10 
2 .16 1 .82 3 50 

15. Peak ratios for; 
Distance (cm) from POS 

0-8.3 
8.3-9.9 
9.9-13 .2 
13.2-16.1 
16.1-19 
19-22 
22-25 
25-27 . 9 
27.9-30 

Peak ratios for; 
Time 
11:18, 7/25 POS 
11:20, 7/25 NEG 
13:25, 7/25 POS 
13:28, 7/25 NEG 
16:01, 7/25 NEG 

332 :382 332:364 332 470 

baseline 
1 .56 1.51 2 08 

flat 
baseline 
baseline 
baseline 
baseline 
baseline 
baseline 

334 :380 334 :362 334 470 

broad @3 98 
baseline 
broad @3 98 

2 .48 2 .44 3 63 
2 .39 2.22 4 01 



Table B.XI. Summary of paper electrophoresis results. 

16. Peak ratios for; 334 :382 334:362 334 :470 
Distance (cm) from POS Distance (cm) from POS 

0-7 baseline 
7-9 baseline 
9-12 baseline 
12-15 baseline 
15-18 2 .10 1.56 2.85 
18-21 1 .86 1.89 3 .84 
21-22.9 1 .88 1.81 3 .50 
22.9-25 2 .63 2 .84 18 .9 

Peak ratios for; 
Time 
13:38, 7/25 POS 
13:40, 7/25 NEG 
15:47, 7/25 NEG 

334:382 334:362 334:470 

baseline 
baseline 

neg abs but peaks visible 

17. Peak ratios for; 
Distance (cm) from NEG 

0 - 2  

2-7.4 
7.4-8.S 
8.6-16.7 
15.7-25 

334 :382 334:362 334 470 

baseline 
baseline 

2 .20 2 .15 4 55 
baseline 
baseline 

18. Peak ratios for; 
Distance (cm) from POS 

0-3 
3-7.3 
7.3-8.6 
8.6-1S.8 
16 .8-25 

334 :382 334:362 334 :470 

baseline 
baseline 

2 .22 2 .16 4 61 
baseline 
baseline 

19. Peak ratios for; 
Distance (cm) from POS 

0-7.3 
7.3-8.6 
8.6-14 
14-19.5 
19.5-25 

334:382 334:362 334 :470 

baseline 
2.23 2.17 4.76 

broad @366nm w/ spike @362 
baseline 

broad @386, otherwise none 

20. Peak ratios for; 
Distance (cm) from NEG 

0 - 2  

2-5 
5-7.6 
7.6-8.8 
8.8-16.9 
16 .9-25 

334 :382 334:362 334 :470 

baseline 
baseline 
baseline 

2 . 17 2 .09 4 47 
baseline 
baseline 



Table B.XX. Summary of paper eleccrophoresis results. 

21. Peak ratios for; 
Distance (cm) from NEG 

0-5.8 
5.8-7.3 
7.3-8.5 
8.5-14 
14-19.8 
19.8-25 

334 :382 334:364 334 :470 

baseline 
baseline 

2 .22 2.19 4 .57 
baseline 
baseline 
baseline 

22. Peak ratios for; 
Distance (cm) from POS 

0-7.2 
7.2-8.6 
8.6-11.9 
11.9-16.1 
16.1-20.5 
20.5-25 

334:382 334 :364 334 470 

baseline 
2.20 2 .12 4 61 
featureless. sloping up to 280 
featureless. sloping up to 280 
featureless. sloping up to 280 
featureless. sloping up to 280 

23. Peak ratios for; 
Distance (cm) 

0-7.1 
7.1-8.7 
8.7-14.1 
14.1-19.2 
19.2-21.8 
21.8-25 

334 :380 334 :360 334 470 

baseline 
baseline 
baseline 
baseline 

1 .61 1.56 2 21 
1 .67 1.72 2 78 

Peak ratios for; 
Time 
10 :01, 8/7 POS 
11 :46, 8/7 POS 
19 :04, 8/7 POS 
8 :10, 8/8 POS 
11 :38, 8/8 POS 
19 :15, 8/8 POS 
6 :45, 8/9 POS 
10 :00, 8/9 POS 
12 :18, 8/9 POS 
15 :51, 8/9 POS 
10 :04, 8/7 NEG 
13 :48, 8/7 NEG 
19 :07, 8/7 NEG 
8 :13, 8/8 NEG 
11 :42, 8/8 NEG 
19 :25, 8/8 NEG 
6 -.47, 8/9 NEG 
10 :02, 8/9 NEG 
12 :21, 8/9 NEG 
15 :55, 8/9 NEG 

332:378 332:360 332:470 

no distinguishable peaks 
no distinguishable peaks 
no distinguishcLble peaks 
no distinguishable peaks 
no distinguishable peaks 
1.46(326) 1.24 2.09 
1.87 1.66(362) 3.01 
2.26 2.04 5.04 
2.35(330) 2.16 5.52 
2.35(330) 2.17 5.46 
no distinguishable peaks 
no distinguishable peaks 
small shoulders @362,378,342,326 

same 
same 
same 
same 
same 
same 
same 
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Teible B.XX. Summary or paper electrophoresis results. 
24. Peak ratios for; 334 :382 334:362 334 :470 
Distance (cm) from POS Distance (cm) from POS 

0-2 baseline 
2-3.5 2 .30 2.07 4 .46 
3.5-5.1 2 .62 2.42 5 .50 
5.1-6.5 2 .35 2.14 4 .71 
6.5-7.5 1 .74 1.73 2 .35 
7.5-8.5 1 .72 1.84 3 .26 
8.5-10 baseline 
10-16.9 baseline 
16.9-25 baseline 

Peak ratios for; 
Time 
10 :09, 8/7 POS 
13 :43, 8/7 POS 
19 :14, 8/7 POS 
8 :20, 8/8 POS 
11 :34, 8/8 POS 
19 :31, 8/8 POS 
6 :52, 8/9 POS 
9 :57, 8/9 POS 
12 :28, 8/9 POS 
16 :01, 8/9 POS 
10 :06, 8/7 NEG 
13 :41, 8/7 NEG 
19 :11, 8/7 NEG 
8 :17, 8/8 NEG 
11 :32, 8/8 NEG 
19 :28, 8/8 NEG 
6 :50, 8/9 NEG 
9 :55, 8/9 NEG 
12 :25, 8/9 NEG 
15 :59, 8/9 NEG 

334:378 334:362 334:470 

baseline 
baseline 

broad @ 364 
broad @ 364 
broad @ 364 
broad @ 364 
broad @ 364 
broad @ 364 
broad @ 364 
broad @ 364 

baseline 
baseline 
baseline 
baseline 
baseline 
baseline 
baseline 
baseline 
baseline 
baseline 

25. Peak ratios for,-
Distance (cm) 

0-7.6 
7.6-8.5 
8.5-14 
14-19.4 
19.4-25 

334 382 334 362 334 470 

1 68 1 74 3 06 
1 59 2 01 3 44 
1 40 1 54 2 19 
1 39 1 62 2 11 

Peak ratios for; 
Time 
11; :32, 8/12 POS 
18 ; :08, 8/12 POS 
8 : :33, 8/13 POS 
13 ; :15, 8/13 POS 
15 ; :54, 8/13 POS 
20 ; :02, 8/13 POS 
7 ; :25, 8/14 POS 
12 : :08, 8/14 POS 
15 : :40, 8/14 POS 
19; :10, 8/14 POS 
7 :45, 8/15 POS 
10 : :43, 8/15 POS 

328:378 328:360 328:470 

3 , .95 - 22.6 
2 , .28 2.69 6.13 
2 , .59 2.20 6.17 
2 , .61 2.24 6.96 
2. .11 1.77 6.10 
2, .34 1.87 10.5 
2 , .24 1.78 8 .43 
2, .32 1.76 9.63 

featureless 
featureless 



Table B.XI. SununaiTy of papeir clcctiiroplioiresi.s ^results. 

26. Peak ratios for; 
Distance (cm) 

0-7.4 
7.4-8.5 
8.5-14.1 
14.4-19.5 
19.5-25 

328 :378 328 :360 328 470 

1.72 1 .64 2 79 
1.69 2 .61 7 40 
1.51 1 .36 2 23 
1.76 1 . 84 2 90 

Peak ratios for; 334 378 334:362 334 :470 
Time Time 
11:38, 8/12 POS - - -

18:03, 8/12 POS - - -

8 :38, 8/13 POS - - -

13:10, 8/13 POS - - -

16:00, 8/13 POS 2. 16 - 4 .43 
19:55, 8/13 POS 1. 98 - 3.06 
7:32, 8/14 POS 2. 08 - 10 .5 
12:04, 8/14 POS 2. 11 1.79 7.26 
15:43, 8/14 POS 2. 09 1.34 10 . 7 
19:14, 8/14 POS 1. 61 1.93 7.21 
7:51, 8/15 POS featureless 
10 :39, 8/15 POS featureless 

27. Peak ratios for; 
Distance from NEG (cm) 

0-2.5 
2.5-5.1 
5.1-7.4 
7.4-8.4 
8.4-13.7 
13.7-19.3 
19.3-25 

Peak ratios for; 
Time 
14:22, 8/15 NEG 
17:58, 8/15 NEG 
7:48, 8/16 NEG 
12:43, 8/16 NEG 
16:49, 8/16 NEG 

334 :382 334:364 334 :470 

baseline 
baseline 
baseline 

1 VO
 
o
 

1.86 3 70 
baseline 
baseline 
baseline 

328 :378 328:362 328 470 

3 .19 
-

8 29 
2 .49 - 6 31 
2 . 11 - 4 70 
0 .0363 a.u. at 330 nm 

28. Peak ratios for; 
Distance from NEG (cm) 

0-2.5 
2.5-4.5 
4.5-6.3 
6.3-7.3 
7.4-8.5 
8.5-11 
11-13.8 
13.8-17.4 
17.4-20.7 
20.7-25 

334:382 334:364 334:470 

baseline 
smooth slope up to cut-off 
smooth slope up to cut-off 
slight shoulder at 334 nm 
1.82 1.85 3.51 
2.01 1.80 3.74 
2.60 2.18 5.88 
2.21 1.91 3.38 

no peaks 
slight shoulder at 324 nm 
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7able B.XI. ijununary or paper execcropnoresxs resuj.cs. 

29. Peak ratios for; 
Distance from NEG (cm) 

0-4 
4-7.4 
7.4-8.5 
8.6-1S.9 
16.9-25 

334: 380 334:364 334 470 

baseline 
baseline 

1. 90 1.78 2 94 
baseline 
baseline 

Peak ratios for; 
Time 
11:06, 8/27 NEG 
12:32, 8/27 NEG 
14:28, 8/27 NEG 
16:31, 8/27 NEG 
17:34, 8/27 NEG 

330 :378 330:364 330:470 

5 .74 4.09 _ 

2 .81 2.15 6.68 
2 .45 2.09 5.28 
2 .41 1.62 4.21 
0 .059 a. u. broad <s 5 326 nm 
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Tcible B.XII. Summary of paper chromatography results. 

1. Elution with benzene/acetic acid (70:30) for 2 min. 
#41 filter paper 

Peak ratios for; 
Distance (cm) 

0-3 
3-4 
4-5 
5-6 

334 :382 334 :362 334 :470 

1.77 1 .88 3 .41 
2.19 2 .17 4 .26 
2 .42 2 .29 4 .90 
2 .79 2 .50 6 .43 

2. Elution with benzene/acetic acid (70:30) for 50 sec. 
#41 filter paper 

Peak ratios for; 
Distance (cm) 

0-3 
3-5 

3. Elution with benzene/acetic acid (50:50) for 2 min. 
#41 filter paper 

334 :382 334 :362 334 :470 

1 .95 1 97 3 .83 
2 .65 2 34 5 .39 

Peak ratios for; 
Distance (cm) 

0-3 
3-4 
4-5 

334 :382 334 :362 334 :470 

2 .05 2 . 06 4 .14 
2 . 90 2 .51 6 .83 
3 .55 2 .71 8 .56 

4. Elution with benzene for 6 min. 
#41 filter paper 

Peak ratios for; 
Distance (cm) 

0-3 
3-5 

(baseline) 
5-7 
7-8 
8-9 

334 :382 334 :362 334 :470 

No Peaks 
2 .71 2 .55 5.81 

1.82 1 . 91 3 .63 
2.21 2 .15 4 .65 
2.62 3 .18 8 .05 

Note: Ratios for spotting solution; 334:382 = 2.25, 334:363 = 2.18, 
334:470 = 4.76. 
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Table B.XII. aummairy or paper cnromatograpny resuxcs, 

5. Elution with hexane for 2 min. 
#41 filter paper 

Peak ratios for; 
Distance (cm) 

0-3 
3-7 

334 :382 334 :362 334 :470 

2 .11 2 . 14 4 .53 
3 .28 2 .79 7 . 90 

6. Elution with benzene/HOAc (50:50) for 10 min, 
#50 filter paper 

Peak ratios for; 
Distance (cm) 

0-3 
3-4 
4-5 

334 :382 334 :362 334 :470 

2 .20 2 . 16 4 .71 
5 .77 4 . 14 

-

7. Elution with benzene/HOAc (70:30)for 10 min. 
#50 filter paper 

Peak ratios for; 334 :382 334 :362 334 :470 
Distance (cm) Distance (cm) 

0-3 2 .04 1 . 99 4 .14 
3-4 3 .03 2 .69 8 . 01 
4-5 3 . 83 3 . 06 14 .1 

8. Elution with benzene/HOAc (70:3 0) for 4 min. 
#3 filter paper 

Peak ratios for; 334 :382 334 :362 334 :470 
Distance (cm) Distance (cm) 

0-3 1 .68 1 . 81 3 .39 
3-4 1 .96 2 . 05 4 .26 
4-5 2 .26 2 .22 4 .89 
5-6 2 .84 2 .53 6 . 64 

Note: Ratios for spotting solution; 334:382 = 2.25, 334:363 = 
2.18, 334:470 = 4.76. 



239 

Table B.XII. Summary of paper chromatography results. 

9. Elution with benzene/HOAc (50:50) for 4 min. 
#3 filter paper 

Peak ratios 
Distance (cm) 

0-3 
3-4 
4-5.5 

for; 334 :382 334 :362 334 : 470 Peak ratios 
Distance (cm) 

0-3 
3-4 
4-5.5 

1 
2 
2 

. 94 

.48 

.62 

2 . 01 
2.34 
3 . 01 

4 . 
5 . 
6. 

06 
52 
77 

10. Elution with 
#5 filter paper 

benzene/HOAc (50 :50) for 10 min. 

Peak ratios 
Distance (cm) 

0-3 
3-4 
4-5.5 

for; 334 :382 334 :362 334 : 470 Peak ratios 
Distance (cm) 

0-3 
3-4 
4-5.5 

2 
3 
4 

. 10 

. 02 

.08 

2 . 09 
2 . 68 
3 . 01 

4 . 
7. 
13 

37 
11 
.4 

11. Elution with 
#5 filter paper 

benzene/HOAc (70 :30) for 10 min. 

Peak ratios 
Distance (cm) 

0-3 
3-4 
4-5 
5-6 

for; 334 :382 334 :362 334: 470 Peak ratios 
Distance (cm) 

0-3 
3-4 
4-5 
5-6 

1 
2 
2 
3 

. 67 

.23 

.75 

. 55 

1.79 
2.29 
2 . 50 
2 . 77 

3 . 
4 . 
6 . 
12 

01 
80 
45 
. 0 

Note: Ratios for spotting solution; 334:382 = 2.25, 334:363 = 
2.18, 334:470 = 4.76. 
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Figure B.l. UV-visible spectrum of fxillerenes in benzene. 
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Figure B.2. UV-visible spectrum of supercritical fluid extract of soot in ben2ene. 



242 

.v^ntqnios 

Figure B.3. Correlation of solubility of flillerenes to dielectric constant of solvent. 
Rating; 5 is most soluble, 1 is least soluble. 
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Figure B.4. UV-visible absorption spectrum of touene washed material obtained 
from 1,2,3,5-tetramethyIbenzene extraction of'spent soot' (in hexanes). 
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Figure B.5. UV-visible absorption spectrum of toluene washed material obtainec 
from 1-methylnaphthalene extraction of 'spent soot' (in hexanes). 
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Figure B.6. Infra-red spectra of solids obtained from 1-
methylnaphthalene extraction of 'spent soot'; a. before 
toluene wash b. after toluene wash c. reference spectrum of 1-
methylnaphthalene (Merck FT-IR Atlas, 1988). 
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Figure B.7. UV-visible spectra of solids obtained from 1-methylnaphthalene 
extraction of soot a. methanol wash b. acetone wash. 
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Figure B.8. UV-visible spectra of solids obtained from 1-methylnaphthalene 
extraction of soot, after vacuum heat treatment a. methanol wash b. acetone wash. 
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Introduction 

The anti-tumor compound taxol occurs naturally in the leaves, stems, and bark of 

members of the genus Taxus, commonly known as yew trees and shrubs. Conventional 

extraction procedures, such as that described by Witherup et al. (1990), are time 

consuming and require large quantities of solvents. The use of supercritical carbon 

dioxide for the extraction of high molecular weight compounds from natural products 

is well known, and the benefits of the procedure have been noted previously {e.g. 

Schaeffer et al., 1988, 1989). Among the most important advantages are; efficiency 

compared to conventional solvents, low toxicity and low cost of carbon dioxide, and 

mild temperature conditions. Jennings et al. (1992) have reported that taxol could be 

extracted from the bark of yew trees using supercritical carbon dioxide. There is 

interest in extracting this compound from the stems and leaves of yew shrubs, since 

these can be cultivated as a renewable source. However, extraction from the leaves 

poses the additional problems of co-extraction of chlorophyll and large amounts of 

resinous and/or fatty acids. Chlorophyll is not known to be soluble in supercritical 

carbon dioxide (Polak et al., 1989) but the solubility of fatty acids in this solvent is well 

documented {e.g. Demirbas, 1991; Ikushima et al., 1992; Zou et al., 1989; Lee & Peart, 

1992). 
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Experimentai 

The apparatus used for these experiments is the same as described in appendix A 

and shown in Figure A-1. For some experiments, a 9 cm long x 0.9 cm i.d. absorption 

tube, packed with diatomaceous earth [Baker] or silica gel-G, 10-22A [Applied Science 

Laboratories] and glass wool plugs, was incorporated as part of the vent line. A dry 

1 liter flask was used as the first trap. The second trap was a 125 ml flask with 100 

ml of methanol in it. This serves as a visual indication of the flow rate of the venting 

gas. A third trap was a dry I liter flask. This equipment has been used previously for 

a wide variety of experiments. The presence or absence of contaminants was assessed 

by extracting a series of methanol blanks [EM reagent grade] with supercritical carbon 

dioxide. It was found that the intensifier used to compress the carbon dioxide 

introduced traces of pump oil. In order to prevent this, the use of the intensifier was 

abandoned. Subsequently, the carbon dioxide was brought to supercritical conditions 

by drawing the liquid directly into the autoclave at a low temperature, then warming 

it to the critical temperature. A major limitation to this method is that pressures cannot 

be exactly reproduced from one experiment to another. Coleman Instrument grade 

carbon dioxide (99.99% liquid phase, Alphagaz/Liquid Air), drawn through a 13x 

molecular sieve filter, was used as a flirther precaution against oil contamination. 

Freeze dried leaves and stems of Taxus baccata were weighed on an aluminum 

tray and transferred to the autoclave. Two experiments involved extraction of the resin 

obtained by conventional solvent extraction of the raffinate from supercritical carbon 
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dioxide extractions. In this case the resin was sandwiched between filter paper 

[Whatman #40] or glass fiber filter paper [Whatman GF/A]. Modifier was added (if 

used) and the autoclave was sealed and filled with liquid carbon dioxide. The vent 

valve was then opened until a few drops of liquid carbon dioxide were expelled. This 

was done to purge air without loss of modifier or sample. A dry ice/acetone bath was 

then placed around the autoclave to draw in more carbon dioxide. At the appropriate 

time, the carbon dioxide source was shut off, and the dry ice bath was removed and 

replaced with a heated water bath. The stirrer was started when the critical temperature 

(31°) was reached, and this marked the begirming of the extraction time. The valve 

heater was turned on during the extraction. At the end of the extraction time, the stirrer 

was shut off and venting started. 

The material trapped in the dry flask was taken up in portions of dichloromethane 

[reagent grade]. The solvent was then evaporated by placing the solution in a 

concentration tube under a gentle stream of nitrogen. The resulting crude extract was 

then weighed. Although the mass was constant during weighing, the resinous 

appearance of the extract indicated the possible presence of residual solvent. A portion 

of this resin was then weighed into a I or 2 ml volumetric flask and methanol was 

added for HPLC analysis. Not all of the resin sample would dissolve completely in the 

volume of methanol used. Some of the white flocculate was inevitably drawn into the 

syringe when analyses were carried out, but whether or not any of it went through the 

syringe filter is unknown. The remainder of the resinous extract was taken up with 
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dichloromethane for storage below 0". 

Conventional solvent extraction was carried out following the procedure of 

Witherup et al. (1990). Leaves and stems which had been previously extracted with 

supercritical carbon dioxide were pooled to make a 84.69 gram sample, which was 

stirred in a 50:50 mixture (750 ml:750 ml) of methanol/dichloromethane for 24 hours. 

The solution was then filtered in a stainless steel apparatus [Millipore] with a glass fiber 

filter, and the solvent was removed by means of a rotary evaporator to yield 13.43 

grams of resinous material. A 1.537 gram portion of this material was then partitioned 

between dichloromethane and water (50 ml:50 ml). The dichloromethane solution was 

then evaporated to dryness under a steady stream of nitrogen to give 0.290 grams. 8.3 

milligrams of the resulting residue were then weighed into a 2.0 ml volumetric flask, 

and methanol was added for HPLC analysis. 

Initially, HPLC analyses were carried out on a 150 x 4.6 mm Alltech cyano 

column using a Waters 600-MS controller with a 5 (iL injection loop. Later, a 250 x 

4 mm SG&E phenyl column was used with a Spectra Physics 8100 solvent delivery 

system and a 10 |aL injection loop. A final set of analyses were done on an Alltech 

150 x 4.6 mm C|g column. The limit of detection for the HPLC analyses was estimated 

to be under 0.0005 mg/ml of taxol. This concentration gave a visible peak under stable 

baseline conditions, and was integrated for more than 50 percent of the injections made. 

A 0.001 mg/ml standard was always integrated, but occasionally the integrator would 

cut off part of the peak. Samples were injected through 0.2 |im syringe filters [Alltech 
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Anotop 10 or Gelman Acrodisc LC 13 PVDF]. Detection was at 227 nm, using a 

Spectra Physics detector. The mobile phase used was methanol [EM, reagent grade], 

water [distilled, then Bamstead purifier], and acetonitrile [Burdick Johnson, high purity], 

filtered through a 0.45 ^m Rainin nylon filter. For some nms a phosphate buffer or 

ammonium acetate buffer was used in the aqueous phase. A variety of solvent 

compositions and flow rates described previously (Wheeler et al., 1992; Witherup et al., 

1989, 1990) were tried during the course of these experiments. Specific information 

will be given in the results section where appropriate. 

A final series of experiments were carried out on a Milton-Roy Sample 

Preparation Accessory™, when it became available. A schematic is shown in Figure C-

1. The 5 ml extraction cup has stainless steel frits with teflon o-rings to seal in the 

sample. The extract can be sampled by a 10 |iL loop for direct injection on to the 

HPLC. A Cahn 21 electrobalance was used to weigh standard taxol [Fluka] for these 

experiments. 

Spectrophotometric analyses in the ultraviolet-visible region were carried out on 

a Hewlett Packard 8452A diode array spectrophotometer. Infirared analyses were 

carried out on a Perkin Elmer 1600 series FTIR using nujol [Wilmad Glass] mulls or 

FTIR grade potassium bromide [Aldrich] pellets. Mass spectrometry was carried out 

on a Hewlett Packard with a solids probe. Both electron impact and chemical ionization 

were used, and positive and negative ion spectra were taken. 

Results and Discussion 



253 

The soiids extracted into the first trap consisted of inhoraogeneous white materiai 

and orange-brown material. This gave a yellow solution when dissolved in 

dichloromethane. When the crude resin obtained in this manner is mixed with ethyl 

acetate, acetonitrile, or methanol, a portion remains undissolved. Mass spectrum 

analysis, infra-red, and melting point data indicate that this material may be long chain 

fatty acids. The removal of this material by filtration does not significantly alter the 

chromatogram of the sample. However, since all HPLC analyses were done on 

methanol solutions, it is likely that this material was never injected in the first place. 

A summary of extraction conditions for preliminary experiments and extraction 

results is shown in Table C-1. Extraction parameters were varied with certain 

constraints. One of these was that the temperature should be kept as close to the 

critical temperature as possible. The reason for this is two fold; first, the fluid will have 

maximum density in this region, and second it avoids possible degradation of the taxol. 

There was also a limit to the sample size that could be extracted, due to the volume of 

the autoclave, which is approximately 230 cm'^. Finally, as mentioned above, exact 

control of the pressure was not possible with this apparatus. 

Some preliminary extractions were performed to test the effect of various 

modifiers. HPLC of the extracts gave chromatograms that were qualitatively similar 

to each other (c/ Figure C-2). The retention time for taxol in a standard methanol 

solution was 12.50 minutes. The crude resin obtained from these extractions never 

exceeded 1% of the dry weight of the starting material. This low value is probably due 
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to saturation of the carbon dioxide in the batch method. When rattlnate trom the 

supercritical carbon dioxide extractions was subjected to conventional solvent 

extraction, 15% of the starting weight was extracted as a thick black resin. Analysis 

of that resin indicated that 0.0084% of the weight of the starting material was present 

as taxol in the resinous extract. 

The match of the retention time for a taxol standard and a corresponding peak on 

the chromatogram of the extracted resins was taken as strong evidence that taxol was 

indeed among the compounds extracted. It is apparent from Figure C-2 that the peak 

tentatively identified as that due to taxol is poorly resolved. Inconsistencies in 

quantitative results indicated a co-eluting species. The HPLC integrator deals with such 

fused peaks by dropping a line from adjacent valleys, perpendicular to the baseline. 

The high background, particularly at the beginning, of the chromatograms shown in 

Figure C-2 would falsely increase the area of a peak integrated in that region. Attempts 

at confirming the presence of taxol by collecting HPLC fractions were unsuccessful. 

Since the analyses for taxol in the resin were being hindered by co-extracted 

materials, attempts were made to clean up the supercritical carbon dioxide extracts. It 

was thought that this could be done by venting the supercritical carbon dioxide through 

a tube packed with diatomaceous earth. Elution of the vent tube with hexanes gave a 

green solution. Its UV-vis spectrum showed peaks at 666 nm and 410 nm. A 

subsequent elution with dichloromethane gave a similar result. Final elution with 

methanol showed no peaks in the visible region of the spectrum. Chlorophylls are not 
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known to be soluble in supercritical carbon dioxide, so their appearance here is 

probably due to co-extraction. HPLC analysis of the different fractions eluted from the 

diatomaceous earth showed no distinct separation between polar and non-polar groups 

of compounds among the fractions. In fact, the chromatogram of the material that 

passed directly into the first trap appeared to contain most of the peaks seen in the 

individual fractions. No taxol peak was observed in any of the fractions, possibly 

because the division of extracted material between the fractions resulted in 

concentrations of taxol that were below the detection limit. 

Silica was also tested as a vent tube adsorbent. Elution was carried out with 

hexanes, 2-methoxyether, methanol, and DCM. HPLC analysis of the fractions showed 

that hexanes removed very little of the polar compounds that elute early during HPLC 

analysis, and none of the late eluting compounds. 2-methoxyether appeared to remove 

some of everything. Methanol eluted some of the early polar compounds left behind 

by the 2-methoxyether and the chromatogram for the DCM rinse was devoid of peaks. 

The chromatogram of the 1st trap material had a valley at the retention time for taxol. 

Of the eluted fractions, only that of 2-methoxyether showed any indication that taxol 

may be present above the detection limit. 

Further experiments involving solid phase adsorbents for resin clean-up were 

carried out off-line. An attempt was made to follow the batch extraction procedure of 

Witherup et al. This involved taking an ethyl acetate solution of the resin obtained 

from a supercritical carbon dioxide extraction, coating it on to diatomaceous earth and 



256 

removing the solvent. This sample was then placed on top of a colurrm (17 x 1.5 cm 

i.d.) filled vath diatomaceous earth and eluted under vacuum with hexanes, DCM, ethyl 

acetate, and then methanol. A green band eluted with the hexanes. HPLC analysis of 

the methanol, ethyl acetate, and hexane fractions showed no peaks above the detection 

limit for taxol. Like the on-line experiment involving diatomaceous earth, hexanes 

removed most of the early eluting compounds. However, the high concentration of 

other substances in the hexane fraction created such a high baseline that the taxol might 

go undetected if it were present there. The chromatograms for the ethylacetate and the 

methanol elutions appeared similar to each other, containing just a few peaks due to 

more polar compounds. The DCM fraction was concentrated to a yellow-green resin, 

which was taken up with ethyl acetate on to diatomaceous earth. This was then loaded 

on to the top of a silica gel column and eluted with a four step gradient of 

hexanes/acetone, going from 75:25 to 55:45. Most of the mass of the resin eluted in 

the 3rd and 4th fractions. HPLC results show that most of the compoimds are eluted 

in these fractions. However, the 1 st fraction gave the largest peak area at the retention 

time for taxol. Nonetheless, the amounts of resin actually obtained were small and the 

peaks observed were too close to the baseline noise to be conclusive. 

Qualitative experiments were carried out to determine if some other material 

would be a better adsorbent for obtaining class separation of the various extracted 

compounds. In these experiments a sample of resin in DCM was applied to the top of 

a Pasteur pipet which was packed with the adsorbent. The peaks observed in the UV-
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visible spectrum of the slcirting resin solution are shown at the top of Table C-II. 

Elution was then carried out as indicated in Table C-II. Petroleum ether was eliminated 

from the elution sequence since it did not appear to elute any significant amount of 

material that the hexanes did not already remove. When HPLC was carried out, no 

distinct peak at the taxol retention time was present in the hexane fractions for any of 

these adsorbents, however, the retention time for taxol fell on the shoulder of a larger, 

earlier peak in each of these. A peak matching the retention time for taxol was found 

in the methanol fraction of the Chromosorb-104 experiment. The chromatograms of the 

eluents from the molecular sieves and OV-101 were the same. For these two 

adsorbents, a significant quantity of the late eluting compounds were held on the 

column until the DCM rinse. In the case of silica and Chromosorb-104 the 

chromatograms of the DCM fractions showed very little amounts of late eluting 

compounds. 

Off-line experiments using alumina as an adsorbent were carried out in a slightly 

different manner. A measured portion of the resin in DCM solution was dropped on 

to a pile of deactivated alumina and the DCM was allowed to evaporate. The alumina 

was then homogenized and packed into a Pasteur pipet for elution. The purpose of this 

procedure was to have the sample dispersed throughout the column, as would occur to 

some extent when the adsorption tube is on-line. The eluents were collected and the 

solvents were evaporated under nitrogen for conversion to methanol. A non-polar 

solvent was used for the first elution step, and DCM or ethanol for the second. 
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Airhough a peak at the retention time for taxoi appeared on tiie chromatograms for the 

polar eluents, it was too close to the detection limit to be integrated accurately. Since 

the concentration of taxol in the spiking solution was low to begin with, it is not 

possible to say whether the low recovery was because of taxol being divided between 

the fractions or being retained on the alumina. Non-polar solvents do not remove the 

compounds that appear late on the chromatograms very well. The fact that these 

compounds are held on a C,8 column up to half an hour after the next to last peaks 

indicates molecules with a large hydrophobic functionality. Apparently alumina is so 

polar that it retains both taxol and the polar heads of the late eluting fatty acids until 

a sufficiently strong solvent is used, which either rinses them both out completely, or 

only partially rinses out the taxol. In either case the separation of taxol from the 

resinous fatty acids on alumina is ineffective. 

When sufficient quantities of standard became available, supercritical carbon 

dioxide extraction of standard taxol solutions were done to check recovery from the 

system. For the first experiment, DCM was used as a modifier. 0.1 ml of 0.5 mg/ml 

standard solution was added to 5 ml of DCM in the autoclave. After extraction for 1 

hour at 2900 psi, the trap and autoclave were rinsed with DCM and this was 

concentrated. From the HPLC analysis of these samples it appeared that 24% of the 

spiked mass was recovered in the trap and 23% was recovered from the autoclave. In 

a second experiment, 0.1 mg/ml of the standard methanol solution was placed directly 

into the autoclave and the methanol was allowed to evaporate. After extraction for 1 
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hour at 2400 psi, oniy 12% of the starting mass was recovered from the trap, and 18% 

was found remaining in the autoclave. These results show that the modifier is largely 

responsible for improving extraction yields. However, they also show a problem with 

the equipment used here. The material that was left unaccounted may have been 

trapped in the 'dead' spaces of the autoclave. Evidence for this also comes from the 

fact that a certain amount of plant residue was extracted during these experiments, 

despite the fact that the autoclave had been cleaned with detergent and rinsed with three 

different solvents prior to the extraction of the standards. 

It was only after all of the experiments described above had been performed that 

the Milton-Roy Sample Preparation Accessory became available for more exact testing 

of the solubility of taxol in supercritical carbon dioxide. A summary of extraction 

conditions is given in Table C-III. For the first experiment, 0.2 ml of 0.5 mg/ml 

standard methanol solution was spiked onto a glass fiber filter and the solvent was 

allowed to evaporate. If at least 1% of the 0.2 ml sample were soluble a peak should 

have been evident on the chromatogram, but none was observed. Two attempts at 

extracting a 0.5262 mg sample of taxol were also unsuccessful. The mass upon 

removal was 0.4976 mg, however, since no peaks showed up on the chromatogram it 

was assumed that this loss occurred during transfer of the solids from the extraction 

cup. If the mass of material obtained in the autoclave experiment is indicative of the 

saturation limit for taxol in SC carbon dioxide, the solubility can be estimated to be 3 

x 10"^ mg/ml at 32° and 2400 psi. If this order of magnitude is correct, no amount of 
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standard placed in the SPA extraction chamber would be seen in a direct HPLC 

injection of the extract. Some experiments were done to test whether the resinous leaf 

extract would act as a co-solvent for taxol. First a sample of resin from a previous SC 

carbon dioxide extraction was placed on a filter in the extraction cup. Not surprisingly 

all of the resin was removed and an HPLC injection during the extraction overloaded 

the colunm. Next a sample of resin plus an amount of solid taxol standard were tried. 

No taxol peak appeared on the chromatogram, and when the extraction chamber was 

opened, all of the resin appeared to have been removed, while the taxol standard 

appeared intact. To test the effect of a co-solvent, 1 ml of 0.013 mg/ml taxol in 

methanol solution was placed on glass wool in the extraction cup. A peak at the 

retention time for taxol indicated that greater than 50% of the starting material was 

extracted. Finally a flow through experiment was tried. An example of the 

experimental parameters of Jennings et al. (1992) was 10.1 moles of carbon dioxide at 

a pressure of 3050 psi was passed during the course of 18 hours over 14.8 grams of 

bark, resulting in 0.398 mg of taxol. In the experiment tried here, approximately 22.8 

moles of carbon dioxide (calculated from flow rate and density information) at a 

pressure of 1900 psi was passed during the course of 5 hours over 0.1 mg of taxol 

standard. The contents of the trap were taken into 1 ml of methanol for analysis by 

HPLC. The peak on the chromatogram was barely above the limit of detection so the 

amount of taxol extracted can only be estimated as 0.00015 mg. 

Conclusion 
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Tlie results of tliese expeiiiueiits indicate a very low solubility for laxol in 

supercritical carbon dioxide. In cases where the HPLC analysis of the extracts showed 

a peak at the retention time for taxol its area is probably enhanced by a co-eluting 

compound. The small scale experiments done in the SPA indicate that the resinous 

material extracted from the leaves is more readily soluble in supercritical carbon 

dioxide. It might be possible to use this difference in solubility for separating these 

components if a flow through system with a cascade type of venting system were used. 

The batch method used in these experiments is rather inefficient for obtaining maximum 

resin yields. 

By using solid phase adsorbents on line it was hoped that some of the polar and 

non-polar components of the supercritical fluid extract could be separated. Most of the 

experiments involving solid phase adsorbents gave separations that were too poorly 

resolved to be usefiil for directly cleaning the supercritical carbon dioxide extract as it 

is directly vented. 
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Table C.L Summary of exLraclion condilioas. 

Mass of 
leaves 
(g) Modifier 

Average 
pressure 
(psi) 

Time 
(hrs) 

Mass of 
crude 
resin (g) 

% Taxol 
of 
dry wt. 

49.80 none 2250 I 0.0183 0.0003 

49.93 5ml HjO 2800 1 0.0155 0.0002 

50.20* 5ml MeOH 2275 1 0.132 0.0008 

50.28 5ml DCM 1625 1 0.101 0.0003 

50.89 5ml Hex 1600 1 0.091 0.0004 

50.10 10ml DCM 2600 1st, 
1900 2nd 
total; 

1 
1 

0.225 0.002 

49.93 5 ml DCM 2700 3.5 0.139 0.0005 

49.14 5ml DCM 2900 3.5 0.139 0.0004 

24.83 5ml DCM 2950 3.5 0.129 0.001 

25.37 5 ml 
5 ml 

DCM 
DCM 

2650 1st, 
1900 2nd, 
total; 

1 
1 

0.0896 
0.0428 
0.132 

0.001 
0.0004 
0.002 

30.50 5ml 
5 ml 
5ml 

DCM 
DCM 
DCM 

3000 1st, 
1375 2nd, 
1650 3rd, 
total; 

1 
1 
1 

0.119 
0.0663 
0.0454 
0.231 

0.0013 
0.0004 
0.0002 
0.0019 

30.10+ 5ml DCM 3000 3.5 0.135 0.0023 

Note: Average temperature for all extractions was 32-33°. 
' chromatogram shown in figure 2a. 
^ chromatogram shown in figure 2b. 
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Table C.n. Summary of UV-vis peaks observed for eluents from adsorbent 
experiments. 

Peaks (nm) 
*********************************************** 

Resin-12A, in DCM 666 612 482 454 414 276 
Resin-12C, in DCM 668 608 536 484 454 414 276 262 

Adsorbent Eluent 

Silica 
hexanes 472 444 422 332 318 298 284 252 232 224 
pet ether 336 298 256 

2-methoxyether 666 608 408 282 
methanol 272 216 

DCM 270 

Molec. sieves 
hexanes 278 254 216 

2-methoxyether 668 478 448 412 290 
methanol 274 228 218 

DCM 282 

Chromosorb 104 
hexanes 284 274 242 218 

2-methoxyether 666 474 450 410 288 
methanol 274 214 

DCM 276 256 

OV-101 

OV-101 

hexanes 668 474 446 412 270 256 216 
2-methoxyether 

methanol 272 228 218 
DCM 278 270 256 226 

hexanes 668 470 442 410 
methanol 280 228 

DCM 

Note UV cutoff for DCM is 230 rmi; for 2-methoxyether is 250 nm. 



Tabie C.III. Siumnary of extraction conditions for taxol standards in SPA. 

Avg. 
Time Press. 

Sample (hrs.) (psi) 

0.2 ml of 0.5 mg/ml std. on filter 6 2000 

0.526 mg of solid std. 2 2200 
3 2200 

4.5 mg of resin 1 2350 

1.2 mg of resin w/ 0.5 mg std 1.5 2350 

I ml of 0.013 mg/ml std. in methanol on GW 0.8 2250 

1 ml of 0.013 mg/ml std. dried on filter 1.5 2600 

0.1 mg solid std. 1.3 2300 
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Figure C.l. Schematic of Milton-Roy Sample Preparation Accessory (SPA). 
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Figure C.2. HPLC chromatograms of resin extract a. modifier, methanol b. 
modifier, DCM. Mobile phase; methanol/HjO/acetonitrile, 21:55:24, flowrate, 1 
ml/min. 
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