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ABSTRACT

Citrinin is a fungal metabolite possessing anti
biotic properties. It is a p-quinone methide with phenolic, 
carboxylic, and carbonyl functional groups. The presence of 
oxygen donor atoms in its molecular structure suggests 
possible chelation with metal ions.

Several transition metals, particularly those of 
biological importance, were studied by potentiometric and 
spectrophotometrie methods. Of the metal ions tested, 
copper(II) showed the greatest reactivity toward citrinin and 
thus it was investigated in some detail.

The first acid dissociation constant, , of
citrinin is reported in 1:5 v/v ethanol-water and 50% v/v 
dioxane-water. The stability constants of the copper(II) 
chelates of citrinin are also reported and discussed for 
the same solvent systems.

ix



CHAPTER I

INTRODUCTION

Citrinin is a fungal metabolite produced by several 
species of the Penicillium and Aspergillus genera. It is a 
p-quinone methide (1 ) which may be considered a derivative 
of p-quinone (2 ) with one of the carbonyl oxygens replaced 
by a substituted methylene group.

OH

H.C
O

(i) (2)

Citrinin is easily isolated as a yellow crystalline solid 
from a Czapak-Dox glucose medium by acidification. Re
crystallization from hot ethanol yields yellow needle-shaped 
crystals, which melt between 170° and 171°C with decomposi
tion .

Since its discovery and isolation by Hetherington 
and Raistrick in 1931, citrinin has been the subject of

1



numerous chemical and biological investigations. It was 
found to possess antibiotic properties and to be rather 
toxic by several researchers. Raistrick and Smith (1941) 
and Oxford (1942) reported that citrinin exhibits anti
bacterial activity chiefly against gram-positive organisms. 
Its activity against sarcoma tissue, paramecia, amoebae, and• 
fungi has also been investigated (Robinson and Park, 1966).
A tabulation of the minimum inhibitory concentrations of 
citrinin against numerous microorganisms ranged from 500 
yg/ml for Escherichia coli to 8 yg/ml for Bacillus mycoides 
(Korzybski, Kowszyk-Gindifer, and Kurylowicz, 1967).
Citrinin's bacteriostatic power was estimated to be l/600th 
that of penicillin (Ambrose and DeEds, 1946).

Due to its toxicity, citrinin has found little 
application as an antibiotic. Studies on laboratory test 
animals (Ambrose and DeEds, 1946) showed that it is nephro
toxic, primarily attacking the kidneys. Hashimoto and 
Morita (1957) investigated citrinin1s inhibitory effect on 
kidney metabolism, specifically the respiration and succinic 
dehydrogenase activity of kidney tissue. The results of 
these pharmacological studies show that citrinin has little 
therapeutic value.

In the last few years emphasis has been placed on 
the analysis and detection of citrinin found in naturally 
contaminated cereal grains. It has been associated with 
disease in cattle and swine being fed these grains (Hald and
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Krogh, 19 7 3; Scott and coworkers, 1972; Krogh, Hasselager, 
and Friis, 1970; Krogh, Hald, and Pedersen, 1973; and Friis, 
Hasselager, and Krogh, 1969). Recently, Wu, Ayres, and 
Koehler (1974) reported citrinin production by seven strains 
of Penicillin viridictum on country-cured ham. A number of 
quantitative methods for the determination of citrinin are 
described in the literature. These are: a colorimetric 
method employing a ferric chloride complex of citrinin 
(Taira and Yamatodani, 1948) , extraction and thin layer 
chromatography methods (Hald and Krogh, 1973) , and ultra
violet and fluorometric methods (Neely and coworkers, 1972).

Structure of Citrinin 
Using synthetic and degradative methods, Cram (19 4 8 , 

1949, 1950) and Brown and coworkers,(1948, 1949) proposed 
the following structure for citrinin:

HO

The absolute configuration of citrinin was established with 
the methyl groups trans to each other (Hill and Gardella, 
1964; Mehta and Whalley, 1963). Later, an IR study (Kovac



and coworkers, 1961) revealed the presence of strong intra
molecular hydrogen bonding between the carboxylic and 
phenolic groups. The IR spectrum showed the absence of a 
strong absorption band due to a free carboxylic group and 
the absence of an intense band due to a free hydroxyl group. 
A broad absorption band characteristic of intramolecular 
hydrogen bonds, however, was observed and therefore an 
equilibrium structure was postulated:

H

The NMR spectrum recorded by Mathieson and Whalley (1964) 
supported the evidence for the presence of intramolecular 
hydrogen bonding and established the quasiaxial conformation 
of and methyl groups.

In 1971 Rodig, Shiro, and Fernando reported the 
crystal structure of citrinin using single crystal X-ray dif
fraction. The bond distances between atoms confirmed that 
citrinin has a p-quinone-like structure. The quinone ring 
was found to be non-planar and the oxygen-containing ring 
showed a marked distortion from planarity. It was suggested



that the interatomic repulsions of the trans-methyl groups 
caused this distortion.

A perspective view of the citrinin molecule is shown 
in Figure 1. • The atoms numbered 6 , 7, and 8 lie in the 
plane of the page while atoms 1, 2, and 3 project back into 
the page. Atom number 4 projects forward from the plane of 
the page. The oxygen-containing ring is in the half-chair 
form.

Biological Activity
The possible involvement of quinone methides in 

oxidative phosphorylation, lignin biosynthesis, and in the 
biochemistry of vitamins K and E has received increased 
attention in recent years. Quinones and quinonoid compounds 
are known to behave like a ,8 unsaturated ketones with the 
addition of thiol and amino groups. This has been suggested 
as the reason for their anti-bacterial activity. Geiger 
(194 6 ) observed that p-quinones are less active against 
gram-negative than against gram-positive bacteria, and he 
attributed this to one or more unsubstituted positions 
adjacent to the carbonyl group. Sulfhydryl compounds pre
vented the quinones from inhibiting the growth of gram- 
negative bacteria but had little effect on the inhibition of 
gram-positive bacteria. Cavallito and Bailey (1944) tested 
the activity of a number of antibiotics in the presence of 
cysteine. Gram-positive antibiotic activity was particularly



Figure 1. ORTEP diagram of the Citrinin Molecule showing the IUPAC numbering 
scheme.
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susceptible to cysteine inactivation while little antago
nistic effect by glutathione or thioglycollic acid was 
observed. It was speculated that quinones interfere with 
the normal function of the sulfhydryl groups in the 
metabolism of bacteria by reaction with SH-containing 
enzymes or SH-containing metabolites that are essential to 
bacteria growth. However, no specific structural require
ment has been elucidated that would explain the mode of 
action by which quinonodd compounds exert their antibiotics 
effect. Correlations between chemical structure and bio
logical activity for the quinones are still obscure.

In the case of citrinin it is evident that the 
reactivity of the lactone ring as well as the reactivity of 
the carbonyl group plays an important role in its antibiotic 
activity.

In an attempt to correlated structure variation with 
antibiotic activity, Warren, Finkelstein, and Scola 
(1961) prepared and tested a number of 1-substituted deriva
tives of citrinin and dihydrocitrinin. Dihydrocitrinin was 
prepared by the reduction of citrinin.

HO

HOOC HOOC

HO



Alkyl and aryl groups of increasing chain length were.used 
as substituents in' the position. The 1-methyl derivative 
of citrinin exhibited almost no antibiotic activity. But 
with increasing chain length of the substituent, the 
activity of the derivative increased and approached that of 
citrinin with the 1-pentyl derivative showing equal activity. 
Derivatives with substituents having 6 carbon atoms or more 
showed greater activity than citrinin, with the 6-carbon 
alkyl derivative exhibiting greater activity than the 6- 
carbon aromatic derivative.

For derivatives of dihydrocitrinin, which itself is 
inactive, substituents with 3 carbon atoms or more showed a 
gradual increase in antibiotic activity as the chain was 
lengthened. With 7 to 9 carbon atom substituents, the 
activity of the derivative surpassed that of citrinin.
Again, the influence of a phenyl or benzyl substituent was 
much less than that of the corresponding alkyl group.

These results indicate that enhancement or loss of 
activity is not merely due to the size of the substituent 
but also depends upon the nature of the group. Lengthening 
of alkyl substituents tends to decrease the hydrophilic 
and increase the lipophilic properties of the molecule, thus 
facilitating penetration of cell membranes. The dramatic 
change in antibacterial activity observed upon introduction 
of alkyl groups at C-̂  indicates the importance of the sub
stituted methylene group in regard to citrinin's activity.



Furthermore, the reduction of citrinin to inactive dihydro- 
citrinin suggests that the reactivity of the carbonyl group 
with the adjacent a*3-unsaturated bonds is significant.



CHAPTER II

STATEMENT OF PROBLEM

The acidic nature of citrinin1s reactive groups, 
i.e., the carbonyl, carboxylic, and phenolic entities, 
suggests possible reactivity with metal ions through chela
tion. Since any modification in citrinin1s molecular 
structure affects its biological activity and therefore its 
toxicity, it was of interest to study the reaction of 
citrinin with various metal ions, especially those of bio
logical importance, e.g., Cu(II), Co(II), Zn(II), and 
molybdenum. This work was undertaken, therefore, to deter
mine whether metal-binding with citrinin occurs and to what 
extent it occurs.

Citrinin is a bidentate ligand with oxygen donor 
atoms and should be capable of forming two six-membered 
rings upon chelation with metal ions,

10



The Irving and Williams (1953) order of stability of metal 
ions shows that of the transition metals, copper (II) has the 
highest affinity for chelating agents with oxygen donor 
atoms. For this reason it was decided that the interaction 
between copper(II) and citrinin should be investigated in 
some detail.



CHAPTER III

EXPERIMENTAL

Potentiometric Determination of Acid 
Dissociation constants of Citrinin

Citrinin is a diprotic weak acid and its acid dis
sociation constants are defined by:

KiH2L — HL + H

-  K 2 =  +HL zzzEzz L + H

H^L represents the fully protonated form of critinin. HL 
and L represent the form of citrinin after deprotonation 
of the carboxylic and phenolic groups, respectively.

" O '

HL"
-O'

L =

12
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Calculations

Values for and can be determined potentio- 
metrically by titration of citrinin with a standard solution 
of sodium hydroxide. If >> , then in the region of low
pH, i.e., pH < 5, the equilibrium of importance is:

.+

and
H2L ---  HL + H

- ̂4#
The square brackets denote concentration in moles per liter. 
Mass balance for citrinin:

C = [H9L] + [HL™] + [L= ]

Assuming the second dissociation occurs to a negligible 
extent this becomes:

Ca = [H2L] + [HL-] (2)

Charge balance:
[Na+] + [H+ ] = [OH ] + [HL ]

At low pH, the hydroxide concentration is negligible:

[Na+ ] + [H+] = [Hlf] (3)

Substitution for [H2L] and [HL ] (Equations [2] and [3]) in 
the equilibrium constant expression (Equation [1]) gives:

K = [H+]([Na+ ] + [H+ ] ) (4)
1 Ca - [Na+ ]- [H+ ]

Thus, if the concentration of sodium hydroxide and the
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concentration of citririin are known, can be calculated for 
a series of pH values obtained from the titration.

The second dissociation constant of citrinin, K2 , is 
too small to be measured by this method. This is probably 
due to the presence of intramolecular hydrogen bonding which 
was confirmed by an IR study (Kovac and coworkers, 1961).

pH Meter Correction
To convert the pH meter readings into hydrogen ion

concentration in 50% v/v dioxane-water system, a value of
0.07 is added to the reading at 25°C. This correction
factor', first introduced by Van Uitert and Haas (1953) , is
determined by comparing the pH meter reading with the 
theoretically calculated hydrogen ion concentration. It 
is important to note that hydrogen ion activity, not con
centration, is measured by the glass electrode. The assump
tion that the pH meter reading is a measure of the hydrogen 
ion concentration is valid only when the ionic strength of 
the solution approaches zero, i.e., in very dilute solutions. 
Equilibrium constants determined at higher ionic strengths 
are valid and meaningful only under the conditions of the 
measured solution.

To express the equilibrium constant on the infinite 
dilution activity scale, correction for ionic strength 
effects are made using the Davies equation:
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0.509 Z2 (I)1/2
log =    yy? 0.3(1)

£i 1 +

Z . is the charge of the ion and I is the ionic strength of
2the solution equal to 1/2 £ C . Z . . C . is the molar concentra-i l l

tion of the ionic species.
For example, consider the acid dissociation constant 

of a weak monoprotic acid, HA. The equilibrium constant on 
the infinite dilution scale, K^, is defined as:

K = aH+ X aA"
a aHA

Since a^+ = [H^]f^+, a^- = [A ]f^_, and aRA = [HA] , then:

Ka = '"[nil - X (fH+ • fA->
or

Ka = ka (V x fA-> (5)
where k is the acid dissociation constant determined at a
the ionic strength in question.

Taking the negative logarithm of both sides of 
Equation (5) gives:

pK = pk + (-log. - log. ) (6 )a a lH+ tA-

Thus the acid dissociation constant k can be expressed as 
an equilibrium constant on the infinite dilution activity 
scale.



Reagents
A carbonate-free sodium hydroxide solution, approxi

mately 0.01M was prepared and standardized with reagent 
grade potassium acid phthalate (J. T, Baker Co.). The 
solution was stored in a polyethylene bottle under nitrogen.

1,4-Dioxane (Mallinckrodt) was purified by the 
method of Fieser (1941), One liter of dioxane was refluxed 
with 100 ml of distilled water and 14 ml of concentrated

. I

hydrochloric acid for 12 hours under nitrogen. The solution 
was then treated with potassium hydroxide, stirred, and the 
dioxane layer decanted. The dioxane was refluxed with 
metallic sodium for three days or until clean sodium metal 
was observed. , The dioxane was collected at 96-98°C by 
distillation through a Widmer concentric band column that 
was 3 ft long. The system was swept with nitrogen throughout 
the process. The dioxane was stored in the dark, under 
nitrogen, and used within a week.

Samples of citrinin. were provided by O . R. Rodig 
(University of Virginia, Charlottesville, Va.), and used 
without further purification. Solutions of citrinin were 
prepared by accurately weighing a small quantity of the 
solid and dissolving it in the appropriate solvent.

Apparatus
The titration apparatus consisted of a 250 ml water- 

jacketed vessel covered with Parafilm containing holes for
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the glass-calomel electrode pair, two micro-burets, a 
nitrogen inlet tube, and a glass rod for removing drops from 
the buret tip. Water at 2 5 + 0.1°C was circulated through 
the jacketed vessel by a circulating pump in a Wilkens- 
Anderson "Lo Temp" constant temperature bath. The sample 
solution was mixed with a magnetic stirrer which was turned 
off before each pH measurement was recorded. A carbon 
dioxide-free atmosphere was maintained by passing a stream 
of nitrogen, presaturated with the solvent, above the solu
tion. The sodium hydroxide solution was added with an 
automatic-filling 10 ml micro-buret equipped with a column 
of Ascarite for removal of atmospheric The pure
organic solvent (i.e., the purified dioxane or 95% ethanol) 
was added with a 5 ml micro-buret. Both burets could be 
read to the nearest 0.01 ml.

pH measurements were made with an Orion Model 7 01 
digital pH meter equipped with glass-saturated calomel 
electrode pair. The pH meter was standardized at 25°C with 
pHydrion buffers at pH 4.00 and 7.00.

Procedure
For the titration of citrinin in 50% v/v dioxane- 

water the procedure was as follows:
Ten ml of citrinin in 50% v/v dioxane-water was 

added to 50 ml of 50% v/v dioxane-water in the titration 
vessel. Standard sodium hydroxide was added in small
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increments with addition of equal volumes of pure dioxane 
to keep the v/v ratio constant. The solution was stirred 
with a magnetic stirrer during the additions and the stirrer 
stopped during the actual pH measurement. pH readings were 
taken at various intervals as a function of the volume of 
base added. Nitrogen presaturated with 50% v/v dioxane- 
water was, passed over the solution throughout the titration.

The procedure was similar to the above for the 
titration of citrinin in 1:6 v/v ethanol-water solvent. No 
correction of the pH meter reading was made in this solvent 
mixture, since the correction would be very small. The 
calculated ionic strength in both solvent systems was never 
greater than 0.001 throughout the titration.

Spectrophotometric Determination of Acid 
Dissociation Constants of Citrinin

The absorption spectrum of citrinin in 1:5 v/v 
ethanol-water solvent mixture shows a strong absorption band 
around 315 nm and another smaller but more intense band at 
250 nm. In acid medium, pH < 4, the band at 315 nm broadens 
at the leading baseline, increases in intensity, and shifts 
slightly toward longer wavelengths. As the pH is lowered 
this enhancement becomes more pronounced. As the pH is in
creased from 4 to 12, no significant change in intensity or 
band position occurs. The band at 2 50 nm decreases in in
tensity as the pH is increased from 1 to 4, but remains 
constant when the pH is further increased. Figure 4 (p, 45)
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shows the absorption spectra of citrinin as a function of 
pH.

A decrease in intensity of the 315 nm band, observed 
as the pH is increased from 1 to 4, arises from the 
electronic transitions in the ionic species HL formed upon 
loss of the carboxylic proton. Since no change in the 
spectrum is observed upon further increase in pH, a single, 
definite absorption band cannot be assigned to the L- 
species. Therefore, the absorption band at 315 nm is chosen 
for monitoring the concentration of the HL species.

Calculations
By analyzing the absorption spectrum of citrinin as 

a function of pH, it is possible to determine its first acid 
dissociation constant, , but not the second. Since K-̂  and 
Kg are sufficiently far apart, K-̂  can be determined inde
pendently of Kg. Considering the first equilibrium constant,

Ki - +H L + H

the equation for the total absorbance of the solution is the 
sum of the absorbances of the individual components.

£TL ~ £HgL Ĥ 2L  ̂ + eHL" ĤL ^
e , eh^l , and E^^- are the molar absorptivities at 315 
of (HgL + HL ), HgL and HL , respectively. Since,

nm

Tl = [HgL] + [HL ]

Equation (7) becomes:
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or

e [H2L] + e [HL ] = eH l [H2L] + ehl_[HL ] 

(£ - e H tH 2 Ll̂  =  ^eH L - "" e>} Ĥ L  ^

(e-eH T)
2 _ [HL ]

(Er l - Ĥ2L-*
(8)

is defined as:
„ _ [H+ ][HL']

[H2L]

and substitution of Equation (8) gives:

(£"£H L>
Ki = -H ] •

Each of the quantities on the right hand side of Equation 
(9) is measurable, therefore can be determined.

Equation (9) can be evaluated by several methods. 
Taking the log of both sides:

+ (E'Eh 2l )
logK-. = log [H ] + log [j- — .]

i.e..

(£h l - "e:)pK = pH + log  y-
1 H 2L

(10)

When
eH2L + eh l -

( e H L -  -e) = (£-eH2L) or =  2--- ,

pK^ = pH. This value can be determined from the plot of
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absorbance vs. pH. Alternatively, if and eHL- are
measurable, pK^ can be determined from a plot of

pH vs. log [-7- — x ]
HL“

which gives a straight line of unit slope and an intercept 
equal to pK^. If and EHL- are not experimentally
obtainable, K-̂  can be determined at the inflection point 
of the absorbance vs. pH plot, i.e., from the derivative 
curve plot. The maximum point in the de/dpH vs. pH curve 
gives the value of pK^.

Reagents
A citrinin stock solution was prepared in 95% 

ethanol. Buffers were prepared with reagent grade compo
nents: HC1 and KC1 for pH < 2; potassium acid phthalate
and HCl for pH 2 to 3; potassium acid phthalate and NaOH for 
pH 4 to 6; potassium dihydrogen phosphate and Na^HPO^ for 
pH 6 to 8; borax and HCl or NaOH for pH 8 to 10; disodium 
hydrogen phosphate and NaOH for pH 11; and KC1 and NaOH for 
pH 12.

The ionic strength of the solutions was held
constant at 0.15 by addition of 1M NaClO^. The concentra-

-  5tion of citrinin in each buffer solution was 6.98 x 10 M.



Apparatus
The spectrophotometric measurements were made with 

a Cary Model 14 spectrophotometer using capped Helima 1 cm 
quartz cells. A Beckman pHasar I digital pH meter equipped 
with a glass-saturated calomel electrode pair was used for 
pH measurements. The meter was calibrated with pHydrion 
buffers at pH 7.00 and 4.00

Procedure
Thirty solutions containing equal concentrations of 

citrinin were prepared at various pH values from 1 to 12.
Two ml of citrinin stock and 3 ml of 95% ethanol were added 
to a series of 25 ml volumetric flasks. Three ml of 1 M 
NaClO^ was then added and the solution diluted to the mark 
with buffer. In each solution the solvent composition was 
1:5 v/v ethanol-water. The visible-ultraviolet absorption 
spectrum of each solution was recorded from 500 nm to 230 nm 
with buffer and solvent in the reference beam. The ab
sorbance of each solution was plotted against the pH of the 
solution. pH corrections in 1:5 v/v ethanol-water system 
are negligible, hence none were made. From the absorbance 
vs. pH plot, the first acid dissociation constant, , was 
determined. .
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Potentiometric Determination of Stability 

Constants of Copper(II) Chelates 
of Citrinin

Citrinin has the following structure with two 
potential binding sites for metal ions:

2

The first site is more accessible for metal binding than the 
second since the intramolecular hydrogen bonding is weaker 
and the carboxylic proton is easily removed at low pH values. 
Depending upon the pH of the medium, three copper (II) 
chelates of citrinin are possible; i.e., 1:1, 1:2, and 2:1 
metal to ligand chelates.

1 :2 Cu2+ - Citr in in Chelate
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2+1:1 Cu - Citr inin Chelate 2+2:1 Cu - Citr inin Chelate

Calculations
In the pH region 3 to 6 only the 1:1 and 1:2

chelates are important. The carboxylic proton is readily
displaced in this pH region. Typical examples are benzoic

-4 21acid with K equal to 10 * and salicylic acid with K
-  2 9 6equal to 10 * (Freiser and Fernando, 1966). In the

copper(II)-citrinin system the formation of the 1:1 and 1:2 
chelates is represented by:

++ - ^1 +Cu + HL  ---- CuHL

+ "̂2CuHL + HL ----- Cu (HL) 2

The successive formation constants are defined as:

k = - t gf L h  (i d
[Cu ] [HL ]
[Cu(HL)_]

k2 = ---- + (12)[CuHL ] [HL ]
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The product of and is the overall formation

constant k^:
[Cu(HL) ]

^  = [Cu++][HL~]^
When the pH and ionic strength are constant, conditional
formation constants are defined.

. [Cu(HL) ]
k' = (a, k ) =  —  y  (14)
r 1 r [Cu ]

where where
a = IHL~] = [HL~]
1 [h 2l ] + [h l ~] + [l= ] c l

Likewise:

1 [Cu++] CL
[Cu(HL) ]

ki =  t —  (16)
[CuHL ] CL

The successive stability constants, k^ and k^, can 
be determined potentiometrically by titration according to

the Bjerrum (194 9) method, This method consists of measuring 
the concentration of protons released upon complex formation, 
The values of k^ and k^ are evaluated as a function of the 
measured hydrogen ion concentration, the total amount of 
ligand and metal present, and the acid dissociation con
stants of the ligand.

In the case of the copper(II) chelates of citrinin, 
the solution equilibria in the pH region 3 to 6 are
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described by:

Cu++ + Hb” ■ ■ - ■ CuHL+ (17)

CuHL+ + HL™ -----  Cu (HL)2 (18)
Mass balance for citrinin:

Tl = [H2L] + [HL-] + [CuHL+] + 2 [Cu (HL)2] (19)

Mass balance for copper:
Tm = [Cu++] + [CuHL+] + [Cu(HL)2] (20)

Charge balance:

[Na+ ] + 2 [Cu++] + [CuHL+ ] + [H+ ] =

[OH_] + [HL_] + [C104- ] (21)
+ +Substitution for [Cu ] from Equation (20) in Equation (21) 

gives:

[Na+] + 2Tm  + [CuHL+ ] + 2 [Cu(HL)2] + [H+ ] =

[OH-] + [HL-] + C104"] (22)

From Equation (19),

Tl - [H2L] - [HL-] = [CuHL+ ] + 2 [Cu(HL)2]

and since,
2Tm  = [C104']

then:
[Na+] - (Tl - [H2L] - [HL-] ) + [H+ ] = [OH-] + [HL-]

The concentration of hydroxide is negligible in pH region 
3 to 6, thus:
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[H2L] = Tl - [H + ] - [Na + ] (23)

Furthermore,
K [H L]

[HL ] = — y   (24)
[H ]

and from Equations (19) and (20):

[CuHL+] = [H2L] + [HL™] - TL + 2Tm - 2 [Cu++] (25)

Rearrangement of Equation (20) gives:

[Cu(HL)2] = TM - [Cu++] - [CuHL+] (26)

Therefore using Equations (23) through (26), k1 and k2 can 
be calculated from measured values of [H+ ] and [Cu++].

Alternatively, the Bjerrum formation function, n, 
and pL values can be calculated for a series of points on 
the titration curve. n is defined as the average number of 
moles of bound ligand per mole of metal ion present, i.e.,

T - [H0L]- [HL™] [CuHL+ ] + 2 [Cu(HL)9]
n = 4 -^   m —  (27)

M M
The negative logarithm of [HL ] is defined for the sake of
convenience as pL. Equation (27) can be rewritten as:

k,[HL™]+2k,k0 [HL™]2 
n = ^ 9 (28)

l+k1 [HL ]+k1k2 [HL ]Z

Various methods for evaluating k^ and k2 using Equation (28)
for a series of n, pL data are described in the literature
(Irving and Rossotti, 1953). The method used in this work 
was developed by Unwin, Beimer, and Fernando (1967). The
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successive formation constants and are determined 
using a digital computer search technique so that the 
function:

k,L + 2knk0L2
n =     2l+k1L + k1k2L

"best" approximates the experimental data, [ (L^ ,n_. ) :
i = 1,2,...N], Here, "best" is defined in the sense of 
least squares and thus the problem is: Given [(L^,n^):
i = 1,2,...N],find the values of k^ and k_ that minimize:

N _ k L. + 2k k L2 9
S(k ,k ) = E [ n . -- —  —  ] (29)

i=l l+k1Li + k1k2L^

A detailed explanation on the evaluation of the function S 
and the complete computer program listing are found in the 
original paper by Unwin et al. (1967).

Another potentiometrie method for determining the 
stability constants is a complexometric titration using a
standard solution of copper perchlorate as titrant. At
constant pH and ionic strength, values for conditional 
stability constants are obtained.

The conditional overall formation constant, k^, is 
first determined when the ligand is present in large 
excess, i.e., when the ligand to metal ratio lies between 
20:1 and 10:1. In this concentration range the Cu(HL)2 
species predominates.



29

Cu++ + 2 HL -— - Cu (HL)2

Total metal is given by:

Tm = [Cu++] + [Cu (HL) 2 ] (30)

and total citrinin by:

TL = CL + 2 [Cu(HL)2] (31)

CL is total uncomplexed citrinin. k ^ can be evaluated as 
a function of the measured [Cu++], the [Cu(HL)2]/ and C^ 
with Equations (30), (31), and (14), respectively.

When k^ is known, it can be used to calculate k^ 
and k2 at lower ligand to metal ratios, e.g., 5:1 to 1:1, 
where both CuHL+ and Cu(HL)2 are present. Mass balances 
for total metal and citrinin present are then:

TM = [Cu++] + [CuHL+ ] + [Cu(HL)2] (32)

TL = CL + [CuHL+] + 2 [Cu(HL)2] (33)

Substitution for [Cu(HL)2] from Equation (14) in Equations 
(32) and (33) gives, respectively:

Tm  = [Cu++] + [CuHL+ ] + k j[Cu++] (34)

TL = CL + [CuHL+) + 2k j[Cu++] (35)

Combining Equations (34) and (35) to eliminate [CuHL+] term 
gives a quadratic equation:

k£[Cu++] + CL + Tm  - [Cu++] - TL = 0 (36)
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Solving the quadratic for gives:

-1+ /  1-4 (k ' [Cu ] ) (T - [Cu ] -Tt )
C, =     —  (37)

2 [Cu ]

in which each quantity is either known or measurable.
Therefore, k| and k^ can be evaluated as a function of the 

++measured [Cu ], the predetermined k £ value, C^, [Cu(HL)21 / 
[CuHL+] with Equations (37), (14), (34), (15), and (16),
respectively. In addition, n and pL values can be calculated 
from the titration data and k^ and k^ evaluated by the 
computer program described previously (Unwin et al ., 1967).

Reagents
A carbonate-free sodium hydroxide solution was pre

pared and standardized as described previously. A stock 
solution of citrinin was prepared in 95% ethanol. A stock 
solution of copper perchlorate was prepared and standardized 
with EDTA using murexide as indicator according to the 
method of Schwarzenbach (1957), 1,4-Dioxane was purified as
described previously.

Apparatus
The potentiometrie measurements were made with a 

three-electrode system consisting of the glass electrode, 
the Orion solid state cupric ion selective electrode (Model 
94-29A), and the Orion double junction reference electrode 
(Model 90-0 2-00). These electrodes were used in conjunction



with the Orion Model 701 digital pH meter and the 
Beckman pHasar I digital pH meter. The glass-double 
junction electrode pair was used with the Beckman meter for 
pH measurements, while the cupric ion selective electrode 
together with a double junction reference electrode was 
used with the Orion 701 meter for cupric ion concentration 
measurements. The reference electrode was connected 
directly to the Orion pH meter with an alligator clip-- 
phone jack type--lead from its reference terminal to the 
reference terminal of the Beckman meter. This type of 
arrangement did not affect the response of either meter and 
permitted simultaneous measurement of pH and free cupric 
ion concentration. The Beckman meter was standardized at 
25°C with pHydrion buffers at 4.00 and 7.00. The solid 
state cupric ion selective electrode was calibrated using 
standardized aqueous copper perchlorate solutions.

Procedure
The titrations were carried out in a 150 ml beaker 

equipped with a magnetic stirrer. The solvent system was 
1:5 v/v ethanol-water. The starting sample volume con
sisted of 6 ml of citrinin in 95% ethanol, 5 ml of 1M 
NaClO^, and 19 ml distilled water. All volumes were 
delivered by pipette. Standard copper perchlorate solution 
was added by pipette in small increments followed by an 
equal volume of 9 5% ethanol to keep the alcohol-water
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volume ratio constant. After each addition the solution was 
well mixed, the magnetic stirrer stopped, and the pH and 
millivolt readings recorded. When necessary the pH of the 
solution was first adjusted to approximately 4.00 by using 
either 0.1 M HCIO^ or 0.2 M NaOH. This. was done by just 
touching a stirring rod, dipped in the acid or base, to the 
surface of the solution. The addition of NaClO^ kept the 
ionic strength constant at 0,1 M

A similar titration was done using 50% v/v dioxane-
water as solvent. For both solvent systems a blank titra
tion containing all constituents except citrinin was also 
done, This provided the calibration data needed for the 
copper electrode in these solvent mixtures.

Spectrophotometric Determination of Stability • 
Constants of Copper(II)~Chelates' of Citrinin
The absorption spectrum of citrinin shows a broad 

band around 315 nm and a narrower but more intense band at 
250 nm. Addition of copper perchlorate to samples con
taining a constant concentration of citrinin does not change, 
the spectrum in any way until the mole ratio of ligand to 
metal is about 3:1 or less. As the ligand to metal mole
ratio is decreased from this value, the absorption bands at
315 and 250 nm increase in intensity and a shoulder on the 
315 band appears at approximately 370 nm. The latter 
becomes more pronounced as the copper concentration is in
creased. Also, as the copper concentration is increased the



absorption band at 315 nm shifts slightly toward higher 
wavelengths. The maximum shift observed is about 10 nm, 
from 315 nm to 325 nm. From these observations it is con
cluded that the shoulder appearing at 370 nm is due to the

in a solution containing excess metal ions. No specific 
absorption band can be assigned to the Cu(HL)^ species, but 
the spectra indicate that it absorbs strongly around 315 nm. 
Thus it would overlap with the absorption band of un- 
complexed citrinin.

Calculations
The equation describing the absorbance of a solution 

containing citrinin and copper perchlorate at pH of 4.00 is:

expressed in moles per liter. Mass balance for citrinin:

With excess metal present in the solution, the absorption 
band at 370 nm increases in intensity due to the formation

1:1 chelate, i.e., CuHL+ species, since it would predominate

A [CuHL ] + e
CuHL

[Cu(HL)2] (38)

where
A = total absorbance
e = molar absorptivity
CL = uncompleted ligand, and the concentrations are

TL = CL + [CuHl/] + 2 [Cu (HL) 2 ] (39)
Mass balance for copper:

Tm = [Cu++] + [CuHL+] + [Cu(HL)2] (40)
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of Cu HL+ . Equation (38) then becomes:

A 370 " ELCL + E + [CuHL 1 + £Cu(HL)p tCu(HL)2] (41)
CVIHL37Q 3 70

Assuming the concentration of Cu(HL)2 is negligibly small. 
Equation (39) combined with Equation (41) gives:

A 370 = ELCL + £CuHL+ (TL-Cl )
and

= A 370 ; -E_Cu HL+ (TL>,
L e - E t '

CuHL

Since, [CuHL+] = Tt -CT and [Cu++] = TM-[CuHL+ ], then theLi Ju M
first conditional stability constant can be calculated by 
Equation (15):

. , = [CuHL+ ]
1 " [Cu++]CL

The molar absorptivities of and CuHL+ are 
determined at 315 nm and 370 nm in a 1.00 cm cell as 
follows:

For citrinin at both wavelengths,

£l = 4
which is determined from the spectrum of a pure citrinin

+
CuHL"

nm is determined at high metal to ligand ratios, e.g., 60:1,
solution of known concentration. For CuHL , _ + at 370

where it is assumed that the uncomplexea citrinin, C ^ , is
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negligible and therefore CuHL+ = . Thus the molar
absorptivity of CuHL+ is given by:

£ + =CuHL L

The second stability constant, can not be
determined by this method since the absorbance of Cu(HL)^ 
is not distinguishable from that of citrinin alone.

Reagents
Citrinin and copper perchlorate solutions were 

prepared as described previously.

Apparatus
The absorbance measurements were made with the Cary 

Model 14 spectrophotometer using capped Helma 1 cm quartz 
cells. pH measurements were made with a Beckman pHasar I 
digital pH meter, using the glass-double junction electrode 
pair. A Dupont 310 curve resolver was used to isolate the 
370 nm absorption band on all the spectra.

Procedure
Solutions of citrinin with copper perchlorate were

prepared in 1:5 v/v ethanol-water in 25 ml volumetric
-5flasks. Each solution contained 6.77 x 10 M citrinin, 

about 0.1 M NaClO^, and a calculated amount of copper per
chlorate to give a ligand to metal ratio between 30:1 and 
1:60. The ionic strength was maintained at 0.1 and the pH
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of each solution adjusted between 4.00 and 4.10 using- either 
HCIO-^ or NaOH. For each sample the reference cell contained 
the same constituents except for citrinin. The absorption 
spectrum of each sample was recorded from 500 nm to 230 nm 
immediately after sample preparation.

Potentiometric Titration of Other Transition 
Metals and Citrinin

Solutions of citrinin and Ni(II), Zn(II), and Co(II)
in 1:5 v/v ethanol-water were titrated with standard sodium

~ 2hydroxide. Each sample contained 4.14 x 10 mmoles of 
citrinin. The citrinin to metal mole ratio was about 2:1 
for each solution, The ionic strength was held constant at
0.2 M. The titration apparatus and procedure were identical 
to that previously described for the titration of Cu(II) 
and citrinin.

Ultraviolet Absorption Spectra of Other 
Transition Metals and Citrinin

The absorption spectra of citrinin with Ni(II),
Zn(II), and Co(II) in 1:5 v/v ethanol-water were obtained
at various ligand to metal mole ratios. The pH was adjusted
between 4.00 and 4.07 and the ionic strength held constant
at 0.1 M, Each solution contained the same concentration of
citrinin.



Qualitative Tests of Citrinin 
with Some Metal Ions

Reactions of citrinin with a number of metal ions
were determined in 0.1 M HC1, in an acetic acid-sodium acetate

—  "3buffer of pH 4.5, and in 0.1 M NaOH. A 10 M solution of 
citrinin was prepared in 95% ethanol, Reagent grade 
chlorides, sulfates, or perchlorates were used to prepare

-3approximately 10 M solutions of metal ions.
One milliliter of metal solution and one milliliter 

of citrinin were added to series of test tgbes containing 2 
millilters of acid, base, and buffer. Any color change or 
precipitate formation was recorded at room temperature. 
Changes observed were compared with a blank without citrinin 
present and also with a citrinin solution.

Citrinin in 0.1 M HC1 is bright yellow with a green 
fluorescence. In a buffer of pH 4.5, it is only slightly 
yellow colored. In 0.1 M NaOH it is colorless but turns 
light pink after a few days,



CHAPTER IV 

RESULTS AND DISCUSSION

Acid Dissociation Constants of Citrinin 
Citrinin has two dissociation constants but only the 

first, , can be determined by potentiometrie and spectro- 
photometrie methods. The second dissociation constant, ^ ' 
is much too small to be measured by these methods. The 
strong intramolecular hydrogen bonding between the phenolic 
group and the carbonyl oxygen decreases the ^  to a value

—  Qconsiderably below 10 , the typical value for a free
phenolic group.

■ Tables 1 and 2 show typical data obtained for the 
determination of the first acid dissociation constant of 
citrinin by potentiometry. Table 4 (p. 46) summarizes the 
pK^ values obtained from several determinations in 50% v/v 
dioxane-water and in ethanol-water solvent mixtures. For 
comparison, the values of pKj corrected for ionic strength 
effects using the Davies equation, described previously, 
are also listed. The value of 3.10 for p k ^ in 1:6 v/v 
ethanol-water compares favorably with the value of 3.26 
reported by Hirschy and Ruoff (1942) in 95% ethanol. Values 
for pK-̂  in 50% v/v dioxane-water are higher than those in 
ethanol-water, as expected, since dioxane has a lower dielec
tric constant,

38
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Table 1. Titration Data and Acid Dissociation Constant, 

for Citrinin in 50% v/v Dioxane-Water,
-2Citrinin = 2,63 x 10 mmoles 

Concentration of NaOH = 8.76 x 10  ̂ M 
Ionic Strength <_ 0.001 
Original Volume = 50 ml 
Temperature = 25 + 0.1°C

Volume of NaOH (ml) pH^ corr. . PK-l

0,31 3.80 3 .96
0,40 3,82 3.95
.0,50 3, 85 3.95
0,60 3,88 3.95
0,70 3.91 3.96
0.80 3,94 3,95
0.91 3.97 3.95
1,00 4.00 3 .95
1.10 4.04 3.95
1.20 4.07 3.9 5
1,30 4.11 3.95
1,40 4.15 3 . 96

Average: 3 . 95
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Table 2, Titration Data arid Acid Dissociation Constant, K-, 
for Citrinin in 1:6 v/v Ethanol-Water

Citrinin = 4,09 x 10  ̂mmoles
-2Concentration of NaOH = 1,58 x 10 M 

Original volume = 60 ml 
Ionic Strength 0.001 
Temperature = 25 + 0,01°C

Volume of NaOH (ml) pH PK1

0,41 3,43 3.04
0, 51 3.46 3.06
0.61 3.48 3,05
0,71 3.51 3,06

i—I 00o 3,54 3.07
0,92 3,57 3,06

i—1oH 3.60 3.07

1,11 3,63 3.07
1.21 ' 3.67 3.08
1,31 3 .71 3 . 09

i—1 r~i 3.75 3 .09

Average: 3.07
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The absorption spectra of citrinin at various pH 

values are shown in Figure 4 (p. 45). The interesting 
feature of these spectra is the decrease in intensity of 
the broad absorption band between 315 ran and 450 ran as the 
pH is increased. This band-broadeing is attributed to the 
presence of the fully protonated species, ^ L ,  since this 
effect is not observed in solutions in which the HL species 
predominates, i.e., in solutions in which the pH >_ 4.

Table 3 shows the spectrophotometrie data obtained 
at 320 ran and 370 nm. The absorbance at 370 nm was also 
monitored since a band appeared in this region in the 
copper(II)-citrinin spectrum. The plots of absorbance vs. 
pH at both wavelengths are shown in Figure 2, and pK^ was 
determined by using Equation (10). At the point at which 
the total molar absorptivity of the solution is equal to 
one-half the sum of the molar absorptivities of H^L and 
HL , the pK^ is equal to the pH, The value of pi<̂  deter-. 
mined from the data at 320 nm was found to be 2.40 and the 
pK^ value determined from the data at 370 nm was 2.50.

Similarly, a plot of pH vs. log [ (e-£H L ) / ) ]
for the data at 320 nm and 370 nm gave values for p ^  of 
2.40 and 2.50, respectively. These plots are shown in 
Figure 3.

The values of pK^ determined spectrophotometrically 
are somewhat lower than those determined potentiometrically. 
This is probably due to the serious overlap of the
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Table 3. Spectrophotometrie Data for 

Ethanol-Water
Citrinin in 1:5 v/v

Citrinin = 6.98 x 10 5 M
Ionic Strength = 0,15

log £ (.£-£H 2L)
A 370 ran A 315-330 ran pH 37 0 ran 315-330 ran

0 . 445 1,08 1,17
0,43 5 1.04 1,36
0.390 0,970 1. 68 LDCOO1 -0.79
0,345 0,846 2. 01 If)oI 1 o u> 00

0,310 0,778 2.20 -0 ,36 -0.21
0,255 0. 67 9 2.43 -0,12 +0.008
0,172 0,535 2,69 + 0.21 0.34
0,120 0,430 3,02 0,44 0,65
0. 085 0.378 3.23 0.64 0,88
0.080 0.374 3.27 0. 67 0.90
0.040 0,322 3.63 1.03 1.31
0.010 0,285 4.26 1.73
0,002 0,288 4.63
0, 015 0.295 5.70
0,015 0.300 7.06
0,010 0.292 8.73
0.002 0,290 9.89
0,010 0.305 11.40
0,0 08 ' 0,306 12,09
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Figure 3. Spectrophotometric determination of the first acid dissociation constant 
of citrinin in 1:5 v/v ethanol-water —  1. at 370 nm; 2. at 315-330 nm.
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Table 4. First Acid Dissociation Constant of Citrinin

Method Solvent Ionic Strength. pK1 ^ 1  (corr.)
Potentiometrically 50% v/v Dioxane-Water <. 001 3.95 3.98
Potentiometrically -1:5 v/v Ethanol-Water • .200 2. 92 --

Potentiometrically 1: 6 v/v Ethanol-Water <.001 3.07 3.10
Spectrophotometrically 1:5 v/v Ethanol-Water .10-.15 - 2.50 --

^Corrected to zero ionic strength with Davies Equation.
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absorption bands of the H^L and the HL species which makes 
it difficult to determine accurate values of molar absorp- 
tivities for H^L and HL . Therefore, the reliability of 
pK^ determine spectrophotometrically is questionable,

Potentiometric Determination of Stability
Constants of Copper(II) Chelates 

of Citrinin
The stability constants of the copper(II) chelates

of citrinin were determined by potentiometric titration in
two solvent systems. Figure 5 shows the potentiometric
titration curves of citrinin with and without copper(II)
present. Chelate formation occurs at low pH values and is
essentially complete at pH =4.00.

Two methods of titration were employed for this
study. The first was the Bjerrum potentiometric titration
in which the pH is monitored as a function of the added
titrant, sodium hydroxide. In the second potentiometric

2 +method the concentration of free Cu is measured in a 
solution of varying copper(II) and citrinin concentration

2+but at constant pH. The change in the concentration of Cu 
is monitored using the cupric ion selective electrode.

In the second potentiometric method, conditional 
stability constants were calculated since the pH was held 
constant throughout the titrations. The relationship 
between the conditional stability constants and the thermo
dynamic stability constants is:
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Figure 5. Potentiometric titration curves of citrinin with copper(II) in 1:5 v/v 
ethanol-water.

1. 4. 09 x 10 2 mmoles citrinin
- 2  - 32. 4.09 x 10 mmoles citrinin + 8.33 x 10 mmoles Cu(II)
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f kf/al or log kg = log kf -
2log ctg

i = ki/ai or log kg = log ki - log otg

2 = k2//al or log k2 = log k2 - log Ug

where is the fraction of total ligand present as HL .
The value of depends only upon the pH of the medium and 
the pK^ value of the ligand. For citrinin (pK^ = 3.10) in 
1:5 v/v ethanol-water solution at pH = 4.00, is equal to
0.9. Thus the correction for log k^ is + 0.10 log units, 
and for log and k^ it is + 0.05 log units. A similar 
correction for the conditional stability constants determined 
in 50% v/v dioxane-water gives equal to 0.5 with a 
correction factor of + 0.60 log units and + 0.30 log units 
for log k^, log k|, and log k ^ , respectively.

The following tables show typical titration data 
obtained: Table 5, 1:5 v/v ethanol-water, NaOH as titrant;
Table 6, 1:5 v/v ethanol-water, CuClO^ as titrant; Table 8
(p. 54), 50% v/v dioxane-water, NaOH as titrant; Table 9
(p. 55), 50% v/v dioxane-water, CuClO^ as titrant. The data
listed in these tables were evaluated manually, using the 
equations derived previously, and with the, aid of the 
computer program developed by Unwin et al. (1967) .

The chelate formation data, i.e., (n, pL) obtained
by the Bjerrum method (Tables 5 and 8 [p. 54]), give values
for log kg and log k^ that do not converge when evaluated 
with the computer program. The reason for this is that the
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Table 5. Titration Data for Citrinin with Cu(II) in 1:5 v/v 

Ethano1-Water
-2Citrinin = 4,14.x 10 mmoles

-2Metal = 1.67 x 10 mmoles •
-2Concentration of; NaOH = 1,57 x 10 M 

Ionic Strength = .0,2 M 
Temperature = 25 + 0.1°C 
Original Volume = 50 ml

Volume of NaOH (ml) pH mv< . n pL
0.20 3 , 22 + 291 1.07 3,51

. 0,30 3.24 + 291 1, 08 • 3,50
0.41 3,26 + 291 1,13 3,52
0.50 3.28 + 291 1.15 3 , 52
0.60 3.30 + 291 1.19 3.53
0.70 3.32 + 291 1.27 3.55
0. 90 3.37 • + 291 1.31 3,56
1.00 3.39 + 291 1.41 3.59
1.20 3.44 + 291, 1.56 3.65
1.40 3.50 + 291 1.69 3,70
1,60 3.57 + 291 1.83 ; 3,78
' 1,70 3,61 + 291 1,89 3 .82
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Table 6, Chelate Formation Data for Citrinin with Cu(II) in 

1:5 v/v Ethanol-Water
-2Citrinin = 1.45 x 10 mmoles

- 4Titrant = 8.44 x 10 M CuClO.
—  4

Ionic Strength = 0.1 M 
pH range = 4 , 0 3 - 4 . 0 7  
Temperature = 22°C 
Original Volume = 3 0 ml

L :M Ratio -iog TCu. mv
Calibration Dataa 
-log[Cu++] „ mv

34:1 4.87 + 183 4.87 + 187
25:1 . 4.7 3 188 4.79 190
19:1 4 . 62 191 4,7-2 192
16:1 4, 54 194 4,67 194
13:1 4,47 196 4,62 195
11:1 4,42 198 4,58 196
9:1 4.32 202 4,51 199
7:1 4.24 205 4,44 201
6:1 4,15 208 4,39 203
4:1 4.05 212 4,34 205
3:1 3.97 215 4,30 ' 206

2.5:1 3.87 219 4,22 209
2:1 3,82 221 4,15 212

1 E 6:1 3,75 224 . 4,09 214
1:1 3.69 226 4.05 216

4.01 217
3.98 219

aSame sample composition and conditions without
citrinin present.



range of the formation function is limited to 1.0 < n < 1,9. 
This represents only a small region above the midpoint on 
the formation curve, which is obtained by plotting n vs. 
pL. The chelate formation data for the copper(II)-citrinin 
system give rise to incomplete formation curves„ The values 
for n do indicate, however, that two moles of citrinin are 
bound per mole of copper ion. Thus the overall formation 
constant, k^, can be calculated. Table 11 (p. 58) sum
marizes the values calculated for log in both solvent 
systems at various ionic strengths. The value of log k^ 
reported in 1:5 v/v ethanol-water at ionic strength 0.2 is 
based on the assumption that the concentration of the 1:1

-I-chelate, CuHL , is negligible at a copper-citrinin mole 
ratio of 1:2. The results show that this is not a valid 
assumption, and this explains the discrepancy between the 
two log kg values reported. Values for log k^ and log k^ 
in 50% dioxane-water are also listed in Table 11. These 
were determined with Equations (30) to (37). Reliable 
values for log k^ and log k^ in 1:5 v/v ethanol-water could 
not be obtained in this manner.

Table 7 and Table 10 (p. 56) show chelation forma
tion data obtained by the second potentiometrie method,
Table 12 (p. 59) summarizes the values of the conditional
stability constants calculated in both solvent systems. 
Again, reliable values for log k^ and log k^ in 1:5 v/v 
ethanol-water could not be obtained with the aid of the
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Table 7. Chelate Formation Data for Cu (II)-Citrinin 

Chelates in 1:5 v/v Ethanol-Water

L :M Ratio n pL

21:1 .568 3.35
19:1 .534 3.35
17:1 .546 3.36
16:1 .526 3.36
13 :1 ,498 3.37
10:1 ,475 3.38
7:1 .442 3.41

5,7:1 .414 3.43
4.9:1 .393 . 3.44

4:1 .375 3.46
3.4:1 .331 3,49
2.5:1 .286 3 . 54
2,3:1 .289 3.55

2:1 ,278 3.58
1.7:1 .234 . 3,61
1.6:1 .221 3.63

' 1,4:1 .196 3.64
1,3:1 .176 3.64
1,2:1 .194 3.68

Ionic Strength = 0 , 1 0
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Table 8 . Titration Data for 'Citrinin with Cu (II) in 50% v/v 

Dioxane-Water
Citrinin - 2,63 x 10  ̂mmoles
Metal - 2.80 x 10  ̂ mmoles

-3Concentration of NaOH = 8.76 x 10 M 
Ionic Strength <_'0,001 M 
Temperature = 25 + 0,1°C 
Original Volume = 50 ml

Volume of NaOH (ml) pH
^ corr. my n pL

0, 20 3.70 +152 1,29 3,79
0.31 3.72 151 1,52 3,79
0. 40 3,75 151 . 1,38 3 ,77
0.50 3.78 150 1.35 . 3.75
0. 60 3.80 150 1.50 3.75
0.70 3.83 150 1.50 3.73
0.80 3.86 149 1,53 3.72
0,90 3,90 148 1.37 3.69
1.00 3.93 148 1,36 3.6-7
1.10 3.96 148 1.46 3.67
1.20 4.0 0 148 1.42 3 . 65
1,30 4.04 147 1.35 3.63
1.40 4 , 08 147 1.30 3.61
1,50 4,13 146 1.12 3.58
1,60 4.17 146 1.14 3,57
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Table 9. Chelate Formation Data for Citrinin with Cu(II) 

in 50% v/v Dioxane-Water •
_3Citrinin = 8.55 x 10 mmoles '

Titrant = 8,41 x 10 M CuClO^
Ionic Strength <_ 0.001 
pH Range - 4.06 - 4.16 
Temperature = 22°C 
Original Volume = 3 0 ml

Calibration Dataa
L:M Ratio -logT^^ mv -log{Cu++] mv

20:1 4. 87 + 18 6 5. 58 + 200
10:1 4,58 ’ 193 5.15 216
7:1 4.42 199 4.98 223
5:1 4.31 204 4.87 225
4:1 4.22 209 4.80 228
3:1 4.15 212 4.49 237

2,5:1 4.05 219 4.22 245
2:1 4.01 222 4.08 250

1,8:1 3.95 227 3.98 253
1.6:1 3.92 230 3.91 256
1,5:1 3.89 232 3.61 264
1,3:1 3.85 237 3,34 272
1.2:1 3.82 241 3,19 276

1:1 3.79 245 3 . 09 280
3.02 281

aSame sample composition and conditions except
without citinin present,.
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Table 10, Chelate Formation Fata tor Cu (JI) -rCitrinin 

Chelates in 50% v/v Fioxane^-Water

L:M Ratio n pL

10:1 1.19 3.63
7:1 1.15 3.67
5:1 1.13 3.71
4:1 1.10 3.75
3:1 1.08 3.79

i—1cnCN 1.06 3.83
2.5:1 1,03 3.88

2:1 1.01 3.91

i—1CO 1—1 0.96 4.00
1,6:1 0.93 4.04

i—1LOH 0.91 4.08
1.4:1 0,87 4.11
1.3:1 0.85 4.15
1.2:1 0.79 4.21

1:1 0.73/ 4.25

Ionic Strength _< 0.001
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computer program or by manual calculation. The range of the
n values is too limited to give accurate values for log
and log in the ethanol-water system. However, from the
n, pL data the order of magnitude of log k^ in this solvent

3can be estimated as 10 . In 50% v/v dioxane-water the range
of n is limited to a small negion around the midpoint of the
formation function curve. These formation data were
evaluated with the computer program and the values of log k^
and log k^ obtained agree well with those determined by the
Bjerrum (1949) method (Table 11).

Copper reacts with citrinin to form 1:1 and 1:2
chelates. The overal formation constant of the 1:2

8 4copper(II)-citrinin chelate is 10 in 50% v/v dioxane-
water and 10^’  ̂ in 1:5, v/v ethanol-water. The log k^ values
are more reproducible in 50% v/v dioxane-water than in 1:5
v/v ethanol-water. , °

In the Bjerrum (1949) potentiometric method,
reliable values for the stepwise stability constants could
not be obtained solely from the measured concentration of
protons displaced by complexation. It was found necessary

2 +to measure the concentration of the free Cu ions as well. 
The calculations were based on the assumption that citrinin 
exists primarily as the p-quinone methide in solution. It 
is quite possible, however, that citrinin in solution is an 
equilibrium mixture of the p-quinone and o-quinone forms,
X
i.e,, :



Table 11. Pote'ntiometrie Determination of Stability. Constants of Cu( II)-Citrinin
Chelates 3 .

Solvent .
Ionic

Strength
Copper:Citrinin . 

Mole Ratio log kf log log k2

50% v/v Dioxane^-Water ' <.001 1:9 8.42 ■ 4.88 3.54
50% v/v Dioxane—Water £.001 1:5 7.77 . 4.54 3.23

1:5 v/v Bthanbl^Water .15 • 1:5 6. 52 — — --

1: 5 v/v Ethanol-Water .20 1:2 6. 9-7.1 — — —



Table 12. Potentiometric Determination of Conditional Stability Constants
Cu(II)-Citrinin Chelates . ,

Solvent
Ionic
Strength log log log k^ log log k^ log k log k^

50% v/v Dioxane-Water <.001 7.86 4.64 3i22 -0.30 8.46 4.94 3.52

(7.83 4.59 3.24 8.43 4.89 3.54 )a

1:5 y/y Ethanol^Water ‘ .10 6,25 ' r-i- -0,05 6.35 —  — —  —

(6.23 -- 6.33 - ■ — )a

aComputed values.
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and that the relative concentration of the two forms depends 
upon the nature of the solvent. Upon chelation with copper, 
citrinin would exist primarily as the o-quinone and there
fore the 1:1 chelate can be represented as:

The electron withdrawing effect of Cu^+ ion causes electron 
redistribution in the citrinin molecule and can conceivably 
increase the acid dissociation constant of the phenolic 
group by a factor of 10 ̂ to 10^ . This has been shown to be 
the case in several other systems in which the acidity of a 
phenolic group was markedly affected by metal chelation 
(Fernando, 1965).
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The experimental evidence shows that the copper(II)- 

citrinin chelates undergo deprotonation of the phenolic 
hydrogen in the same pH region in which metal chelation 
occurs. This means that in the pH region 3 to 6 the 1:1 and 
1:2 copper(II)-citrinin chelates are involved in the 
following equilibria:

CuHL+ —  CuL + H+

Cu(HL) 2 ---  Cu(HL) L~ + H +

Cu (HL) L~ ---  Cu L2= + H +

Three new chelate species are possible in solution and 
therefore the simple calculations of the Bjerrum (194 9) 
method are no longer valid. Since deprotonation involves a 
separation of charges, the tendency for the chelates to 
deprotonate would be more pronounced in high dielectric 
solvents than in low dielectric solvents. For this reason, 
values for the stepwise stability constants of the 
copper(II)-citrinin chelates in 1:5 v/v ethanol-water could 
not be obtained. The values obtained in 50% v/v dioxane- 
water, however, were reproducible for both potentiometrie 
methods.

Spectrophotometric Determination of 
the Stability Constants of the 

Copper(II) Chelates 
of Citrinin

Several researchers have reported the electronic 
spectrum of citrinin in ethanolic solutions (Cram, 1950;
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Cartwright, Robertson, . and Whalley, 1949; Neely and co
workers , 1972). Cartwright and coworkers (194 9) observed 
maxima at 250 nm (log e = 3.97), 315 nm (log e - 4.02), and 
an inflection at 400 nm (log E = 3,20) in 95% ethanol. 
Recently, Neely and coworkers (1972) also reported the 
ultraviolet spectrum of citrinin' in 95% ethanol. They 
observed maxima at 319 nm (log e = 3.673), at 253 nm (log
e = 3.918), and at 222 nm (log e = 4.348).

In this work the ultraviolet spectrum of citrinin 
was recorded in 95% ethanol and in a 1:5 v/v ethanol-water 
mixture. Figure 6 shows the spectra obtained. Maxima are 
observed at 315 nm and 253 nm and a slight infection at 400
nm is evident. In 95% ethanol the absorption at 400 nm and
315 nm is more pronounced with the 315 nm band shifted 
slightly toward longer wavelengths. Table 14 (p. 67)
summarizes the average values for the molar absorptivities 
of citrinin at these principal maxima. For comparison the 
values reported in the literature are also listed. The 
results in this study agree well with those of Neely and 
coworkers (19 72).

The ultraviolet absorption spectrum of citrinin in 
the presence of copper (II) ions is characterized by 
absorption bands at 370 nm, 320 nm, "and 250 nm. The 
intensities of these bands increase significantly as the 
copper concentration increases. Figure 7 shows the spectra 
obtained for citrinin at pH = 4.00 in presence of copper(II).
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Figure 7. Absorption spectra of citrinin and copper(II) 
in 1:5 v/v ethanol-water.

1. 6.77 X 10~5 M citrinin
2 . 6, 77 *x i o ~ 5 M citrinin + 2. 02 X 10™ 5 M Cu(II)
3. 6.77 X 1(T5 M citrinin + 6.75 X 10™ 5 M Cu(II)
4. 6.77 X ICES M citrinin + 3.36 X 10™ 4 M Cu (II)
5, 6.77 X 10-5 M citrinin + 7.40 X 10™ 4 M Cu (II)
6. 6.77 X i o " 5 M citrinin + 2.02 X 10™ 3 M Cu (II)
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At a pH of 4,00 citrinin is present predominantly in the 
Hlf form.

The appearance of the absorption band at 370 nm is
due to the formation of the 1:1 chelate, CuHL , since this
band is observed at high copper to citrinin mole ratios.
Thus the value for"the first conditional stability constant,
k^, was determined with the data at 370 nm. Table 13 lists
the absorbances and calculated log values at various

3 1'copper to citrinin mole ratios. The value of 10 " for log 
k| agrees with the estimated value for the potentiometrie 
determination in 1:5 v/v ethanol-water. A value for the 
second conditional stability constant, k^, could not be 
determined since the absorption due to the Cu(HL)^ species 
was indistinguishable from that due to the uncomplexed 
citrinin. A specific absorption band could not be assigned 
to the Cu(HL)2 species but it appears to absorb at 320 nm.
At high copper to citrinin ratios (e.g., 30:1) where one 
would expect the concentration of Cu(HL)^ to be neglibible 
in comparison with the concentration of CuHL-̂ , the 320 nm 
band is very intense. This strongly indicates the presence 
of another chelated species, since the absorbance of free 
Cu^+ is negligible in the ultraviolet region. The intense 
absorption at 320 nm could be explained by the presence of

2 _i_the Cu„L chelate. Electron delocalization in the metal 
2*

chelate ring of the 1:1 chelate could increase the acidity 
of the phenolic hydrogen by as much as several orders of



66
Table 13, Spectrophotometric-Data of Citrinin with Cu(II) 

in 1:5 v/v Ethanol-Water
-3Citrinin = 1,69 x 10 mmoles per sample

-3Copper Perchlorate = 8,41 x 10 M 
Ionic Strength = 0,10 M 
pH range = 4,00 - 4,10 
Temperature = 2 2°C

L:» Ratio A 370 ran lo9 4
1:11.9 0.199 3,11
1:10,9 0.194 3,12
1:9,9. 0.185 3.14

C7> 00 i—1 0,181 3.15
1:7,9 0.155 3 . 07
1:6,9 0,152 3.12
1:5.9 0,145 3,15
1:4,9 0.119 3 . 08
1:3.9 0,105 3.09
1:2.9 0.082 3.05
1:1.9 0.07 0 3.12.
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Table 14. Molar Absorptivities (log e) of Citrinin at ^max

Solvent
- Wavelength U max)

400 nm 315-320 ran 253 nm

1:5 Ethanol’-Water 2.31 3.64 3.97
95% Ethanol 2 . 62 3.70 3.94

95% Ethanola 3. 20 4.02 • 3,97

95% Ethanol*3 -- " 3.67 3.91

^Cartwright and coworkerg (1949),
b 'Neely and coworkers (197 2).
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magnitude. Therefore, in the presence of a very large 
concentration of copper ions, a second copper ion would bind 
to the chelated molecule, forming a 2;1 copper-citrinin 
complex.

Potentiometric Titration of Other Transition 
Metals and Citrinin

Figure 8 shows the titration curves obtained for 
citrinin alone and with Cu(II), Ni(II), Zn(II), and Co(II). 
Information regarding the complexation of citrinin and the 
metal ion is obtained from the pH region 3 to 6. Beyond pH 
of 6, the equilibria are complicated by the formation of 
hydroxy complexes. .

Cu(II) causes the greatest shift in the titration 
curve throughout the pH region 3 to 6. Therefore, the 
relative order of reactivity of the transition metals with 
citrinin is: Cu(II) > Ni(II) > Zn(II), Co(II). This agrees
with the Irving-Williams order of stability for transition 
metals.

Ultraviolet Absorption Spectra of Other 
Transition Metals and Citrinin

Figure 9 is a composite of the spectra recorded at 
a citrinin to metal mole ratio of 1:1. No appreciable 
increase in intensity in any portion of the spectra is 
observed for solutions containing Ni(II), Zn(II), or Co(II). 
At a high metal to citrinin ratio, e.g., 20:1, however, a 
slight increase in intensity at 370 nm and 320 nm did appear
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Figure 8. Potentiometric titration curves of citrinin and some transition metal 
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1. 4.14 X 10-2 mmoles citrinin
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1. 1.62 X 10" 4 M citrinin 4- 1.65 X 10" 4 M Co (II)
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4, 1.62 X 10" 4 M citrinin + 1. 69 X 10" 4 M Cu (II)
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in the Ni(II)-citrinin and in the Co(II)-citrinin spectra. 
The C u (II)-citrinin spectrum shows the greatest change with 
the appearance of a strong absorption band at 370 nm. The 
order of reactivity of these transition metals with citrinin 
is again found to be: Cu(II) > Ni(II) > Zn(II), Co(II).

Qualitative Tests of Citrinin 
with Some Metal Ions

The results of the qualitative tests of citrinin
with various metal ions are collected in Table 15. Very
little reactivity is indicated between citrinin and those
metal ions listed. Citrinin does not appear to exhibit
selectivity for any one group or type of metal ion.
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Table 15. Qualitative Tests of Citrinin with Metal.Ions

Metal
Ion 0.1 M HCl Buffer 4.5 0.1 M NaOH

Zn (II) no change^ gold-coloration pink-coloration
Cu (II) no change yellow-coloration gold-coloration
Ni (.11) no change slight yellow- 

coloration
pink-coloration

Co (II) no change slight yellow- 
coloration

pink-coloration 
brown ppt.

Fe (III) darker
coloration

yellow-coloration 
orange ppt„

pink-coloration 
yellow ppt.

Mn (II) no change slight yellow- 
coloration .

,pink-coloration 
brown ppt.

Cr (III) no change yellow-coloration pink-coloration 
white ppt.

Mg (II) no change no .change*3 pink-coloration
Cd(II) no change gold-coloration pink-coloration 

white ppt.
Pb (II) no change yellow-coloration pink-coloration
A1 (III) no change yellow-coloration

cloudy
pink-coloration

Ce(III) no change slight yellow- 
coloration

gold-coloration

Th (IV). no change slight yellow- 
coloration, 
cloudy

pink-coloration

HC1, 

Buffer

aNo change from

^No change from 
pH 4,5.

blank containing citrinin in 0.1 M 

blank containing citrinin in



CHAPTER V

SUMMARY

The metal completing properties of citrinin with 
copper(II) were studied by potentiometrie and spectrophoto- 
metric methods. The potentiometrie studies were carried 
out in 50% v/v dioxane-water and in 1:5 v/v ethanol-water; 
the spectrophotometric studies, however, were carried out 
only in 1:5 v/v ethanol-water.

As a solid, citrinin is a p-quinone methide. In 
solution, however, it may exist as an equilibrium mixture 
of the p-quinone and o-quinone methide forms. Experimental 
evidence indicates that the copper(II) chelates of citrinin 
are in the o-quinone configuration. Copper(II) reacts with 
citrinin to form 1:1, 1:2, and possibly 2:1 chelates.

The first acid dissociation constant of citrinin was 
determined in both solvent systems. The stepwise stability 
constants of the 1:1 and 1:2 copper (II) chelates of 
citrinin were determined in 50% v/v dioxane-water.

Potentibmetric titration curves and the ultraviolet 
absorption spectra of citrinin in the presence of other 
transition metals were also obtained and discussed quali
tatively.
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