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ABSTRACT 

EXCITED STATE PROTOTROPIC EQUILIBRIA 

Stephen G. Schulman Ph.D. 

The University of Arizona 1967 

Dissertation Director: Quintus Fernando 

Part I 

The prototropic equilibrium constants for the excited state 
cation-zwitterion equilibria of several mono- and di-halogenated 8-
quinolinols were determined by fluorescence titration. The pK*'s 
measured indicate a strong dependence of acidity upon inductive ef
fects in the excited state. The acidities of the dihalo compounds 
are generally found to be lower than those of the monohalo compounds. 
This is attributed to a steric effect due to the substituent in the 
7-position. 

Part II 

The prototropic equilibrium constants for the excited state 
cation-zwitterion equilibria of several unsubstituted quinolinols were 
determined by fluorescence titration and by absorption measurement. 
The pK*'s measured by the two methods are found to be quite different. 
This is explained in terms of solvent environment differences and 
acidity scale inaccuracy. 

An attempt is made to correlate the pK*'s with theoretical 
indices of prototropic reactivity, calculated by the Huckel molecular 
orbital method. 

Part III 

The prototropic equilibrium constants for the excited equili
bria between the cation and amide form of the zwitterion of 2-quino-
lone and 4-quinolone were determined by fluorescence titration and by 
absorption measurement. The differences in the values determined by 
the two methods are related to solvent relaxation phenomena. Huckel 
Molecular Orbital calculations were performed on these compounds to 
correlate the observed dissociation constants with theoretical indi-
cies of prototropic activity. 

xvii 
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Part IV 

Prototropic equilibrium constants were determined for five 
flavins by measuring variations in absorbances and in fluorescence 
intensities of flavins as a function of perchloric acid concentration. 
The equilibrium constants determined by absorption measurements are 
different from those measured by fluorescence. The pK's dfetermined 
by absorption measurements are attributed to a ground state proto
tropic equilibrium while those determined by fluorescence measurements 
are assigned to excited state prototropic equilibria on the basis of 
the absorption spectra. The sites from which the prototropic equili
bria originate are unknown due to the complexities of the molecules 
studied. 

Part V 

The rates of sulfonation of 8-quinolinol in different concen
trations of sulfuric acid were studied by observing the increase in 
the intensity of the blue fluorescence of 8-quinolinol, 5-sulfonic 
acid with time. Similar studies were made varying the concentration 
of 8-quinolinol while keeping the sulfuric acid concentration constant. 
The sulfonation of 8-quinolinol in concentrated sulfuric acid appears 
to be first order in the quinolinium ion. The dependence of the kine
tics upon the sulfuric acid concentration was not determined because 
the nature of the sulfonating species could not be•established. 

Part VI 

2-Methyl-8-quinolinol, although it does not form a chelate 
with Al(III), is found to be fluorescent in certain molar ratios to 
Al(III). A similar fluorescence is observed for 2-methyl-8-quinolinol 
and Ga(III). This fluorescence is shown in both cases to be due to an 
excited state 2:1 2-methyl-8-quinolinol:metal complex, in which the 
ligands are bonded in a bidentate manror to the metal ion. Further
more, it is shown that the metal-oxygen bond is more covalent than 
ionic and that the 2:1 species is engaged in two equilibria with 1:1 
and 3:1 excited state complexes. The constants of these equilibria 
have not been determined due to the lack of information about concen
tration of excited state species. 



INTRODUCTION 

The excitation of a molecule from its ground state to one of 

its electronically excited states is a process which frequently alters 

the distribution of electronic charge relative to the electronic dis

tribution in the ground state. A logical consequence of this altera

tion of charge distribution is a difference in chemical properties be

tween ground and excited states. An excited state of a molecule might 

be considered a totally different chemical species than the ground 

state of the same molecule. If a molecule with an acidic functional 

group is electronically excited, the resulting change in charge dis

tribution might be expected to alter the acidic strength of that mole

cule. If electronic charge density in the region between the hydrogen 

ion and its point of attachment to the molecule increases, then more 

energy must be expended to overcome increased covalent forces binding 

the hydrogen ion to the molecule and its acidic strength will be de

creased relative to the acidic strength of the ground state. The pK 

or negative logarithm of the dissociation constant is used to describe 

the acidic strength of a molecule; the lower the pK of an acid, the 

greater its acidic strength. The present work is concerned With the 

determination of pK's of several organic molecules in excited states 

(pK*'s) and the relationships of pK*'s to structural features of these 

molecules. The pK* is defined as the pK of the acid in that excited 

state environment which permits a rapid proton exchange to occur be

tween the acid and the solvent. 

-1-
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For purposes of classification, excited states of acidic (or 

basic) molecules will be considered to be of two types: those in 

which the spin multiplicity of the excited state differs from that of 

the ground state and those in which the ground and excited states have 

the same multiplicity. 

Prototropic equilibria of the former type have been studies by 

Jackson and Porter. In their studies, pK*'s of triplet states pro

duced by flash photolysis with a pulsed x-ray beam were determined by 

triplet-triplet absorption measurements upon irradiated solutions, and 

phosphorescence measurements upon glasses at low temperatures. For 

the most part, studies of this type have been combined to molecules in 

which the ground state is a singlet and the excited state a triplet 

state. Equilibria of excited singlet states, on the other hand have 

been studied in much more detail. Currently there are three approaches 

to the determination of pK,v's of excited singlet states. Two of these 

2 
are based upon a thermodynamic approach devised by Forster and ex-

3 
panded by Weller. The basis of this treatment is the equivalence m 

energy of two paths by which the excited state of a base may be ob

tained from the ground state of its conjugate acid. The ground state 

acid dissociates to the ground state base, and then a quantum of radi

ation is absorbed to elevate the base to its excited state. Alterna

tively, the acid absorbs a quantum of radiation, thereby becoming 

electronically excited, and then dissociates to form the excited state 

of the base. If the enthalpies of dissociation in ground and excited 

states are AH and AH* respectively, and the energies of the quanta 

absorbed by acidic and basic species are AND .Eg respectively, we 
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have AH + Eg = AH* + rearranging and substituting = NhC and 
A 
A 

E_ = NhC where N = 6.023 x 10^ molecules/mole, h = 6.625 x 10 ̂  erg 
B -F— 

B 

sec., c = 3 x 10^ cm/sec. and and ^B are the wave lengths of the 

quanta absorbed by acid and base respectively, we get: 

Ah - Ah* = Nhc (-̂ L. " -̂ ) 

Since AH = AF + T&S and AH* = AF* + TkS*, 

if we assume that AS* = As 

then AF - AF* = NhC (-^ ~ 

but AF = 2.303 RT (pK) and AF* = 2.303 RT (pK*) 

so that pK - pK* = — (—J— " -v—) 
* 2.303 RT AA >VB 

or pK* = pK - °-625 (-J^- " -J^-) 
T AA AB 

which shall be referred to hereafter as the Forster cycle. 

In the first method, a knowledge of the absorption spectra of 

a molecule in acidic and basic solutions along with the pK of the 

corresponding ground state equilibrium can be used in conjunction 

with the Forster cycle to calculate excited singlet state pK*'s. Al

ternatively, if both acidic and basic species .of the equilibrium are 

fluorescent, the emission spectra of the compound may be used in the 

Forster cycle in place of the absorption spectra. 

In deriving the Forster cycle, three rather drastic assump

tions are made. (1) The entropy changes for dissociation in ground 

and excited states are assumed to be identical. Since the polarities 

of ground and excited states are generally quite different, the 
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solvent environments of ground and excited state species will be differ

ent. The validity of this assumption therefore rests predominately on 

how effectively the differences in solvation entropies of ground and 

excited state species cancel in the entropy differences between acidic 

and basic species. (2) The Forster cycle does not take into account 

the vibrational structure in the electronic transition terms. It is 

therefore applicable, a priori, only to the 0-0 vibrational bands of 

either absorption or emission spectra. At other than very low tempera

tures, the position of the 0-0 band is generally unknown. If the as

sumption is made that the spacings between vibrational levels in the 

excited states of both acidic and basic species are alike and that the 

energy distributions between Vibrational subbands are alike, then the 

band maxima for both species of the conjugate pair will be displaced 

an equal amount from the 0-0 band at any given temperature. The posi

tions of the band maxima of absorption or emission spectra may there

fore be used as the "X's in the Forster cycle. (3) The transitions in 

both acidic and basic species are assumed to be "corresponding". That 

is, the excited states of acidic and basic species must arise from 

transitions between similar electronic states in acid and base. If 

this were not the case, then the process of dissociation in the excited 

singlet state would have to be accompanied by an electronic transition 

in order to go from the excited state electronic configuration of the 

acid to that of the base. This is a highly improbable process. Fur

thermore, the excited state electronic configurations of the conjugate 

pair must have similar symmetry properties in that they must belong to 

the same irreducible representations of their point groups, or the 
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dissociation process will, again, be improbable. 

4 . The second method of determining pK* s is also based upon the 

Eorster cycle, but the errors inherent in the cycle are minimized by 

locating the position of the 0-0 band for acid and basic species. Lo

cation of the 0-0 band is accomplished by averaging the positions of 

the maxima of the emission and absorption spectra of the same species. 

This approach is rather limited as it is applicable only to those 

molecules in which both acidic and basic species are fluorescent. 

Furthermore, this method presupposes that the energy distribution be

tween vibrational subbands is identical in emission and absorption 

spectra and that the vibrational spacing is the same in ground and ex

cited states so that a mirror-image relationship exists between absorp

tion and emission spectra. The validity of these assumptions cannot be 

proven any more than can those in the previous case where only absorp

tion or emission spectra are employed. 

2 3 The third and final method ' of determining excited singlet 

state pK*'s does not employ the Forster cycle and is entirely free of 

the assumptions of the Forster cycle. This method is limited to mole

cules in which at least one member of the conjugate pair is fluores

cent. It Consists of determining the variation in fluorescence 

intensity of one member of the conjugate pair with acidity of the test 

solution. A plot of fluorescence intensity* vs. acidity (pH or Ho) 

will yield a sigmoid curve if prototropic equilibrium occurs, the inflec

tion point of which has a coordinate on the acidity axis corresponding 

to the pK* of the acid, provided that no ground state equilibria ocotir 

to depopulate the excited state species responsible for fluorescence 
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and that equilibrium is attained within the lifetime of the fluorescent 

state. This method is essentially a titration of the excited state 

species and will hereafter be referred to as fluorescence titration. 

The basis of the method is the relationship between fluorescence in

tensity and concentration of the fluorescing species in the excited 

singlet state. If a member of the conjugate pair is fluorescent, is 

in concentration £, has a molar absorptivity €, a sample path length 

1, is excited by radiation of constant incident intensity lo, and is 

the only ground state, absorbing species present, then the intensity 

-£.cl 
of light transmitted through the sample, 1, is I = lo e 

the fraction of lo transmitted is —i— = e 
lo 

T -fid 
and the fraction of lo absorbed is 1 - —i— = 1-e v 

lo 

-£_C 1 
so that the intensity of light absorbed is lo - I = 16 (1-e ). 

Now if Q is the fraction of absorbed radiation disposed of in 

the form of fluorescent emission (the fluorescence efficiency), then 

-gel 
the intensity of the fluorescent emission is = Q(Io-I) = (1-e. ' ). 

But if the concentration of the absorbing (ground state) species is 

-6c 1 
made very small, i.e., c-^o The well known expansion, limc_^ • ) 

= €'.cl, obtains; so that If = QIo £-cl, which is to say that in the 

limit of low ground state (absorber) concentration]-, fluorescence in

tensity is proportional to the concentration of the absorbing species, 

provided that pH conditions are such that only one absorbing species 

is present. Now if l£ = QIo£-cl and c, the ground state concentration 

of absorber, is invariant in the pH range of measurement, then 1^ = 
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const, x Q. If the only pH dependent process competing with fluores

cence in the first excited singlet state of the emitting species is the 

excited state prototropic equilibrium + H+ where A* is the 

emitting species, then Q = (A*) . Under constant illumination in-
(A*) + (B*) 

tensity and constant absorber concentration (A*) + (B*) is constant so 

that If + const, x (A*), or fluorescence intensity is proportional to 

the concentration of the emitting species. Consider the following ex

cited state prototropic equilibrium A*B* + H+. The equilibrium con

stant for this reaction is K* = (H+) (B*) or pK* = pH - log (B*). 
(A*) (A*) 

IjE I_£ = const, x (A*) and If(max) = const, x ( A* + B* ), that is to 

say, if the acidic species is fluorescent, then: 

pK* = pH - log If(max) -If = pH - log (If(max) - 1) 

~~h 

A plot of If vs. pH is analogous then, to the titration curve 

of a weak acid, with the difference that in this case the acid is in 

its excited singlet state. The point at which (B*) = (A*) is the point 

at which If drops to half its maximum value. It is at this point that 

pH = pK*. If the basic species is fluorescent then 

pK* = pH - log If 
If (max) - If 

and the titration curve of I£ vs. pH corresponds to that of a weak 

base, the point of half-maximum fluorescence intensity again giving 

the pK*. A test of the excited state equilibrium hypothesis can be 

made by plotting the logarithmic term of the above equation!.vs. p&. 

If prototropic equilibrium occurs within the lifetime of the fluores

cent state a straight line obtains. In summary, there are three 
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methods for determining pK*'s of excited singlet states: 

(1) measurement of fluorescence or absorption wavelength of 

acidic and basic species. 

(2) measurement of both fluorescence and absorption wavelength 

of acidic and basic species, followed by averaging of 

fluorescence and absorption spectra. 

(3) measurement of fluorescence intensity as a function of pH. 

Since fluorescence almost always occurs from the lowest ex

cited singlet state, all methods involving pure fluorescence data will 

necessarily give pK*'s corresponding to lowest excited singlet states. 

Absorption spectra provide a multitude of states for which excited 

state pK*'s can be determined. The lowest excited singlet state pK* 

can be determined, however, from the lowest energy absorption bands 

for acidic and basic species. 

In considering excited state prototropic equilibria from a 

theoretical point of view, the molecular orbital theory has been 

applied with some degree of success. The molecular orbital theory is 

an approximate method of solving the wave equation for the energy 

levels and wave functions of electrons in molecules. The method is 

based upon choosing a linear variation function, for molecular elec

tronic orbitals, composed of a linear combination of the atomic orbi-

tals which are involved in bonding. For a molecule with "n" atoms in 

its 7T- skeleton, the linear variation function has the form Sk' mo =* 

n = 1^ 11 n. The energy associated with ̂  , Emo ±N̂ mo W\ m̂o . 
• dT mo mo 

where H is the molecular Hamiltonian operator, is minimized with 
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respect to each of the 11 atomic orbital coefficients Cn, in accordance 

with the variational principle of quantum mechanics. This treatment 

yields a set of n equations which can be solved, by means of the secu

lar equation I ̂ j ~ ES^^ | = 0, where 1L.. H ̂  dt and 

for the molecular energy levels and atomic orbital coefficients. The 

latter information gives the analytical form of\ m̂o. The molecular 

6 
electronic wave functions from the procedure, which is due to Huckel, 

can be used to calculate quantities related to molecular reactivity or 

can be used as the starting point for an iterative process, developed 

by Roothan,'' Pariser,^ Parr and Pople,^ in which the'Np^'s and energy 

levels are used to obtain a new secular determinant. Solution of the 

new secular determinant is repeated until no further change in the 

\I/ 's and energy levels is observed, or in other words, self consist-
jl mo 

ency is attained. 

The earliest attempt at correlating quantities calculated from 

molecular orbital theory with observed quantities related to acidity, 

10 _ 
was made by Pullman and Pullman. In this work,7L - electron densi

ties (q^) were calculated from the squares of the atomic orbital coef

ficients, calculated by a Huckel treatment, for a series of nitrogen 

heterocycles, at the nitrogen atoms. The observed pKi'-s of the proto-

nated forms of the nitrogen heterocycles did nbt give a linear rela

tionship when correlated with the calculated In fact, in some 

cases the observed and calculated acidity orders were not identical. 

The conclusion drawn from this information, ̂ as that 7C"- charge 



10 

density is at best a qualitative indication of acidity. This was at

tributed to the failure of fC- charge density calculations to account 

for differences in entropy changes between different acid-base pairs 

and to the failure of the Huckel method to account for interelectronic 

repulsions in the calculation. Subsequent self consistent field cal

culations yielded similar results, demonstrating that the simplicity 

of the Huckel calculations was not necessarily at fault. In light of 

the failure of 7C~ charge densities to correctly predict acidity 

orders, a different quantity calculable from molecular orbital theory 

was needed to describe acidity. The approach taken was based upon 

the statistical-thermodynamic definition of the equilibrium constant. 

For the equilibrium HA^H+ + A" 

Qa_ QH4- & 
K = A ' H e" RT 

QHA 

Where Q^~, Q^+and are the partition coefficients of conjugate 

base, hydrogen ion and acid, respectively, and &E is the energy of 

the dissociation process. 

Now, In K=2.303 log K = 2.303 log QA" QH+ - LE 
RT 

QHA 
or pK = - log Qa- Qh+ + AE 

2.303 ET 

Under given experimental conditions - log QA- QH+ is constant 

Qha 

so that pK =± constant + L E 
2.003 RT 

In a prototropic reaction, the energy differences between 

acidic and basic species are due to: differences in 7C- electron dis

tribution and (T - electron distribution between acid and base, 
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differences in solvent environment of acid and base, and a steric factor 

due to changes in bonding at the basic site upon protonation, so that 

AE = AE^ + AE^ + AE solvent + AE steric. In rigid aromatic 

molecules most investigators have considered AE^ + AE solvent + AE 

steric to be constant, so that pK = constant + . . This implies 
2.303RT 

that pK should be a linear function of A% . Aew can be calculated 

from either a Huckel or a selfoconsistent-field, treatment by•subtracting 

the total 7C- energy of the acidic species from that of the basic 

species. In order to calculate the '7T- energies of the conjugate 

pair, the carbon coulomb parameter and the carbon-carbon bond inte

gral H^j (i^fcj) must be corrected for the effective charge on the pro-

tonated and non-protonated forms of the heteroatom which is the acidic 

(or basic) center of the molecule. This is usually accomplished by 

altering the carbon coulomb parameter to obtain the heteroatom coulomb 

parameter, and by multiplying the carbon-carbon bond integral by a 

fraction to obtain the carbon-heteroatom bond integral. The corrective 

quantities are generally determined from nuclear quadrupole resonance 

datfc or electronegativity data. Once the heteroatom coulomb and bond 

terms aire known, a number of methods are available for calculation of 

AE^ . 

The most direct method of calculation of 7C- energies is the 

evaluation of the secular determinant for the molecular framework us

ing the corrected heteroatom parameters for protonated and non-proto

nated forms. 

Longuet-Higgins^ has used a simple perturbation treatment to 

calculate fcEf? 's without calculatingt&K. for acidic and basic species. 
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In this approachAE^ is calculated for the molecular framework of the 

acid or base, assuming that only carbon atoms are present. Longuet-

12 Higgins and Coulson have shown that the change in 711 energy in an 

alternant hydrocarbon due to replacement of a - CH - group with a 

heteroatom is approximately qr&ot where qr is the fC - charge density 

upon the carbon atom of the alternant hydrocarcom and =Ah^ is 

the difference in coulomb integral between the heteroatom and the car

bon atom. Longuet-Higgins has extended this approach to the acid-base 

properties of heterocycles by redefining & Oi as the difference in 

coulomb integral between protonated and non-protonated forms of nitro

gen. qr is still the fC- charge of carbon in the corresponding all-

carbon skeleton, so that A*^ between acidic and basic species is 

qrGket. 

The aforementioned methods of calculating Mic have been based 

upon Hilckel calculations. Since the Hlickel method ignores interelec-

tronic repulsions and is seldom very accurate in correlating calculated 

quantities with experimental observables, the expansion of the method 

of calculation using repulsion terms is justified. Such expanded cal

culations generally fall within the framework of the semi-empirical 

13 
self consistent field approach. Pullman and Nakajima have used the 

Pariser, Parr, Pople self consistent field formalism to obtain an ex

pression for in heterocycles. The expression obtained is • AE^ 

= q^ AWh + 2c (q£ - l)(hh|cc)5Zn where q^ is the 7C- charge density 

upon the basic form of the heteroatom, AW^ is the difference in val

ence state ionization energy between protonated and non-pronotated 

heteroatoms, (hh|cc) is the coulomb integral between % - electrons 
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on the heteroatoms and those on the carbon atoms of the molecular frame

work, qc is the fU- charge density upon the individual carbon atoms and 

%2.n t'ie change in heteroatom core charge upon protonation (for one 

heteroatom $ Z  = 1) • The summation is carried out over the n-1 car-
n 

bon cores of the molecular framework. 

An interesting result of all methods of calculation discussed 

is that they predict the same acidity orders for the same series of 

compounds and the pK's measured never quite follow this order. This 

implies that neglect of electronic repulsions in the Huckel method is 

not very significant when considering differences in 7T- energies be

tween acidic and basic species. The calculations while not com

pletely accurate are generally observed to be more accurate in predict

ing pK orders than are fC- charge density calculations. 

Several attempts have been made to explain and correct the in

adequacy of calculated 's in predicting acidity orders. Two of 

14 the most plausible of these are due to Chalvet, Daudel and Peradejordi 

and to Pullman and Pullman. Both of these corrections are based upon 

the failure of alone in accounting for the &E of protonation. 

Chalvet, Daudel and Peradejordi have assurtied that AE solvent 

is not constant for a series of related acid-base pairs, but varies 

with molecular geometry. They have derived a AE solvation term to 

correct AE-. , which has the form AE solvent = - aSu Q*-2 (l - JL) 
71 i: 2ri D 

where Qi is the effective 7C- charge density on atom i of the molecular 

framework, r. is the effective radiuis of atom i and D is the effective 
' l 

dielectric constant of the solvent. The summation is carried out over 

all atoms of the molecular framework. When AE solvent calculated by 
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this method was added to for a series of N-heteroaromatics the 

calculated pK orders remained unchanged but were observed to be shifted 

in the direction of the experimentally determined pK orders. 

Pullman and Pullman'''"' approached the problem by calculating a 

term which corresponds to repulsive interactions between heteroatom 

lone pair electrons and the "TT- electrons on the carbon atoms of the 

molecule. The expression for pK in this approach is pK = B+IQP(11|PP) 
P 

where (lljPP) is the coulomb integral between the lone pair electrons 

and the carbon X- electrons, Qp is the 1C- charge density upon each 

carbon atom of the molecule and B is a constant which is determined 

semi-empirically. The summation is carried out over all carbon atoms 

of the molecular skeleton. This approach has been applied to several 

purines and pyrimidines, giving reasonably good linear correlation be

tween the first pK and PP) for the most basic centers of the 

molecules. One might be tempted to consider the lone pair electron -

% - electron repulsion term difference between acidic and basic species 

( A52pQp (ll|PP)) the AE steric term, as the steric energies do arise 

from the disposition of the lone pair electrons. This term could be 

used along with the AE solvent of Chalvet, Daudel and Peradejordi to 

correct To the author's knowledge, however, no such attempt 

has yet been made. 

From the foregoing discussion it Should be obvious that calcu

lations of AEic and possibly even 1C- charge densities of hetero-

atoms are at least qualitatively useful in describing ground state 

prototropic equilibria. By promoting atl electron from the highest 

occupied orbital to the lowest unoccupied orbital, the electronic 
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configuration corresponding to the lowest excited state is obtained. 

The charge densities calculated for such electronic distributions are 

generally quite different from those calculated for ground states of the 

same molecules, as are 's calculated for the excited state elec

tronic configurations of acidic and basic species (hereafter referred 

16 
to as *). Mason has used the Longuet-Higgins perturbation tech

nique to calculate the excited state 7T- charge density upon oxygen in 

3-quinolinol and has found it to be considerably lower than that of the 

ground state. He hereby predicted the increased acidity of the proio-

nated form of 3-quinolinol in its lowest excited singlet state, in the 

cation-zwitterion equilibrium, compared with that of the cation in the 

corresponding ground state equilibrium. 

Ballard and Edwards^ have also used the Longuet-Higgins tech

nique to calculate TC-electron densities in ground and excited states 

of 3, 4 benzeinnoline as well as w* 's for ground and excited state 

dissociations. Their results show that the nitrogen atom first proto-

nated, becomes less basic in the first excited singlet state, confirm

ing the n->7C* nature of the ground to excited singlet transition. 

These calculations are in agreement with the observed spectra and ex

perimentally determined pK and pK*. 

The present study is concerned with lowest excited state proto-

tropic equilibria in the quinolinols and related compounds. The scope 

of this work will encompass: substituent effects in excited states, 

comparison of the methods of determining pK*'s and correlation of pK*'s 

with indicies of prototropic reactivity calculated from the molecular 

orbital theory. Extension of the methods of study of excited state 



prototropic equilibria will be made to the study of excited state metal 

ligand equilibria. In addition, fluorescence will be shown to be a use 

ful tool in the study of the kinetics of rapid reactions in solution. 



APPARATUS 

Fluorescence spectra were obtained with an Amineo-Bowman Spec-

trophotof luoro.meter with a 150 watt mercury-xenon lamp as the light 

source. The emission monochromator of the instrument was calibrated 

with a Spectroline "pen-ray" low pressure mercury discharge lamp. This 

was accomplished by allowing the discharge from the lamp to pass through 

the narrowest slit setting of the monochromator while rotating the mono

chromator drum from 800 to 200 mji. The most intense maxima, recorded 

at 730,365 and 313 mji were used in the calibration. The excitation 

monochromator was calibrated by placing a small mirror in the cell com

partment at 45° to both the mercury xenon lamp slit and the emission 

monochromator slit. The emission monochromator was then set at 365 mfi 

and the maximum response, obtained by rotating the excitation mono

chromator, was recorded. The emission monochromator was then set at 

313 mji and the process repeated. In this way the positions of the 

365 mji and the 313 nyu band maxima, on the excitation monochromator 

dial, were established. 

Absorption spectra were obtained with a Gary model 11 record

ing spectrophotometer. 

1 cm quartz cells were used for all spectral measurements. 

17 



PART I 

PROTOTROPIC EQUILIBRIA IN THE FIRST EXCITED SINGLET STATES 
OF SOME HALOGENATED 8-QUINOLINOLS 

INTRODUCTION 

Several authors have maintained that the effects of substitu

tion in aromatic rings, upon molecules participating in excited state 

prototropic equilibria, give reasonable linear free energy relation

ships when correlated with ground state substituent constants. Wehry 

18 
and Rogers investigated excited state prototropic equilibria in a 

19 
series of substituted phenols and Jaffe and Jones studied several 

series of aromatic acids and bases in their lowest excited singlet 

states and observed a strong dependence of pK* orders on resonance ef

fects in the excited state. 

The present study was undertaken in order to determine the fac

tors governing the pK* orders in a series of halogenated 8-quinolinols 

and to determine whether or not the pK*'s of these compounds would 

yield a correlation with ground state substituent constants. 

8-quinolinol fluoresces at room temperature, with a band maxi

mum at 487 mu, in concentrated acid solution. In their study of 

8-quinolinol (Fig. 1-1) and 8-quinolinol-5-sulfonic acid, Ballard and 

20 Edwards observed the acidity dependence of the emission maxima of 

the N-methylated and O-methylated derivatives of these compounds. 

The fluorescence intensities of the O-methylated compounds varied 

with the acidity of their test solutions giving sigmoid curves with 

18 
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inflection points corresponding to the pK's of the ground state equili

bria between cationic and neutral species (Fig. 1-1). The fluorescence 

intensities of the N-methylated derivatives varied with Hq in a manner 

similar to that of 8-quinolinol itself. This work established that the 

quenching of the fluorescence of 8-quinolinol with increasing HQ is due 

to a prototropic equilibrium between the first excited singlet states 

of the cationic and zwitterionic forms of 8-quinolinol. Subsequent 

Forster cycle calculations, based upon measurement of absorption spec

tra of 8-quinolinol by the same authors, confirmed the nature of the 

equilibrium. The Hammett acidity scale, defined by Hq = pK + log (B) 
(A) 

where (B) is the ratio of the concentrations of basic to acidic 
(A) 

species, was necessary to describe the concentrated acid solutions 

used in this study as the pH scale was undefined in this region of 

acidity. 

In this work the fluorescence titration technique has been em

ployed to determine the excited state dissociation constants of a 

series of halogenated 8-quinolinols. 



EXPERIMENTAL 

Pure samples of 5-fluoro, 5-chloro, 5-bromo and 5-iodo-8-quino-

linols were obtained from Dr. Herman Gershon of the Boyce Thompson 

Institute for Plant Research Inc., Yonkers, New York. The dihalogen-

ated 8-quinolinols were obtained from K and K laboratories and purified 

before use. Many of these halogenated 8-quinolinols have been used 

for other studies in this laboratory and their purity has been veri

fied. The sulfuric acid used in this work was obtained from 

Mallinckrodt Chemical Company. 

The 365 mp line of mercury was employed in the excitation of 

all of the compounds studied. 

20 



RESULTS AND DISCUSSION 

All of the halogenated 8-quinolinols were found to fluoresce at 

room temperature in concentrated acid solutions. The acidity dependence 

of the fluorescence spectrum of 5-bromo-8-quinolinol is shown in Fig. 

1-2. In tables (1-1) - (1-7) the variations of the emission maxima, 

as a function of Hq, are given as are the wavelengths of the emission 

maxima for the halogenated 8-quinolinols. Figures (1-3) - (1-9) show 

the fluorescence titration curves obtained from the data of tables 

(1-1) - (1-7). The Hq values that have been used in this work corres-

21 22 
pond to the Hq scale that has been defined for uncharged bases. ' 

In table (1-8) is summarized the pK* values that correspond to the HQ 

values at the inflection points in the sigmoid curves. 

Several experimental difficulties were encountered in this 

work. 5, 7-diiodo-8-quinolinol decomposed so rapidly in concentrated 

^SO^ that it was not possible to obtain a fluorescence titration 

curve for this compound. 5-chloro -7-iodo-8-quinolinol also decomposed 

in concentrated ^SO^, but its rate of decomposition was slower than 

that of the 5, 7-diiodo compound. Therefore the excited state disso

ciation constant reported for this compound is only an approximate 

value. All the monohalogenated 8-quinolinols reacted with the most 

concentrated solution (HQ = -10.41) that was used in this work. 

This did not present a serious problem with the 5-bromo and 5-iodo 

compounds. With the 5-chloro and 5-fluoro compounds, however, it was 

found that the fluorescence intensity in an H2SO4 solution of Hq=-10.41 



dropped rapidly with time. Moreover, by measuring the fluorescence in

tensity of these solutions immediately after preparation, it was found 

that the inflection points in the fluorescence titration curves for 

these compounds could not be obtained even in l^SO^ solutions of 

Hq = - 10.41. From the few experimental data points that were obtained 

it was apparent that the 5-fluoro compound had a larger dissociation 

constant in the excited state than the 5-chloro compound. Approximate 

pK* values for the 5-fluoro and 5-chloro-8-quinolinols were obtained 

from the_intercept of the linear plot obtained when was plotted 

against It̂ q/Xf where Hq = - log tig and If is the corresponding fluores

cence intensity. 

Erom this work it has been found that the order of increasing 

dissociation constants in the substituted 8-quinolinols is: 

5-iodo ̂  5-chloro, 7-iodo p>5, 7-dibromo > 5-bromo S 
(-6.7) (-7) (-7.6) (-7.8) 

5, 7-dichloro S 5-chloro ̂  5-fluoro 
(-8.2) (-9) (-11) 

The values given in parentheses are the pK* values. 

20 Ballard and Edwards' experiment, which shows that the equili

brium involved in the fluorescence titration is between the excited 

states of the zwitterion and cation of 8-quinolinol, indicates that in 

the excited singlet state, the hydroxy proton of the quinolinium ion 

is more acidic than the proton on the ring nitrogen. This result is 

in agreement with the Huckel molecular orbital calculations of Burton 

23 and Davis, which indicate a migration of electronic charge from the 

homocyclic to the heterocyclic ring of the 8-quinolinol upon excitation 



from the ground singlet to the first excited singlet state. This calcu

lation also predicts that the heterocyclic ring nitrogen atom will be

come more basic in the first excited singlet state. Ballard and Edwards 

have shown this to be true also. The calculated value of the pK* for 

the equilibrium between the quinolinium ion and the neutral species is 

15.3. 

From the foregoing it seems reasonable to assume that the pK* 

values determined by the fluorescence titration technique in this work 

correspond to the equilibria between the cation and the zwitrterion 

species of all the 8-quinolinols studied. 

18 
Recently Wehry and Rogers have shown that excited state dis

sociation constants calculated by the use of the Forster cycle can be 

correlated with substituent constants are applicable to the ground 

19 
states of the molecules. A similar conclusion was reached by Jaffe 

and Jones with excited state dissociation constants obtained from ab

sorption spectra. It is of interest, therefore, to determine whether 

the pK* values obtained in this work by the fluorescence titration 

method can be correlated by linear free energy relationships. 

The pK* values obtained for the dihalogenated 8-quinolinols 

cannot be correlated by linear free energy relationships, due to the 

differences in steric effects exerted on the phenolic group by differ

ent -substituents in the 7-position. The pK* values of two of the mono-

halogenated 8-quinolinols are not known accurately. Therefore it would 

be meaningless to correlate pK* values obtained in this work with any 

type of substituent parameters. A trend, however, can be observed; 
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the pK* values of the 5-halogenated 8-quinolinols decrease with increas

ing electronegativity of the halogen atom. Thus, in the first excited 

singlet state the 5-iodo-8-quinolinol is the weakest acid and the 

5-fluoro-8-quinolinol the strongest acid. In the series of substituted 

phenols investigated by Wehry and Rogers, it was found that of the 

three halogen substituted compounds, p-fluorophenol was the weakest 

acid and p-bromophenol the strongest acid in the first excited singlet 

state. Clearly, the presence of the heterocyclic ring in 8-quinolinol 

is responsible for the reversal of the acidity order in the excited 

states of the 8-quinolinols as compared with the phenols. 

The trends that have been observed in the acidities of the 

halogen substituted phenols in the ground state as well as in the ex

cited state strongly suggest that resonance effects are much more im

portant than inductive effects in these compounds. Unfortunately, no 

experimental data are available for the ground state acidities of the 

halogen substituted 8-quinolinols that correspond to the excited state 

acidities of these compounds for the cation-zwitterion equilibria. It 

can, however, be concluded that in the excited states of the 5-halo— 

8-quinolinols, the inductive effects far outweigh the resonance effects. 

This might be explained as follows: upon excitation, 1C- electron 

density migrates from the.homocyclic to the heterocyclic ring in the 

8-quinolinols. The halogen substituent in the homocyclic ring will 

release it- electrons to the heterocyclic ring. As a result of this, 

the predominant effect of the halogen substituent on the homocyclic 

ring, as well as on the phenolic group, will be an inductive electron 



withdrawing effect exerted by the halogen. The acidity order would then 

depend primarily on the electronegativity of the halogen substituent. 

The interpretation of the pK* values of the dihalogen substi

tuted 8-quinolinols is complicated by steric effects that the substi

tuent in the 7-position may have on the phenolic group. The acidities 

of these compounds do, however, follow an order which seems to be de

pendent upon the electronegativity of the substituent in the 5-position 

and either the electronegativity or the steric effect of the substituent 

in the 7-position. The 5, 7-dichloro compound is a weaker acid than 

the 5-chloro compound and the 5, 7-dibromo compound a slightly weaker 

acid than the 5-bromo compound. It would appear from these results, 

therefore, that the steric effects of substituents in the 7-position 

are much more important than inductive effects in the first excited 

singlet states of the 8-quinolinols. 



APPENDIX I-A 

Tables I-l - 1-8 
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Table 1-1 

Variation of Fluorescence Intensity (1^) of 5-Fluoro-8-Quinolinol with 

Sulfuric Acid Concentration (Hq) Xmax. = 481 mfi 

Ho *f H0 rf 

-10.41 115 - 8.02 39 

-10.30 100 - 7172 34 

-10.20 91 - 7.28 25.5 

-10.02 77 - 6.45 25.5 

- 9.37 57 - 5.87 24 

- 8.33 45 

Table 1-2 

Variation of Fluorescence Intensity (I^) of 5-Chloro-8-Quinolinol with 

Sulfuric Acid Concentration (Hq) Amax, = 491 mp 

-10.41 227 - 7.72 75 

-10.20 192 - 7.28 73 

-10.02 179 - 6.45 60 

- 9.37 150 - 5.87 44 

- 8.33 110 - 5.30 40 

- 8.02 91 - 4.82 32 
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Table 1-3 

Variation of Fluorescence Intensity (If) of 5-Bromo-8-Quinolinol with 

Sulfuric Acid Concentration (Hq) ^max. = 496 m/u 

HQ If H0 If 

•10.02 240 - 7.72 165 

• 9.37 233 - 7.28 111 

• 8.33 205 - 6.45 100 

• 8.02 177 - 5.87 96 

Table 1-4 

Variation of Fluorescence Intensity (1^) of 5-Iodo-8-Quinolinol with 

Sulfuric Acid Concentration (HQ) Xmax. = 488 nyu 

Hq If Hq If 

-10.02 198 - 6.45 104 

- 8.33 168 - 5.87 54 

- 8.02 162 - 5.30 54 

- 7.72 145 - 4.82 45 

- 7.28 125 
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Table 1-5 

Variation of Fluorescence Intensity (If) of 5, 7-Dichloro-8-Quinolinol 

with Sulfuric Acid Concentration (H^) Xmax, = 486 nya 

Ho If H0 Xf 

-10.02 169 - 8.02 81 

- 9.37 158 - 7.72 46 

- 8.43 123 - 7.28 34 

- 8.33 112 - 6.45 23 

- 8.18 95 - 5.87 16 

Table 1-6 

Variation of Fluorescence Intensity (If) of 5, 7-Dibromo-8-Quinolinol 

with Sulfuric Acid Concentration (HQ) Xmax, = 491 nyu 

H0 If H0 If 

-10.02 172 - 7.28 62 

- 9.37 169 - 6.45 50 

- 8.33 155 - 5.87 31 

- 8.02 134 - 5.30 19 

- 7.72 107 - 4.82 16 

- 7.50 91 
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Table 1-7 

Variation of Fluorescence Intensity (1^) of 5-chloro-7-Iodo — 8-Quinolinol 

with Sulfuric Acid Concentration Hq Xmax = 496 nyi 

-l 8.33 159 

- 8.02 156 

- 7.72 123 

- 7.28 116 

- 6.45 98 

- 5.87 88 

- 5.30 65 

- 4.82 60 

Table 1-8 

pK*'s of the Halogenated 8-Quinolinols for the Prototropic Equilibria 

Between the Excited Cation and Zwitterion 

Compound pK* 

S-Fluorc-S-Quinolinol -11 

5-Chloro-8-Quinolinol - 9 

5-Bromo-8-Quinolinol - 7.8 

5-Iodo- 8-Quinolinol - 6.7 

5, 7-Dichloro-8-Quinolinol - 8.2 

5, 7-Dibromo-8-Quinolinol - 7.6 

5-Chloro- 7-Iodo-8-Quinolinol - 7 
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Fig. 1-1 Prototropic Equilibria Involving the Protonated Form of 
8-Quinolinol (C) Cationis Species, (N) Neutral Species, (Z) Zwit-
terionic Species 
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mu 

Fig. 1-2 Acidity Dependence of the Fluorescence Spectrum of 5-Bromo-
8-Quinolinol 
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Fig„ 1-3 The Fluorescence Titration Curve of 5-Fluoro-8-Quinolinol 
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Fig. 1-4 The Fluorescence Titration Curve of 5-Chloro-8-Quinolinol 
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Fig. 1-5 The Fluorescence Titration Curve of 5-Bromo-8-Quinolinol 

Fig. 1-6 The Fluorescence Titration Curve of 5-Iodo-8-Quinolinol 
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Fig, 1-7 The Fluorescence Titration Curve of 5, 7-Dichloro-8-Quinolinol 
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Fig. 1-8 The Fluorescence Titration Curve of 5, 7-Dibromo-8-Quinolinol 
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Fig. 1-9 The Fluorescence Titration Curve of 5-Chloro — 7-Iodo-8-
Quinolinol 



PART II 

PROTOTROPIC EQUILIBRIA IN THE FIRST EXCITED 
SINGLET STATES OF THE QUINOLINOLS 

INTRODUCTION 

The excited state prototropic equilibrium constants determined 

from Forster cycle calculations and those obtained by fluorescence ti-

1 fi tration have been assumed to give identical results. Mason has de

termined the pK* of 3-quinolinol by fluorescence titration and by ab

sorption measurements, and has found the values obtained by the two 

0 / 
methods to be in excellent agreement. Studies by Wehry and Rogers . 

on a series of aromatic hydroxy compounds, however, have yielded sub

stantially divergent values of pK* by these methods. 

In the present work, the methods of measurement of pK* pre

viously discussed, were applied to five aromatic hydroxy compounds: 

5-quinolinol, 6-quinolinol, 7-quinolinol, 8-quinolinol and 5-isoquino-

linol in order to compare the pK*'s determined by the various methods. 

The numbering of the quinoline and isoquinoline rings is illustrated 

below. Huckel calculations of molecular, indices related to acidity, 

were performed on these compounds in an attempt to correlate the ob

served acidity orders in ground and excited states with theoretically 

predicted acidity orders. 

37 



38 

QUINOLINE ISOQUINOLINE 

2-quinolinol and 4-quinolinol were also studied but are omitted 

from this section because of the difficulty in establishing the identity 

of the excited state equilibrium due to possible participation of 

quinoid basic forms. They will be discussed in a later section. 



EXPERIMENTAL 

5-quinolinol, 6-quinolinol, 7-quinolinol, 8-quinolinol and 5-

isoquinolinol were purchased from K and K Laboratories Inc., Plainview, 

New York and recrystallized five times from ethanol. 5-quinolinol had 

to be recrystallized seven times to remove a fluorescent impurity. 

The N-methylated derivatives of these compounds were prepared 

by dissolving the quinolinols in excess dimethyl sulfate and allowing 

the excess to evaporate sufficiently to collect the needles of the 

N-methylated compounds. These were recrystallized, once each, from 

absolute ethanol. 

Mallinckrodt analytical reagent grade perchloric acid was em

ployed in these experiments. 

The 313 mji line of mercury was employed in excitation of all 

compounds studied in this section. 
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RESULTS AND DISCUSSION 

All of the compounds studied were found to fluoresce in concen

trated perchloric acid. In very dilute perchloric acid (10~Hl) and in 

neutral aqueous solution, the fluorescence was completely quenched for 

5-quinolinol, 8-quinolinol and 5-isoquinolinol, but was shifted to 

longer wavelength for 6-quinolinol and 7-quinolinol. The quenching of 

the fluorescence of 8-quinolinol has been shown, by Ballard and 

20 
Edwards, to be due to a prototropic equilibrium between the first ex

cited singlet states of the cationic and zwitterionic forms of 8-

quinolinol. That the equilibria studied here are also first excited 

singlet, cation-zwitterion equilibria was demonstrated by preparing 

the N-methyl methosulfates of all of the quinolinols studied and ob

serving their fluorescent properties. The N-methyl derivatives of 

5-quinolinol and 5-isoquinolinol in aqueous solution, which are similar 

to the zwitterionic forms of 5-quinolinol and 5-isoquinolinol, showed 

no fluorescence. The N-methylated derivatives of 6 and 7 quinolinols 

fluoresced with maxima very close to those of 6 and 7 quinolinol in 

aqueous solution. The emission maxima of all the N-methylated deriva

tives, in concentrated perchloric acid, closely approximated those of 

their respective parent compounds in the same solvent. The positions 

of the emission maxima for the quinolinols and their N-Methylated de

rivatives are in Table II-l. 

The pK*'s of 6 and 7 quinolinols and 5-isoquinolinol were de

termined from the inflection point in the curve obtained for each com

pound by plotting fluorescence intensity as a function of Hg for a 
40 
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series of perchloric acid solutions each containing 5x10"^ M quinolinol. 

The variations in fluorescence intensity with Hq for all five 

compounds studied are shown in tables II-2 - II-6, while the fluores

cence titration curves for 6-quinolinol, 7-quinolinol and 5-isoquino-

linol are shown in figures II-l - II-3. 

The maximum acidity of the perchloric acid used, Hq = -6.9, 

did not permit completion of the titration curves of 5 and 8 quinolinols. 

When measurements were attempted in concentrated sulfuric and solutions 

of higher acidity, sulfonation of the quinolinols occurred, altering 

the fluorescence intensities. In order to estimate the pK*'s of 5-

quinolinol and 8-quinolinol from the few points that were available 

for each compound in the region of the titration break, the following 

approach was taken. 

Let us define Hq =-log ho so that if Hq = pK* + log , 

where (Z*) and (C*) are the excited state concentrations of zwitterion 

and cation, respectively, then K* = hQ X%*) . Now at constant intensity 

of exciting radiation (C*) + (Z*) = A (a constant,) if no processes 

other than the prototropic equilibrium under consideration are occurring 

in the excited state, then K* = ho (C*)) = hn( A _ i). 
u (C*) u (C*) 

If the excited cation is the fluorescing species, then the 

fluorescence intensity (If) is proportional to the concentration of 

cation in the excited singlet state, i.e. (C*) = kl^ and 

A < 
K* = h (~- -1). Now let k = m, so that K* = m (So ) - hQ. 

f f 

A plot of hQ vs. hQ If should be linear, with intercept - K* 

on the ho axis, so that a few points in the region of the titration 



break in a fluorescence titration should establish a pK*. There is 

some inaccuracy in this approach due to the fact that fluorescence is 

rarely quenched completely at the very bottom of the titration break. 

Rather, it dies out gradually with increasing Hq, resulting in an arbi

trariness in selecting a point of zero fluorescence intensity from 

which to determine the If's to be used in the foregoing calculation. 

The pK*'s for the cation-zwitterion equilibria of the five compounds 

studied, by fluorescence titration are listed in table II-7. 

The emission data of Table II-l can be used to calculate the 

pK*'s of 6-quinolinol and 7-quinolinol from the F'(5rster cycle provided 

that the pK's for the corresponding ground state cation-zwitterion 

equilibria are known. The ground state pK's have been determined by 

25 Mason and are 7.03 for 6-quinolinol and 6.01 for 7-quinolinol. Using 

these data in the F'drster cycle the pK* of 6-quinolinol is found to be 

-1.6 while that of 7-quinolinol is also -1.6. These results are ob

viously not in good agreement with those determined by fluorescence 

titration, -3.2 and -2.1 for 6-quinolinol and 7-quinolinol, respec

tively. This, however, is to be expected, since the ground state pK's 

used in the calculation, have been determined in aqueous solution, 

while the emission maxima were measured in concentrated perchloric 

acid. The ground state pK's cannot be determined by conventional means 

in concentrated acid, since the ground state zwitterion is essentially 

non-existant in that medium. While the pK*s determined from properties 

measured in different solvents are not very meaningful, experimentally 

significant results can be obtained for the ground state pK's in con

centrated perchloric acid by calculating them from the Forster cycle 



using the pK*'s determined by fluorescence titration along with the 

emission maxima obtained in the acidity region of the fluorescence ti

tration break. This type of calculation, when applied to a 6-quinolinol 

and 7-quinolinol respectively yielded ground state pK values of 5.4 

and 5.7 respectively. These results indicate that 6 and 7 quinolinols 

are more highly dissociated in the more polar perchloric acid media, 

in their ground states, than in aqueous media. This conclusion is in 

agreement with theory. It should also be noted that in aqueous media, 

the ground state of the cation of 7-quinolinol is more acidic than that 

of 6-quinolinol, while in perchloric acid media, the opposite is true. 

This result is not immediately explicable. 

In order to determine the pK*'s of the quinolinols by the 

Forster cycle, using absorption band maxima, the absorption spectra of 

the compounds were measured. The absorption spectra of the N-Methyl-

ated derivatives were also measured in order to determine the approxi

mate positions of the transitions for the zwitterionic species. The 

band maxima for the lowest energy transitions along with the ground 

state pK's determined by Mason are tabulated in Table II-8. 

The data in Table II-8 were used to calculate pK*'s for the 

cation-Zwitterion equilibria in aqueous media. The results of these 

calculations are presented in Table II-9. The value of -3.3 obtained 

for the pK* of 8-quinolinol is greater than the value of -3.9 obtained 

20 
by Ballard and Edwards using the same method of calculation. This 

difference is due to the fact that Ballard and Edwards used the spectra 

of the 8-quinolinium cation and that of the N-Methyl 8-quinolinolate 

anion in their calculation. In the present work the spectrum of the 



44 

8-quinolinium cation and that of the 8-quinolinol zwitterion were used. 

The band maxima of the true zwitterion and that of the model zwitterion 

differ by some 14 mp. This is sufficient to account for the differences 

in the two calculations. 

The value for pK* of -7.0 determined by fluorescence titration 

by Ballard and Edwards also differed from the value of -6.5 obtained 

in this work. In both cases approximate methods were used to obtain 

these pK*'s, but Ballard and Edwards^having used sufficiently concen

trated perchloric acid solutions to have passed the inflection point 

in the titration curve^have probably obtained the more accurate value 

of pK*. 

By using the absorption data of Table II-8 and the emission 

data of Table II-l, one might be tempted to calculate pK*'s using the 

0-0 band positions obtained by averaging the absorption and emission 

maxima. It should be remembered, however, that the emission and ab

sorption spectra were measured in different media and that the mirror 

image relationship between emission and absorption spectra cannot be 

expected to be obeyed under this condition. Furthermore, the ground 

state pK's determined in aqueous media by Mason and in perchloric acid 

media in this work are not the same so that there is uncertainty as to 

what the pK's to be used in such a calculation actually represent. It 

is not to be expected, therefore, that the results of such calculations 

will have any significance. 

From the data in Tables II-7 and II-9 it is apparent that the 

pK*'s determined by fluorescence titration and those determined from 

absorption measurements are not in good agreement. While it is true 



that the values for pK* of 5-quinolinol and 8-quinolinol measured by 

fluorescence titration are known only approximately, the magnitudes 

and directions of the differences in all cases indicate that the dis

crepancy is due to something other than experimental error. There are 

three possible explanations, any or all of which might account for the 

pK*'s determined by absorption measurements being consistently more 

basic than those determined by fluorescence titration. 

(1) The solvent media in which fluorescence measurements are 

made, are quite different from those in which absorption measurements 

are made. The solutions in which fluorescence titrations are carried 

out are concentrated perchloric acid, while those in which absorption 

spectra are measured are essentially aqueous media. Perchloric acid 

being a more polar solvent than water, might be expected to lower the 

ionization energy of a proton being abstracted from a hydroxyl group 

relative to the ionization energy for the same process in water. This 

could account for the increased acidity in perchloric acid media. 

Differences in pK*'s due to solvent differences would also tend to 

make the averaging of fluorescence spectra and absorption spectra 

meaningless, due to the destruction of the mirror image relationship 

between the two types of spectra, in different solvent media. 

(2) It is quite possible that the charge distributions in 

ground and excited states of a species may be very different. In this 

case one might expect the equilibrium solvent configuration about the 

ground state species to be different from that of the excited state 

species. The Franck-Condon principle dictates that the absorption of 



a quantum of radiation occurs too rapidly for reorientation of the sol

vent cage, from the ground state equilibrium configuration, to occur. 

Absorption spectra, therefore, correspond to electronic transitions in 

a ground state equilibrium solvent configuration. The lifetime of 

O 
fluorescent states are of the order of 10 seconds. This is suffi

cient time for reorientation of the solvent cage from the ground state 

to the excited state equilibrium configuration. Fluorescence, then, 

occurs as an electronic transition in an excited state, equilibrium 

solvent configuration. The differences in perturbations upon absorb

ing and emitting species might be sufficient to destroy the mirror 

image relationship between the absorption and fluorescence spectra, 

resulting in pK*'s calculated from absorption measurements being dif

ferent from those calculated from fluorescence measurements. Although 

the errors here arise from causes similar to those in the case of dif

ferent solvent environments for absorbing and emitting species, it is 

possible for this effect to occur in cases where the same solutions 

are employed for absorption and emission measurements. Wehry and 

0 / 
Rogers observed this phenomenon in a series of aromatic hydroxy com"* 

pounds in which the pK*'s measured by fluorescence and absorption were 

all determined in aqueous solution. It was found that by freezing 

solutions of 2-naphthol to glasses at 77° K, where solvent relaxation 

could not occur, the pK*'s determined by fluorescence methods were 

different from their values in room temperature liquid media where 

relaxation did occur, and were similar to the pK*'s determined by ab

sorption. This indicates that absorption measurements do not give pK*1 
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corresponding to the quasi-stable, excited state solvent environment. 

Good agreement between pK*'s from absorption measurements and those 

from emission measurements, in the absence of solvent relaxation, is 

to be expected only if the solvents are the same in both cases. 

(3) The HQ scale is defined for equilibria between neutral 

and protonated forms. The equilibria studied here are between zwit-

terionic and cationic forms. Unfortunately no tables of are 

available for perchloric acid. Ballard and Edwards in their studies 

of 8-quinolinol and 8-quinolinol-5-sulfonic acid found that a plot of 

Hn vs. log (Z*) where (Z*) and (C*) are the excited state concentra-
(C*) 

tions of zwitterion and cation, respectively, yielded a straight line 

of slope 0.695. If HQ was adequate to describe the zwitterion-cation 

equilibria, a slope of unity should have been obtained. This implies 

that acids are not as "acidic" for zwitterion-cation equilibria as 

they are for neutral-cation equilibria. Correction of the value of 

pK* for 8-quinolinol obtained by fluorescence titration, by the factor 

0.695 yielded a value in much better agreement with the value obtained 

from absorption measurements. In the present work a plot of Hq vs. 

log 1^2. for 5-isoquinolinol yielded a slope of 0.693 which corrects 

the pK* determined by fluorescence titration to -3.2, which is in 

better agreement with the value of 0.96 obtained by absorption measure

ments, but not improved enough to indicate that this source of error 

is more important than the others. 

Comparing the pK*'s determined by fluorescence titration with 

those obtained from absorption spectra, the strongest acids determined 



by one method are also the strongest in the other, with one exception. 

In perchloric acid 5-isoquinolinol is a very strong acid in the excited 

state (pK* = -4.7), but is a weak, acid in aqueous medium (pK* = 1.0). 

Furthermore, the relative pK*'s for 5-quinolinol and 8-quinolinol are 

reversed in the two methods. A satisfactory explanation for these 

anomalies cannot yet be advanced. 

In order to correlate the observed acidity orders, in both 

ground and excited states, Huckel molecular orbital calculations were 

carried out on all of the compounds studied here as well as on 3-quino-

linol. The bond integral and coulomb integral parameters used to 

correct the carbon-carbon bond integral (£) and the carbon coulomb in

tegral (ol) for negatively charged oxygen and positively charged nitro

gen in the zwitterion, and for neutral oxygen and positively charged 

nitrogen in the cation were those suggested by Burton and Davis. The 

heteroatom integrals, therefore were of the form: = eC + 2.OB 

<X0 = <*+ 1.5£. |50 = 0.8jS, *0-= C* + 0.75^S, - 0.8^. The 7C-energy 

levels and atomic orbital coefficients were calculated on the University 

of Arizona's IBM 7072 digital computer. It was assumed that the hetero

cyclic nitrogen atom contributed one electron to the TTsystem while the 

exocyclic oxygen atom contributed two electrons to the 7T system. 

If the assumption is made that the (T-energy and the steric 

energy, due to disposition of lone pair electrons, are invariant with 

respect to protonation, the difference in "/T-energy ( Alfc) between the 

cationic and zwitterionic forms should correspond to the energy of pro

tonation. A plot of vs. pK or vs. pK* for the compounds 



studied should yield a linear relationship. The one electron charge 

densities upon oxygen should yield qualitative information about the 

relative acidities of ground and excited states and perhaps even about 

the acidity of one compound relative to another. The one electron 

charge densities are calculated from the squares of the atomic orbital 

coefficients of the highest occupied orbitals in the case of ground 

state species and from the squares of the atomic orbital coefficients 

of the lowest unoccupied orbitals in the case of excited state species. 

The 7T-electron energy levels for the compounds studied, along with 

those for 3-quinolinol are shown in Tables 11-10 - 11-15. In Tables 

11-16 and 11-17 are shown the atomic orbital coefficients for the 

highest occupied and lowest unoccupied orbitals, respectively. Table 

11-18 tabulates the ^-energy differences for cation and zwitterion, 

the one electron charge densities upon oxygen in the zwitterion and in 

the cation and the pK's for the ground state equilibria. Table 11-19 

shows the 7C -energy differences for cation and zwitterion, the one 

electron charge densities upon oxygen in zwitterion and cation and the 

pK*'s, determined both by fluorescence and by absorption measurements, 

for the excited state equilibria. 

From the data in Tables 11-18 and 11-19 it is immediately ob

vious that it is impossible to make quantitative correlations between 

the calculated quantities and either ground or excited state pK*'s. 

Certain qualitative trends can, however, be observed. In all cases, 

the one electron charge densities upon the phenolic oxygen are lower 

in the excited states of both zwitterion and cation than are the cor

responding quantities calculated for the ground states of these species. 



This indicates that the excited states of all of the compounds studied 

should be more acidic, with respect to dissociation of the phenolic 

group, than the ground states. This is observed to be true since the 

pK*'s are consistently more negative than the corresponding pK*'s. In 

support of this conclusion, the A%'s are consistently smaller for 

the excited state dissociations than for the corresponding ground state 

processes. If corresponds to the free energy for the dissociation 

process, this implies lower pK's for the excited state than for the 

ground state. In considering the compounds studied, in series, the 

quantities calculated from the molecular orbital treatment do not pre

dict the correct acidity order in either ground or excited states. 

This is understandable since the assumptions upon which the Huckel 

method is based are rather drastic. Neglect of (T -electrons and of 

interelectronic repulsions should be sufficient to render the calcula" 

tions approximate, at best. The ground state pK's are all quite simi

lar; none differing by more than 1.5 pK unit, and so good agreement 

with Huckel calculations is not to be expected. The excited state 

pK*'s, however, are spread considerably farther apart than the ground 

state pK's. For purposes of correlation with theoretical quantities, 

they can be divided into three groups: the most acidic compounds, 

5-quinolinol and 8-quinolinol, the molecules of intermediate acidity, 

6-quinolinol and 7-quinolinol and the least acidic molecule 3-quinolinol. 

5-Isoquinolinol appears to be between the most acidic and intermediate 

groups by fluorescence titration and in the least acidic group accord

ing to the pK* determined by absorption measurements. According to 



Table 11-19, 5-quinolinol and 8-quinolinol have the lowest 's 

and the lowest one electron charge densities on oxygen. They should 

therefore be the most acidic compounds. 6-Quinolinol and 7-quinolinol 

have intermediate *'s and one electron charge densities upon oxy

gen and are correctly predicted to have pK*'s of the observed order of 

magnitude. 3KJuinolinol and 5-isoquinolinol have the highest AE^ 's 

and should therefore be the least acidic compounds. The latter result 

is anticipated for 3-quinolinol. In the case of 5-isoquinolinol, how

ever, fluorescence titration indicates a much stronger acid than does 

the Forster cycle. The Huckel calculations for 5-isoquinolinol predict 

that the pK* calculated from the Forster cycle, in aqueous solution, 

using absorption measurements is correct whereas that obtained by 

fluorescence titration is not. A possible explanation for this is 

that the Huckel calculations do not take into account solvent effects. 

It is possible that the nitrogen atom in the heterocyclic ring plays 

an important part in the orientation of the solvent cage about the 

molecule. In the quinolinols the position of the nitrogen atom is 

always the same so that spectral differences produced by changes in 

solvent environment, due either to excitation or to changes in acidity 

may not be very different from molecule to molecule. In 5-isoquino

linol, however, the position of the ring nitrogen is not the same as 

it is in the quinolinols. Changes in solvent composition, or from 

equilibrium, ground state solvent orientation to equilibrium, excited 

state solvent orientation could result in perturbations in the molecule 

which are not consistent in magnitude with those occurring in the 
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quinolinols. 

In conclusion, it appears that although the method of fluores

cence titration is free of the assumptions of the FSrster cycle, the 

differences in solvent environment frequently required to obtain pK*'s 

for related series of compounds by this method, introduce complications 

which make variation in these pK*'s difficult to interpret. 



APPENDIX II-A 

Tables II-l - II-
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Table II-l 

Emission Maxima of the Quinolinols and Their N-Methylated Derivatives 

in Concentrated Perchloric Acid and* in Neutral Aqueous Solution 

^ max. ^ max. 
Compound (in Cone. HCIO^) (in neutral HqO) 

5-Quinolinol 505 mji 
N-Methyl 5-Quinolinol Methosulfate 508 

6-Quinolinol 441 536 Mju 
N-Methyl 6-Quinolinol Methosulfate 446 538 

7-Quinolinol 428 505 
N-Methyl 7-Quinolinol Methosulfate 432 505 

8-Quinolinol 487 
N-Methyl 8-Quinolinol Methosulfate 489 

5-Isoquinolinol 446 
N-Methyl 5-Isoquinolinol Methosulfate 446 

Table II-2 

Variation of the Fluorescence Intensity (1^) of- 5-Quinolinol with 

Perchloric Acid Concentration (HQ) Xmax, = 505 nyu 

Ho If H0 If 

-6.90 100 -2.69 8 

-6.03 57 -2.02 4 

-5.20 26 -1.45 ,4 

-4.35 13 -0.90 3 

-3.53 11 -0.32 3 
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Table II-3 

Variation of the Fluorescence Intensity (1^) of 6-Quinolinol with 

Perchloric Acid Concentration (HQ) Xmax, = 441 nya 

Ho h H0 \ 

-3.95 114 -2.48 14 

-3.80 111 -1.96 7 

-3.58 106 -1.47 1 

-3.30 64 -0.92 0 

-2.98 34 - -

Table II-4 

Variation of the Fluorescence Intensity (I^) of 7-Quinolinol with 

Perchloric Acid Concentration (Hq) ^max. = 428 nyu 

% Xf Ho 

-6.45 149 -1.47 40 

-3.95 136 -0.92 7 

-3.58 134 -0.50 4 

-2.98 115 0.00 1 

-2.48 90 0.50 0 

-1.96 73 
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Table II-5 

Variation of the Fluorescence Intensity (1^) of 8-Quinolinol with 

Perchloric Acid Concentration (Hq) ^max, = 487 mjj. 

H0 If Hq If 

-6.75 49 -5.00 3.9 

-6.10 21.5 -4.49 1.0 

-5.50 9.7 -4.00 0.2 

Table II-6 

Variation of the Fluroescence Intensity (1^) of 5-Isoquinolinol with 

Perchloric Acid Concentration (HQ) ''max, = 446 nya 

H-0 Tf H0 Xf 

-6.90 149 -2.69 3 

-6.03 130 -2.02 2 

-5.20 108 -1.45 1.5 

-4.35 41 -0.90 1 

-3.53 12 -0.32 1 
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Table II-7 

pK*'s of 5, 6, 7 and 8 Quinolinols and 5-Isoquinolinol, Determined by 

Fluorescence Titration 

Compound PK* 

5-Quinolinol -6 

6-Quinolinol -3.2 

7-Quinolinol -2.1 

8-Quinolinol -7 

5-Isoquinolinol -4.7 

Table II-8 

Lowest Energy Absorption Band Maxima and pK's for the Cation-Zwitterion 

Equilibria of the Quinolinols 

Xmax. (in Xmax (in pH= 
Compound pK o . i  h c i o 4 )  7 buffer) 

5-Quinolinol 
N-Methyl 5-Quinolinol Methosulfate 

6.49 
6.10 

370 mp 450 mjj 
462 

6-Quinolinol 
N-Methyl 6-Quinolinol Methosulfate 

7.03 
7.15 

343 400 
408 

7-Quinolinol 
N-Methyl 7-Quinolinol Methosulfate 

6.01 
5.56 

348 402 
406 

8-Quinolinol 
N-Methyl 8-Quinolinol Methosulfate 

6.60 
6.80 

358 430 
444 

5-Isoq(uinolinol 
N-Methyl 5-Isoquinolinol Methosulfate 

6.84 
6.90 

359 400 
408 
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Table II-9 

pK's and pK*'s for the Cation-Zwitterion Equilibria of the Quinolinols, 

in Aqueous Solution, Calculated from the Forster Cycle, Using Absorp

tion Maxima for Cationic and Zwitterionic Species. 

Compound pK pK* 

5-Quinolinol 6.49 -3.6 

6-Quinolinol 7.03 -1,8 

7-Quinolinol 6.01 -1.5 

8-Quinolinol 6.60 -3.3 

5-Isoquinolinol 6.84 1.0 



Table 11-10 

'Jf-Electron Energy Levels of 3-Quinolinol 

Cation B-Zwitterion 

E1 - 0( + 2.2261/8 E1 = + 

00 00 C
sl 

C
M

 C
M

 

e2 = <* + 1. 6221ji E2 = Oi + .1.6406/5 

e3 = 0< + 1.1203)5 E3 = <X + 1.1212|B 

e4 = 6< + 1.0390/5 E4 = KA + 1.0529/B 

E5 = «* + 0.3251/9 E5 = o*. + 0.3300/3 

E6 = - 0.7230^ E6 = c*. - 0.4614/5 

E7 = 0< - 0.9138^Q E7 = - 0.8924/5 

E8 = o( - 1.2959$ E8 = <*. 
- l.,168ip 

E9 = o( - 1.9385)5 E9 = oC 1.7287/5 

!10 = ot - 2.03290 E10 = oL - 1.9495/5 

!11 = * - 2.9284 5̂ E11 = qC 2.9234/5 
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Table 11-11 

1C -Electron Energy Levels of 5-Quinolinol 

A-Cation B-Zwitterion 

E1 = oC+ 2.2395/B E1 = ci + 2.2458|B 

e2 = *C+ 1.5722/3 e2 = OL+ 1.5742p 

e3 = 0C+ 1.1847JB E3 = + 1.2100p 

e4 = 0t,+UQOOOp e4 = oL+ l.oooop 

e5 = 0C+ 0.3536p E5 = %t+ 0.3752p 

E6 = 0.665ip e6 = oC - 0.4544/B 

E7 = l.OOOOp E7 = oC- i.oooop 

E8 = oC- l,4898p E8 = oL- 1.2176p 

E9 = tsC- 1.57190 E9 = OL- 1.5032p 

E10 - oL- 2.2029p E10 = 06- 2.0616p 

E11 = OL- 2.9203^ E11 = 00- 2.9184JB 
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Table 11-12 

% -Electron Energy Levels of 6-Quinolinol 

A-Cation B-Zwitterion 

E1 = U. + 2.2315p E1 = + 2.2357J5 

e2 = *c + 1.5978p E2 = oC + 1.6090p 

E3 = <X + 1.1512|B E3 + 1.1666p 

E4 = + 1.0320J3 E4 = + 1.0399JB 

E5 = + 0.3228p E5 = 01 + 0.3261^ 

e6 = - 0.6932p E6 = oL - 0.4482p 

e7 = 06- 0.93430 E7 = OL - 0.914 9p 

E8 = bL ~ 1.4269p E8 = ol - 1.2502JB 

E9 = OC - l ,6686p e9 = oc - 1.546ip 

E10 = (x£ - 2.1949p E10 = d - 2„0513p 

E11 = DC - 2.9174B E11 = ®( - 2.9167p 



Table 11-13 

7T-Electron Energy Levels of 7-Quinolinol 

A-Cation B-Zwitterion 

e1 = 0( + 2.2305jb e1 = <fcd+ 2.2344p 

e2 = c/ + 1.6074p e2 = oi+ 1.6214p 

e3 = + 1.1271p e3 = oi + 1.132qp 

e4 = n + 1.0383/b e4 = 0L + 1.0510p 

e5 + 0.3447^ e5 = <^+ 0.3608^ 

e6 = t(. - 0.7556p e6 = b£- 0.5135p 

e7 = n. -  0 .9077p e7 = c 0.8850p 

E g  = *4 -1.3416^ e8 = 0L- 1.1864p 

E g  = bc- 1.7504p e9 = o i - 1.6145^ 

e10 = 0c- 2.1740jb e10 = oc- 2.0327p 

e11 = 0c- 2.9188p e11 =  0 6 - 2.9175p 
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Table 11-14 

% -Electron Energy Levels of 8-Quinolinol 

A-Cation B-Zwitterion 

E1 = * + 2.2354^ E1 = N+ 2.2406p 

E2 = + 1.5882p E2 » <k+ 1.59610 

e3 = OU 1.1771/S E3 =U+ 1.1981p 

E4 =CX + l.OOOOp E4 = &(.+ l.OOOOp 

E5 = &(+ 0.3338p E5 = < + 0.3444p 

e6 = & - 0.6420p E6 = fc(,- 0.4110p 

e7 - l.OOOOp E7 = l.OOOOp 

E8 = ̂  - 1.3642p E8 = *1- 1.1783p 

E9 = &C - 1.7805p E9 1.6139p 

E10 =&(.- 2.1179^ E10 = CbC- 2.0017p 

E11 = SC- 2.02990 EH =0C" 2.9243p 



It -Electron 

A-Cation 

E1 = *+ 2.2760J3 

E2 = U. + 1.4760p 

e3 = * + 1.3170p 

E4 = + 0.8265p 

E5 = &< + 0.4l99p 

e6 «<< - 0.5463jB 

E7 = bC - 1.0795p 

e8 = t* - 1.3368JB 

e9 =bl. - 1.7078p 

E10 = Of,- 2.2771p 

E11 = DC- 2.8678p 

Table 11-15 

;y Levels of 5-Isoquinolinol 

B-Zwitterion 

E1 = »(.+ 2.2815p 

E2 = ^ + 1.4785(B 

E3 = 0C+ 1.3352JB 

E4 = <*.+ 0.8390p 

E5 = W. + 0.4284|B 

E6 = 06- 0.3756|B 

E7 = 0.9455p 

E8 = 01- 1.2998fB 

e9 = *t- 1.4461p 

E10 = 2.1789(3 

E11 = o^- 2.8666p 



Table 11-16 

Atomic Orbital Coefficients for the Highest Occupied Molecular Orbitals of the Quinolinols 

Atomic Orbital Coefficients 

& Species ll ^2 ^4 ^ 5 ^6 ^7 ^8 1^9 ^10 ^ 

3-Quinolinol 
Cation 0.186 -0.328 -0.423 -0.327 -.372 0.082 -0.313 -0.308 0.090 0.187 0.436 
Zwitterion 0.106 -0.334 -0.260 -0.362 0.234 0.015 -0.227 -0.119 0.172 0.093 0.721 

5-Quinolinol 
Cation -0.202 0.065 0.245 0.098 -0.423 -0.425 0.140 0.518 0.204 -0.180 0.405 
Zwitterion -0.162 0.100 0.208 -0.006 -0.240 -0.419 0.050 0.441 0.151 -0.211 0.650 

6-Quinolinol 
Cation -0.163 -0.157 0.055 0.195 -0.509 -0.433 -0.135 0.340 0.370 0.080 0.429 
Zwitterion -0.088 -0.166 0.014 0.172 -0.447 -0.264 -0.231 0.160 0.303 0.064 0.700 

7-Quinolinol 
Cation 0.193 —0.216 -0.356 -0.053 0.316 -0.078 -0.374 -0.527 -0.024 0.316 0.402 
Zwitterion 0.143 -0.199 -0.245 0.073 0.086 -0.239 -0.209 -0.433 -0.014 -.283 0.276 

8-Quinolinol 
Cation -0.193 -0.038 0.169 0.146 -0.495 -0.243 0.339 0.461 0.301 -0.075 -0.429 
Zwitterion 0.126 0.085 -0.092 -0.122 0.425 0.133 -0.370 -0.285 -0.286 0.041 0.673 

5-Isoquinolinol 
Cation -0.231 -0.108 0.388 0.319 -0.417 -0.294 0.256 0.434 -0.019 -0.213 0.350 
Zwitterion -0.181 -0.076 0.304 0.190 -0.285 -0.361 0.149 0.417 0.007 -0.233 0.609 



Table 11-17 

Atomic Orbital Coefficients for the Lowest Unoccupied Molecular Orbitals of the Quinolinols 

Atomic Orbital Coefficients 

Compound 
& Species 

3-Quinolinol 
Cation 
Zwitterion 

ibl 2 ijl3 Hp4 05 (/* 6 ^7 ^8 ^9 (/io ^.1 

-0.152 -0.313 -0.134 -0.043 -0.362 -0.505 -0.099 0.414 0.478 0.174 0.184 
-0.202 -0.196 0.026 0.102 -0.464 -0.479 0.037 0.592 0.420 0.065 0.147 

5-Quinolinol 
Cation 0.000 
Zwitterion 0.000 

6-Quinolinol 
Cation 0.150 
Zwitterion -0.195 

7-Quinolinol 
Cation 
Zwitterion 

8-Quinolinol 
Cation 
Zwitterion 

-0.156 
-0.210 

0.000 
0.000 

5-Isoquinolinol 
Cation 0.363 
Zwitterion 0.356 

-0.408 -0.408 0.000 0.000 -0.408 -0.408 0.000 0.408 0.408 0.000 
-0.408 -0.408 0.000 0.000 -0.408 -0.408 0.000 0.408 0.408 0.000 

-0.328 -0.456 -0.098 0.270 -0.112 -0.502 -0.357 0.169 0.365 0.159 
0.259 0.432 0.137 -0.371 -0.032 0.467 0.460 -0.046 -0.307 -0.157 

-0.246 -0.067 -.185 -0.389 -0.588 -0.145 0.300 0.417 0.235 0.196 
-0.130 0.096 0.214 -0.495 -0.532 0.024 0.439 0.364 0.094 0.144 

-0.408 -0.408 0.000 0.000 -0.408 -0.408 0.000 0.408 0.408 0.000 
-0.408 -0.408 0.000 0.000 -0.408 -0.408 0.000 0.408 0.408 0.000 

-0.066 -0.302 -0.260 -0.178 -0.476 -0.339 0.110 0.458 0.021 0.333 
0.036 -0.394 -0.409 0.115 -0.276 -0.376 -0.080 0.301 0.008 0.471 
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Table 11-18 

Ground State TT-Energies of Protonation (AE^-) s One Electron Charge 

Densities Upon Oxygen (Qo) and pK's for the Cation Zwitterion Equili

bria of the Quinolinols. 
Qo 

Compound AE,r Cation Zwitterion PK 

3-Quinolinol 0.6050p 0.191 0.520 5.52 

5-Quinolinol 0.5318JB 0.164 0.402 6.49 

6-Quinolinol 0.5740JB 0.184 0.490 7.03 

7-Quinolinol 0.5894p 0.161 0.500 6.01 

8-Quinolinol 0.5514JB 0.184 0.453 6.60 

5-Isoquinolinol 0.4358p 0.122 0.379 6.84 

Table 11-19 

Excited State "7C-Energies of Protonation (AE^*), One Electron Charge 

Densities Upon Oxygen (Qo*) and pK*'s for the Cation Zwitterion Equili

bria of the Quinolinols Measured by Fluorescence Titration (pK* (flu.)) 

and by Forster Cycle Calculations (pK* (Abs)). 

Q° 
Compound A Ere* Cation Zwitterion pK* (flu.) pl<* (Ab s) 

3-Quinolinol 0.3648|B 0.034 0.022 -0.5 -0.3 

5-Quinolinol 0.3211|B 0.000 0.000 -6 3.6 

6-Quinolinol 0.3484j(B 0.025 0.025 -3.2 -1.8 

7-Quinolinol 0.3700|B 0.038 0.021 -2.1 -1.5 

8-Quinolinol 0.3204jB 0.000 0.000 -7 -3.3 

5-Isoquinolinol 0.3991|B 0.100 0.222 -4.7 1.0 



APPENDIX II-B 

Figures II-l - II 
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Fig. II-l The Fluorescence Titration Curve of 6-Quinolinol 
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Fig. II-2 The Fluorescence Titration Curve of 7-Quinolinol 
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Fig. II-3 The Fluorescence Titration Curve of 5-Isoquinolinol 



PART III 

PROTOTROPIC EQUILIBRIA IN THE FIRST EXCITED SINGLET STATES 
OF 2-QUINOLONE AND 4-QUINOLONE 

INTRODUCTION 

2-Quinolone (2-quinolinol) and 4-quinolone (4-quinolinol) both 

show acidity dependent fluorescence from their lowest excited singlet 

states. It is therefore of interest to determine the pK*'s correspond

ing to these lowest excited states in order to complete the study of 

the quinolinols undertaken in the previous section. 

26 
Mason has shown, by means of infrared spectroscopy, that in 

the ground state 2 and 4 quinolinols exist primarily in an amide form 

(Fig. III-l) in aqueous solution, while the other quinolinols exist 

predominately in the enolic, neutral and zwitterion forms (Fig. III-l). 

27 
Furthermore, the ultraviolet absorption spectra of these compounds 

indicate that the 2 and 4 compounds are very different from the 3, 5, 

6, 7 and 8 compounds in aqueous solution. This study was undertaken 

in order to determine the pK*'s of 2-quinolone and 4-quinolone by 

fluorescence titration and by absorption measurements and to compare 

the pK*'s of these compounds with those of the enolic quinolinols. 

Huckel molecular orbital calculations were also performed upon these 

compounds in order to correlate the experimentally determined pK*'s 

with theoretical indicies of acidity. 
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EXPERIMENTAL 

2-Quinolinol and 4-quinolinol were purchased from K and K 

Laboratories, Plainview, New York and purified by recrystallization 

five times from ethanol. 

The N-Methyl Methosulfates of these compounds were prepared by 

treatment of the quinolinols with dimethyl sulfate. The crystals 

which separated upon standing were recrystallized once from chloro-

' form. Mallinckrodt Analytical reagent grade perchloric acid was em

ployed in these studies. 

The 313 mfi line of mercury was employed in the excitation of 

the compounds studied in this section. 
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RESULTS AM) DISCUSSION 

2-Quinolone fluoresces in concentrated acid solution with an 

emission maximum at 391 mp. Fluorescence titration of 2-quinolone in 

perchloric acid (Table III-l and Fig. III-2) yielded a sigmoid curve 

whose inflection point gave a pK* of -2.3. The absorption spectrum of 

2-quinolone in concentrated HC10^(Hq = 2.02) yielded a peak in the near 

ultraviolet with a maximum occurring at 300 m|i. The absorption spectra 

of both 2-quinolone and N-methyl 2-quinolone methosulfate had low 

energy absorption maxima at 324 mu. The pK of 2-quinolone for the 

28 
ground state cation-amide equilibrium is given by Albert and Phillips 

as -0.31. With these data, the Forster cycle was used to calculate a 

pK* of -5.4. 

4-Quinolone fluoresces in acid solution with a maximum at 

380 mp. Fluorescence titration of 4-quinolone in perchloric acid 

(Table III-2 and Fig. III-3) gave a sigmoid curve, which yielded a 

pK* of 0.7. 

The absorption spectrum of 4-quinolone in HC10^(pH = 1.02) 

yielded a peak in the near ultra-violet with a maximum occurring at 

302 m\i. The absorption spectra of 4-quinolone and N-methyl, 4-

quinolone methosulfate had low energy absorption maxima at 313 mji and 

321 mji, respectively. The pK of 4-quinolone for the ground state 

cation-amide equilibrium is given by Albert and Phillips as 2.27. 

This information when substituted into the Forster cycle equation 

gave a pK* of 0.0. 
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That these equilibria were due to prototropism between the 

protonated species and either the zwitterionic species or the amide 

species, was ascertained by the similarity of the fluorescent proper

ties of the N-methylated derivatives, as in the preceding section. 

There is some evidence to indicate that in the excited state the amide 

forms of 2 and 4-quinolones are the uncharged species involved in the 

equilibria. This evidence is the shift to higher energies (shorter 

wavelength) in both the emission and absorption spectra of 2 and 4-

quinolone, compared with the corresponding bands in the other quino-

linols. This hypsochromic shift could be indicative of disruption of 

the aromatic nature of the heterocyclic ring of the zwitterionic 

structure, due to conversion to the amide form. This evidence is not 

conclusive. It is however, probably the only indication that can be 

obtained, as to the nature of the structure of the excited state 

species, since it is difficult to observe the small quantities of the 

species in excited states by means other than fluorescence. 

It is interesting to note that in both of these compounds the 

pK*'s obtained by absorption measurement are more acidic than those 

determined by fluorescence titration. This is opposite to the situa

tion which exists in the other quinolinols. Since the solvents in 

which absorption and emission measurements are made are not very dif

ferent for these compounds and since the basic (amide) species is 

uncharged in both cases so that the Hq scale should describe the acid

ity of the solutions, the reversal must be due to ground state vs. 

excited state equilibrium, solvent cage configuration phenomena. 
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The ft-electron energy levels, of 2-quinolone (Table III-3) 

and 4-quinolone (Table III-4), as well as the atomic orbital coeffi

cients (Table III-5), were calculated on the University of Arizona's 

IBM 7072 digital computer. From the calculated quantities, the AE^s, 

&E*'s and one electron charge densities on oxygen were computed. 

These are tabulated in Table III-6. 

From the data in Table III-6 it can be seen that the AStr *'s 

are both smaller than their corresponding indicating that the 

excited state is more acidic than the ground state for the equilibrium 

considered. This conclusion is supported by the one electron charge 

densities upon oxygen being lower in the excited state than in the 

ground state. 

An attempt to extend Table 11-19 with the data of Table III-6 

was made, but with no success. This is understandable since the cal

culations were mzde for cation-zwitterion equilibria in all cases. 

In the 2 and 4 quinolones, however, calculations for cation-zwitterion 

equilibria are merely approximations to the cation-amide equilibria 

which may occur. 



APPENDIX III-A 

Tables III-l - III-6 
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Table III-l 

Variation of the Fluorescence Intensity (If) of 2-Quinolone with 

Perchloric Acid Concentration (Hq) "Xmax. = 391 nyu 

HP If H0 !f 

-6.90 163 -2.02 61 

-6.03 159 -1.45 38 

-5.20 149 -0.90 28 

-4.35 133 -0.32 26 

-3.53 117 -0.15 25 

-2.69 100 

Table III-2 

Variation of the Fluorescence Intensity (If) of 4-Quinolone 

Perchloric Acid Concentration (HQ) "^max, = 380 m/a 

Ho Xf Ho h 

-3.95 172 -0.50 152 

-3.58 171 0.00 125 

-2.98 168 0.50 97 

-2.48 167 1.00 64 

-1.96 166 1.58 23 

-1.47 166 2.00 8 

-0.92 159 2.58 2 



Table III-3 

The *fC-Energy Levels of 2-Quinolone 

A-Cation 

E1 = 0L+ 2.22180 

E2 = oC+ 1.6009p 

E3 = DC + 1,13970 

E4 = oC+ 1,0372/B 

E5 = «6 + 0.3966p 

E6 = 0C- 0.8516p 

E7 -06- 0.8705p 

E8 = 0C- 1.4266p 

E9 = 0C- 1.7690p 

E10 =0t- 2.0107p 

E11 = 06- 2.9677p 

B-Zwitterion 

E1 = 0^+ 2.22330 

E2 = 06 + 1.6136p 

E3 = N.+ 1.518p 

E4 = ̂  + 1.0483p 

E5 = *t+ 0.4357p 

E6 = 0.6578p 

E7 = 06" 0.85740 

E8 = &6 - 1.23330 

E9 =06- 1.56070 

E10 =66- 1.9650p 

E11 = *6 - 2.94860 
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Table III-4 

The % -Energy Levels of 4-Quinolone 

A-Cation B-Zwitterion 

E1 = Oi + 2.2364J3 E1 = 2.2420J3 

e2 =C<+ 1.6024^ E2 = &+ 1.6141p 

E3 = 0( + 1.1260p E3 = 1.1288^ 

E4 = 0< + l.OOOOp E4 = M + l.OOOOp 

E5 = 0(+ 0.4198p E5 = ̂ L+ 0.4754p 

E6 = (X - 0.8165p E6 = ̂  - 0.6595p 

E7 =0<.- l.OOOOp E7 = OC- 0.9377p 

E8 =OC- 1.1770p E8 = OC- l.OOOOp 

E9 =OC- 1.8324p E9 =^- 1.6904p 

E10 =OC- 2.1344p E10 = 0L- 2.0019P 

E11 = fcl- 2.9242p EH 2.9208p 



Table III-5 

Atomic Orbital Coefficients for the Highest Occupied and Lowest Unoccupied Molecular Orbitals 

of 2-Quinolone and 4-Quinolone 

Atomic Orbital Coefficients 

Compound 
& Species 

A. Highest Occupied 
Orbitals 

^1 02 1^4 (|A? (^6 iff 7 1(^8 C^9 (/lO </ll 

2-Quinolone 
Cation 
Zwitterion 

4-Quinolone 
Cation 
Zwitterion 

B.Lowest Unoccupied 
Orbitals 

2-Quinolone 
Cation 
Zwitterion 

4-Quinolone 
Cation 
Zwitterion 

-0.852 0.163 0.461 0.229 -0.476 -0.140 0.357 0.444 
-0.159 -0.077 -0.427 -0.204 0.106 -0.223 -0.253 0.057 

-0.288 -0.092 0.363 0.205 -0.457 -0.368 -0.156 0.496 
0.293 -0.207 -0.430 -0.077 0.156 0.266 0.020 -0.253 

0.210 
0.290 

0.249 
-0.187 

-0.196 -0.247 -0.269 0.012 -0.237 -0.486 -0.186 0.324 
-0.249 0.004 0.227 0.190 -0.525 -0.386 0.194 0.552 

0.000 -0.408 -0.408 0.000 0.000 -0.408 -0.408 0.000 
-0.093 -0.098 0.001 0.099 -0.525 -0.247 0.294 0.-522 

-0.266 
0.293 

-0.005 
-0.163 

0.468 
0.280 

0.408 
0.196 

-0.202 
0.667 

-0.239 
0.678 

0.280 
-0.064 

0.408 
-0.246 

0.314 
0.032 

0.000 
0.421 
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Table 1II-6 

Theoretical Indicies of Prototropic Activity 

for 2-Quinolone and 4-Quinolone 

Compound 
& Species ts&f pK ^o* * pK(f lu) pK(Abs.) 

2-Quinolone 0.5406^ -0.31 0.3599/B -2.3 -5.4 

Cation 0.040 0.098 

Zwitterion 0.046 0.001 

4-Quinolone 0.4654p 2.27 0.2707/B 0.7 0.0 

Cation 0.057 0.000 

Zwitterion 0.460 0.177 



APPENDIX III-B 

Figures III-l - III-3 
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\AnA 
A. 

Fig. III-l Amide and Zwitterion Forms of 2- and 4-Quinolone 
A - 2 - Quinolone, B - 4 - Quinolone 

Fig. III-2 The Fluorescence Titration Curve of 2-Quinolone 
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Fig. III-3 The Fluorescence Titration Curve of 4-Quinolone 



PART IV 

PROTOTROPIC EQUILIBRIA IN THE LOWEST EXCITED 
STATES OF SOME FLAVINS 

INTRODUCTION 

The flavins are a series of compounds derived from the isollox-

azine ring (Figure IV-1) of great importance in living organisms. They 

are somewhat similar to the quinolinols, especially the 2 and 4 quin-

lones, because of their conjugated amide structures. These compounds 

are intensely fluorescent in neutral and slightly acidic aqueous solu

tion; the fluorescences being quenched in moderately acidic solution. 

The object of this study is to determine the nature of the 

acidity dependence of the fluorescence of the flavins and if possible 

to relate the quenching phenomena to individual structural features of 

the molecules studied. 

85 



EXPERIMENTAL 

Riboflavin, lumiflavin, 9-ethylisoalloxazine, 9-methylisoalloxa-

zine and 6, 7 dichloro-9-methylisoalloxazine were obtained as pure 

samples from Dr. Gordon Tollin of the University of Arizona. 

Mallinckrodt analytical reagent grade perchloric acid and 

Beckman standard buffers were employed in the acid solutions. 

Excitation of the flavins was effected with the 365 mja line of 

mercury. 
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RESULTS AND DISCUSSION 

The emission maxima of the flavins in Beckman pH = 7.00 buffer 

are presented in Table IV-1. The variations in fluorescence intensity 

of the compounds studied, with perchloric acid concentration, are 

listed in Tables IV-2 - IV-6 and the fluorescence titration curves ob

tained from these data shown in Figures IV-2 - IV-6. 

In order to determine whether the fluorescence titration curves 

correspond to excited state or to ground state equilibria, the varia

tion of optical density of each of the compounds was determined as a 

function of perchloric acid concentration in the same acidity region 

(Hq = 7.00 — -4) in which the fluorescence titrations were performed. 

The absorption maxima of the flavins in acidic and in neutral solution 

are given in Table IV-7 and the variations in optical density (absorb-

ance) of the acidic species of these compounds with perchloric acid 

concentration listed in Tables IV-8 - IV-11. The titration curves 

drawn from the data of the latter tables are shown in Figures IV-7 -

IV-10. Quantitative absorbance data was not obtainable for 6, 7-

dichoro 9-methylisoalloxazine due to its low solubility in the aqueous 

media. 

The pK's determined from the absorbance titrations were dis

tinctly different from those obtained from the fluorescence titrations. 

These data are presented in Table IV-12. The differences in the disso

ciation constants obtained from absorption data and fluorescence data 

for the same compounds clearly indicate that two different equilibria 

87 



are being observed for each compound. The nature of these equilibria 

has not been resolved owing to the complexities of these molecules and 

the plethora of prototropic reactions possible at different sites in 

them. A few conclusions can, however, be drawn from the limited amount 

of information available. 

The absorption maxima of Table IV-7 and the pK's determined by 

absorption measurement, shown in Table IV-12 can be used in the Forster 

cycle to calculate pK*'s for the corresponding excited state equilibria. 

The pK*'s so obtained are listed in Table IV-13. These data show that 

the ground state species present in the solutions studied are quite 

acidic in their first excited singlet states and that the latter are 

not the species observed in the fluorescence titrations. Since only 

one species is involved in each of the absorption and fluorescence 

titrations and the solvent media are almost identical for absorption 

and fluorescence measurements, the pK's determined by either method 

should be identical if the same equilibria are being observed by either 

method. This has not been observed to be the case. The remaining 

possibility is that the dissociation constants measured by fluorescence 

titration correspond to excited state prototropic equilibria involving 

species whose ground states are not present in measurable quantities 

in the solutions studied. 

The relative magnitudes of the pK's determined by absorption 

measurement and the pK*'s determined by fluorescence titration as well 

as the pK*'s determined from the Forster cycle indicate that the equi

libria studied by any one method, are the same for all of the compounds 
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investigated. 

In order to ascertain which positions in the flavin molecules 

are responsible for each of the prototropic equilibria, one might pre

pare derivatives of these substances in which all but one of the posi

tions capable of prototropic activity are blocked by suitable groups. 

By doing this for each reactive position in the compounds, it would be 

possible to associate acidity dependence of absorption or emission 

spectra with one position at a time, thereby defining the nature of 

the observable prototropic equilibria. 



APPENDIX IV-A 

Tables IV-1 - IV-
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Table IV-1 

Emission Maxima of the Flavins at pH = 7.00 

Compound X_max. 

Riboflavin 517 mp 

Lumiflavin 509 

9-Ethylisoalloxazine 507 

9-Methylisoalloxazine 507 

6, 7-Dichloro 9-Methylisoalloxazine 514 

Table IV-2 

The Variation of the Fluorescence Intensity (1^) of Riboflavin 

with Perchloric Acid Concentration (HQ) 

H0 Xf 

7.00 150 

4.01 146 

3.58 144 

2.98 132 

1.99 107 

1.58 76 

1.15 28 

0.80 22 

0.00 14 

-0.93 14 
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Table IV-3 

The Variation of the Fluorescence Intensity (I^) of Lumiflavin 

with Perchloric Acid Concentration (HQ) 

Ho Xf Ho 
I 
f 

7.00 224 1.46 53 

4.01 221 1.40 44 

3.58 219 0.80 31 

2.98 210 0.00 14 

1.99 161 -0.93 13 

1.58 110 

Table IV-4 

The Variation of the Fluorescence Intensity (1^) of 9-Ethylisoalloxazine 

with Perchloric Acid Concentration (Hq) 

7.00 170 1.58 91 

4.01 168 1.49 44 

3.58 161 1.03 32 

2.98 159 0.80 23 

2.26 136 0.00 13 

1.99 120 -0.93 11 
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Table IV-5 

The Variation of the Fluorescence Intensity ( I f )  of 9-Methylisoalloxa-

zine with Perchloric Acid Concentration (HQ) 

Ho *f H0 !f 

7.00 161 1.58 70 

4.01 150 1.03 28 

3.58 147 0.80 25 

2.98 135 0.00 12 

1.99 132 -0.93 10 

Table IV-6 

The Variation of the Fluorescence Intensity (If) of 6, 7-Dichloro, 

9-Methylisoalloxazine with Perchloric Acid Concentration (HQ) 

Hq ^ If 

7.00 200 1.49 116 

4.01 185 1.03 96 

3.58 185 0.80 64 

2.98 181 0.24 46 

1.99 175 0.00 41 

1.58 156 -0.93. 33 



Table IV-7 

ABSORPTION MAXIMA OF THE FLAVINS IN ACIDIC 

AND IN NEUTRAL SOLUTION 

Compound Xmax,(Hg = 2.02) )\max,(pH - 7.00) 

Riboflavin 395 mji 447 njfii 

Lumiflavin 368 432.5 

9-Ethylisoalloxazine 370 433 

9-Methylisoalloxazine 368 435 



Table 

The Variation in Absorbance 

Acid Concentration (Hq) 

Ho A 

-3.65 0.500 

-2.68 0.476 

-2.02 0.451 

-1.55 0.444 

-0.90 0.413 

-0.67 0.395 

-0.47 0.357 

-0.26 0.352 

-0.13 0.330 

0.05 0.296 

0.10 0.268 

IV-8 

of Riboflavin with Perchloric 

"Xmax = 395 roji 

H0 A 

0.30 0.238 

0.48 0.220 

0.65 0.193 

0.80 0.175 

1.00 0.165 

1.58 0.162 

1.99 0.160 

2.98 0.152 

3.58 0.150 

4.01 0.149 

7.00 0.148 



Table IV-9 

The Variation in Absorbance (A) of Lumiflavin with Perchloric 

Acid Concentration (HQ) Xmax = 368 mJJ 

Ho A Ho A 

-3 .65 1 .390 0 .30 0 .729 

-2 .68 1 .304 0 .48 0 .652 

-2 .02 1 .190 0 .65 0 .619 

-1 .58 1 .000 0 .80 0 .545 

-0 .90 1 .142 1 .00 0 .530 

-0 .67 1 .060 1 .58 0 .525 

-0 .47 1 .035 1 .99 0 .535 

-0 .26 0 .942 2 .98 0 .516 

-0 .13 0 .890 3 .58 0 .520 

0 .05 0 .820 4 .01 0 .519 

0 .10 0 .788 7 .00 0 .540 



Table IV-10 

The Variation in Absorbance (A) of 9-Ethylisoalloxazine with 

Perchloric Acid Concentration (HQ) Xmax = 370 nyi 

Ho A H0 A 

-3.65 0.306 0.30 0.155 

-2.68 0.304 0.48 0.131 

-2.02 0.295 0.65 0.129 

-1.55 0.282 0.80 0.126 

-0.90 0.263 1.00 0.115 

-0.67 0.265 1.58 0.103 

-0.47 0.253 1.99 0.100 

-0.26 0.227 2.98 0.100 

-0.13 0.212 3.58 0.103 

0.05 0.187 4.01 0.100 

0.10 0.168 7.00 0.103 



Table IV-11 

The Variation in Absorbance (A) of 9-Methylisoalloxazine with 

Perchloric Acid Concentration (Hg) max - 368 nju 

Ho A Ho A 

-3.65 0.186 0.48 0.068 

-2.68 0.172 0.65 0.063 

-2.02 0.170 0.80 0.072 

-1.55 0.166 1.00 0.060 

-0.90 0.146 1.58 0.058 

-0.67 0.150 1.99 0.063 

-0.26 0.145 2.98 0.063 

-0.13 0.113 3.58 0.063 

0.05 0.100 4.01 0.063 

o
 

i-4 • 

o
 0.100 7.00 0.058 

0.30 0.060 
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Table IV-12 

Ground State (pK) and Excited State (pK*) Dissociation Constants 

of the Flavins in the Region HQ = 7— -4 

Compound pK pK* 

Riboflavin 0.0 1.6 

Lumiflavin 0.1 1.8 

9-Ethylisoalloxazine 0.0 1.7 

9-Methylisoalloxazine -0.1 1.7 

6, 7-Dichloro 9-Methylisoalloxazine 1.3 

Table IV-13 

Excited State (pK*) Dissociation Constants of the Flavins Calculated 

from the Absorption Data of Table IV-7 and the pK's of Table IV-12 

Compound pK" 

Riboflavin -6.1 

Lumiflavin -8.5 

9-Ethylisoalloxazine -8.4 

9-Methylisoalloxazine -8.9 



APPENDIX IV-B 

Figures IV-1 - IV-
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Fig. IV-1 Structure of the Flavins 
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Fig. IV-2 The Fluorescence Titration Curve of Riboflavin 
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Fig. IV-3 The Fluorescence Titration Curve of Lumiflavin 
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Fig. IV-4 The Fluorescence Titration Curve of 9-Ethylisoalloxazine 
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Fig. IV-5 The Fluorescence Titration Curve of 9-Methylisoalloxazine 
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Fig. IV-6 The Fluorescence Titration Curve of 6, 7-Dichloro-9-
Methylisoalloxazine 
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Fig. IV-7 The Absorption Titration Curve of Riboflavin 
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Fig. IV-8 The Absorption Titration Curve of Lumiflavin 
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Fig. IV-9 The Absorption Titration Curve of 9-Ethylisoalloxazine 
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Fig. IV-10 The Absorption Titration Curve of 9-Methylisoalloxazine 



PART V 

THE KINETICS OF THE SULFONATION OF 8-QUINOLINOL 

INTRODUCTION 

In their study of the excited state prototropic equilibria 

20 of 8-quinolinol and 8-quinolinol, 5-sulfonic acid, Ballard and Edwards 

observed that the fluorescence intensities of solutions of 8-quinolinol 

in concentrated sulfuric acid were time dependent. In solutions of 

constant acidity and under constant illumination intensity this can be 

explained in terms of a chemical reaction between the quinolinium 

cation and the sulfuric acid. Ballard and Edwards have shown that 

the absorption spectrum of 8-quinolinol after dissolution in concen

trated sulfuric acid is almost identical with that of 8-quinolinol, 

5-sulfonic acid in the same solvent. This is evidence for the sulfo-

nation of the ground state quinolinium cation. It is extremely un

likely that the observed variations of the fluorescence intensities 

of the 8-quinolinol solutions are due to sulfonation of the excited 

state species, as the lifetime of the fluorescent state is much 

shorter than the rate of decay of the quinolinium fluorescence. If 

no excited state processes are depopulating the fluorescent state, 

then the variation in fluorescence intensity observed should be pro

portional to the variation in concentration of the quinolinium ion 

as it is sulfonated. This presents an interesting possibility for 

studying the rate of sulfonation of 8-quinolinol. 
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Ih this work, the rates of sulfonation of 8-quinolinol in 

various high sulfuric acid concentrations and in various quinolinol 

concentrations were determined by observing the increase of the blue 

8-quinolinium, sulfonic acid fluorescence with time. The same 8-

quinolinol used in Part II was employed in this study. 



RESULTS AND DISCUSSION 

The variations of the blue 8-quinolinium-5-sulfonic acid 

fluorescence with time, for various sulfuric acid and total 8-quino-

linol concentrations are presented in Tables V-l - V-12. The increase 

in sulfonic acid fluorescence was chosen in preference to the decrease 

in the green quinolinium fluorescence because of the greater intensity 

of the former which enabled measurements to be made at low photometer 

gain, minimizing error in measurement due to overlap of the quinolinium 

emission band with that of the sulfonic acid band. If the quinolinium 

emission was monitored, overlap of the sulfonic acid emission would 

have presented a serious problem. Furthermore, the quinolinium solu

tions sulfonated rapidly after preparation. Since it was necessary 

to determine the fluorescence intensity corresponding to initial 

quinolinium concentration, the maximum sulfonic acid fluorescence in

tensity, easily measurable at the completion of the reaction, was 

considered more valuable than the initial measured quinolinium fluor

escence as considerable reaction might have occurred in the time in

terval between preparation and measurement of the solution. 

29 Cowdrey and Davies, in their study of the rate of sulfona-

tion of p-nitrotoluene in concentrated sulfuric acid have indicated 

that the sulfonating species in this medium is HSO^ generated in the 

reaction 3H2SC>4 ̂  HSO3 + OH* + 2HS0^ . 

The sulfonation of 8-quinolinium ion is illustrated in Figure 

V-l. In order to fit the data of Tables V-l - V-12 to the kinetics 
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of the sulfonation, a first order dependence of the rate of sulfonation 

upon the quinolinium ion and the sulfonium ion was assumed. 

tic model was derived as follows. Let (QSA), (Q) and (S) represent 

the concentrations of sulfonic acid, quinolinium ion and sulfonium ion, 

respectively. 

Then, d(QSA) = k(Q) (S) 
dt 

If (S) is large enough to remain constant during the course of 

the reaction we can define the pseudo-first order rate constant k' z k(S) 

So that d(QSA) = k'(Q) 

but (Q) = (QSA),,,,,,, -(QSA) where (QSA),,,,,,, is the concentration 
lUclX IUcLX 

of sulfonic acid at the completion of the reaction and is equal to 

(Q)max the initial quinolinium concentration if the reaction is quan

titative. 

The relationship of the fluorescence data to the assumed kine-

dt 

Then / (QSA) 
max 

or In _(QSA)max = k't 
(QSA)max - (QSA) 

But the fluorescence intensity (1^) is proportional to (QSA) 

So that log 
max 

A plot of log ( f)max vs. t should yield a straight line 
(I^)max - I 

slope 2.303 if the reaction is truly first order in quinolinium 

cation. 
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In Figures V-2 - V-6 are shown these plots for the data of 

Tables V-l - V-5. These plots are indeed linear indicating a first 

order dependence of the sulfonation rate upon the quinolinium concen

tration. Since the sulfuric acid concentrations of the solutions giv

ing these plots are identical (Hq = -10.41), it is reasonable to con

sider the pseudo-first order treatment as applicable in this case. 

From the curves in Figures V-2 - V-6 the pseudo-first order 

rate constants were determined. They were found to range between 

- 2  - 1  - 2  - 1  
4.8 x 10 min. and 9.9 x 10 min. The discrepancies are be

lieved to be due to the arbitrariness in selecting (1^) , as the 
1 max 

1^ at the completion of each of the reactions were not constant due 

to noise in the instrumentation. The dependence of the rate upon the 

29 30 sulfonating species ' was not investigated further as the identity 

of the species was not known with certainty. 

The foregoing discussion should indicate that with proper in

strumentation, fluorescence can be a powerful tool in the study of 

the kinetics of rapid reactions in solution. 



APPENDIX V-A 

Tables V-1 - V-
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Table V-l 

The Variation of the Fluorescence Intensity (If) of 3.31 x 10 ̂ M. 

8-Quinolinol in Sulfuric Acid (HQ = -10.41) with Time (t). 

"Xmax = 450 nyu 

(If) max 

_L_ JX. lo&7Tl T~ (I£)max -If 

1 min . 73 0.096 

5 124 0.176 

10 179 0.280 

15 220 0.382 

21 293 0.664 

25 310 0.767 

30 329 0.923 

35 346 1.004 

40 350 1.209 

45 356 1.342 

63 369 

120 373(If)max 

174 360 

231 373 

300 373 
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Table V-2 

-4 
The Variation of the Fluorescence Intensity (If) of 2.21x10 M. 

8-Quinolinol in Sulfuric Acid (HQ = -10.41) with Time (t) 

"^max = 450 mja. 

log 
(iJ 

f max 

If (-f)max -If 

0 min 24 0.136 

5 — - - 41 0.272 

10 54 0.413 

15 65 0.583 

20 73 0.768 

25 79 0.990 

30 81 1.100 

120 88 (I^)max 

210 86 

480 88 



114 

Table V-3 

.-4 The Variation of the Fluorescence Intensity (1^) of 1.38x10 ~r M. 

8-Quinolinol in Sulfuric Acid (HQ = -10.41) with Time (t) 

Xmax = 450 rtya 

t 

0 rain 

5 

10 

15 

20 

25 

30 

35 

40 

45 

115 

f 

26 

40.5 

54 

62 

67 

71 

74 

76 (I^)max 

76 

77 

76 

log max 

(If) f'max -I* 

0.182 

0.330 

0.538 

0.734 

0.927 

1.182 
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Table V-4 

The Variation of the Fluorescence Intensity (l£) of 8.28x10"^ M. 

8-Quinolinol in Sulfuric Acid (Hq = -10.41) with Time (t) 

Xmax = 450 mji 

log 
max 

T 5 (I ) -I 
t l£ v f'max ^f 

0 min 44 0.116 

5 88 0.278 

10 121 0.456 

15 147 0.701 

20 162 0.888 

25 169 1.036 

30 178 1.368 

35 184 

40 186 (Ij) max 

45 186 

95 186 

130 186 
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Table V-5 

The Variation of the Fluorescence Intensity (1^) of 5.52x10 M. 

8-Quinolinol in Sulfuric Acid (Hq = -10.41) with Time (t) 

X max = 450 nyi 

1 ^f) max 
I II ) IT" 

t f V f max if 

0 min 54 0.071 

5 110 0.160 

10 165 0.273 

15 205 0.376 

20 238 0.484 

25 285 0.709 

30 309 0.896 

35 324 1.071 

40 336 1.294 

45 345 

75 354 (ip max 

150 348 

291 355 
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Table V-6 

The Variation of the Fluorescence Intensity (If) of 3.45x10 M. 

8-Quinolinol in Sulfuric Acid (H^ = -10.41) with Time (t) 

^Xmax = 450 nyu 

0 min 85 30 365 

5 164 35 376 

12 268 40 382 

15 286 45 386 

20 318 120 400 (If) max 

25 344 170 395 

Table V-7 

The Variation of the Fluorescence Intensity (1^) of 3.17x10"^ M. 

8-Quinolinol in Sulfuric Acid (HQ = -10.02) with Time (t) 

Xmax = 450 itji 

0 min 59 40 208 

5 86 45 215 

10 113 50 223 

15 139 55 227 

20 156 60 233 

25 173 195 268 (If) max 

30 185 261 274 

35 198 



Table V-8 

-4 
The Variation of the Fluorescence Intensity ( I f )  of 3.59x10 M. 

8-Quinolinol in Sulfuric Acid (Hq =—9.37) with Time (t) 

~Xmax = 450 mja 

t Xf 

0 min 99 

5 115 

10 142 

15 167 

20 187 

25 208 

30 227 

37 273 

40 291 

45 306 

75 384 

90 408 

135 432 

195 492 

255 531 (If)max 

315 533 

348 534 
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Table V-9 

-4 The Variation of the Fluorescence Intensity (If) of 2.48x10 M. 

8-Quinolinol in Sulfuric Acid (Hq = - 937) with Time (t) 

^max = 450 nyi 

Xf 

0 min 34 

5 40 

10 50 

16 61 

20 69 

25 77 

30 84 

35 93 

40 100 

46 105 

51 112 

55 116 

60 119 

180 161 (I^)max 

312 168 

435 169 
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Table V-10. 

The Variation of the Fluorescence Intensity (If) of 2.48x10 ^ M. 

8-Quinolinol in Sulfuric Acid (H^ =-8.70) with Time (t) 

Amax = 450 nyu 

Xf 

0 min 33 

5 39 

10 46 

15 53 

20 60 

25 66 

30 72 

35 78 

40 83 

45 89 

50 90 

55 97 

60 100 

105 125 

153 143 

215 150 

295 158 (I^)max 
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Table V-ll 

The Variation of the Fluorescence Intensity (Ij) of 5.52x10 M. 

8-Quinolinol in Sulfuric Acid (Hq = -8.70) with Time (t) 

Xmax = 450 np 

I 
f 

0 min 38 

5 . - - 44 

12 57 

16 63 

20 69 

25 78 

30 86 

35 93 

40 100 

45 104 

50 111 

55 119 _ 

60 125 

65 130 

70 134 

95 150 

169 184 

273 201 (I^) max 
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Table V-12 

-4 
The Variation of the Fluorescence Intensity (If), of 2.55x10 M. 

8-Quinolinol in Sulfuric Acid (HQ = -8.33) with Time (t) 

nyu 

Xf 

Xmax = 450 

0 min 32 

5 33.5 

10 36 

25 44 

40 52 

55 60 

75 69 

174 99 

240 110 

310 120 

360 121 

390 126 (If) max 

645 



APPENDIX V-B 

Figures V-1 - V-
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i+ Fig. V-l The Sulfonation of 8-Quinolinium Cation by HSO^ 
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Fig. V-2 The Pseudo-First Order Plot of Log vs. Time for 

(If)max -If 
3.31x10" M. 8-Quinolinol in Sulfuric Acid (Hn) = 10.41 
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2.21x10"^ M. 8-Quinolinol in Sulfuric Acid (Hq = -10.41) 
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Fig. V-5 The Pseudo-First Order Plot of Log — 1 vs. Time for 
(If)max -If 

8„28xl0 M. 8-Quinolinol in Sulfuric Acid (Hq =-10.41) 
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Fig. V-6 The Pseudo-First Order Plot of Log —(If)max vŝ  for 
(If)max -If 

5.52x10""' M. 8-Quinolinol in Sulfuric Acid (Hq = -10.41) 



PART VI 

EXCITED STATE EQUILIBRIA OF THE 2-METHYL-8-QUINOLINOL COMPLEXES 
OF ALUMINUM (III) AND GALLIUM (III) 

INTRODUCTION 

2-Methyl-8-quinolinol does not form an insoluable chelate with 

31 
aluminum (III) whereas 8-quinolinol does. This has been attributed 

to steric hindrance to octahedral tris-complex formation due to the 

greater size of the 2-methyl-8-quinolinolate ion and the small size 

of the A1 (III) ion. On the other hand, gallium (III), whose ionic 

radius of 0.62& is not much greater than that of A1 (III) (0.50A) 

32 33 
does form an insoluable tris-2-methyl-8-quinolinolate, ' although, 

33 
it is not as stable as the Ga (III) tris-8-quinolinolate. This sug

gests that while steric factors, no doubt, have some bearing on the 

failure of A1 (III)-tris-2-methyl-8-quinolinolate to form, they are 

not the only factors to be considered. No satisfactory explanation 

of this problem has yet been advanced. 

In spite of its failure to form a chelate with A1 (III), 

2-methyl-8-quinolinol is fluorescent in solutions containing A1 (III). 

Solutions containing Ga (III) and 2-methyl-8-quinolinol exhibit a simi

lar fluorescence. The present study was undertaken in order to examine 

the nature of the sentitization of the fluorescence of 2-methyl~8-

quinolinol by A1 (III) and Ga (III) and to explain its origin. 
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EXPERIMENTAL 

2-Methyl-8-quinolinol was purchased from the Aldrich Chemical 

Company, Milwaukee, Wisconsin and purified by sublimation followed by 

recrystallization three times from ethanol. 

2-Methylquinoline was also purchased from the Aldrich Chemical 

Company and was purified by triple distillation at reduced pressure. 

2-Methyl-8-methoxyquinoline was obtained from Dr. Henry Freiser of the 

University of Arizona and was purified by sublimation followed by 

triple recrystallization from ethanol. <*-naphthol was purchased from 

Matheson, Coleman and Bell, Inc. and recrystallized three times from 

ethanol. 

The 365 mp line of mercury was used to excite all solutions, 

except those containing 2-methylquinoline in which case the 313 mp 

line of mercury was employed. 
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RESULTS AND DISCUSSION 

2-Methyl-8-quinolinol was found to be weakly fluorescent, with 

an emission maximum at 405 mju in 50% ethanol-water. The solvent em

ployed in all of these studies was 50% ethanol-water, in order to avoid 

any problems arising from the low solubilities of 2-methyl-8-quinolinol 

and the related compounds in pure water. Upon addition of AICCIO^)^ 

or Ga(C10^)3 the emission maximum of 2-methyl-8-quinolinol was batho-

chromically shifted. The emission maxima of all of the compounds 

studied are presented in Table VI-1. Fluorescence titration of 

2-methyl-8~quinolinol with A1 (III) and Ga (III) yielded the data pre

sented in Tables VI-2 and VI-6 respectively. These data, represented 

graphically in Figures VI-1 and VI-4, show that as the molar ratio of 

metal ion to 2-methyl-8-quinolinol increases, the fluorescence inten

sity rises very slowly initially, then climbs rapidly, in a sigmoid 

fashion to a maximum at about a twenty-five to one excess of ligand to 

metal followed by a sigmoid decline in fluorescence intensity to an

other area of low fluorescence which continues into the region of high 

metal ion concentration. The absorption spectra of 2-methyl-8-quino-

linol in both the presence and in the absence of A1 (III) were found 

to be featureless between 320 m|i and 600 m|a. That of 2-methyl-8-

quinolinol in the presence of Ga (III), however, exhibited a maximum 

at 356 raji which increased with increasing Ga (III) concentration 

reaching a maximum value at a Ga (III) to 2-methyl-8-quinolinol con

centration ratio of about one to three. 
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The absorption data is consistent with the observation that 

no A1 (III) complex of 2-methyl-8-quinolinol is formed and that a 3:1 

complex of Ga (III) is formed. The fluorescence data, on the other 

hand, indicate that there is an interaction of both A1 (III) and 

Ga (III) with 2-methyl-8-quinolinol and that the interaction of 

Ga (III) with the ligand observed by fluorescence is different from 

34 
that observed by absorption. Ohnesorge and Burlingame have observed 

that in absolute ethanol,Al (III) and 2-methyl~8~quinolinol form a 

fluorescent 1:1 complex which is destroyed upon the addition of small 

quantities of water. The nature of this complex has been established 

by fluorescence and absorption methods. Considering the large amount 

of water in the solvent used in the present studies, it is not likely 

that the fluorescent complex observed by Ohnesorge and Burlingame is 

the same as that observed in this work for A'l (III). This conclusion 

is supported by the lack of a maximum fluorescence intensity at a 1:1 

molar ratio of A1 (III) and 2-methyl-8-quinolinol and the lack of an 

absorption band at 357 m|i, as reported by Ohnesorge and Burlingame 

for 1:1 molar ratio of A1 (III) and 2-methyl-8-quino'linol. 

Since the observation of fluorescence in A1 (III) 2-methyl-8-

quinolinol solutions indicates that an excited state species other 

than the ligand itself is formed, and since no ground state species 

are observable in the absorption spectra, it is possible to conclude 

that excited singlet state equilibria are occurring between several 

complexes of A1 (III) and 2-methyl-8-quinolinol. This conclusion is 

also applicable to Ga (III) and 2-methyl-8-quinolino'l as the variation 
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in fluorescence intensity of 2-methyl-8-quinolinol solutions with 

Ga (III) concentration is similar to that for A1 (III) concentration 

and does not coincide with the ground state complex formation as ob

served by absorption measurements. 

In order to determine the nature of the fluorescent complexes 

of A1 (III) and Ga (III) with 2-methyl-8-quinolinol and to establish 

the identity of the species participating in the observed equilibria 

the dependence of fluorescence intensities upon metal to ligand molar 

ratios were determined for several ligands containing functional 

groups similar to those of 2-methyl-8-quinolinol. 

The variations of fluorescence intensity of 2-methylquinoline 

with the molar ratios of A1 (III) and Ga (III) to 2-methylquinoline 

were studied in order to determine whether these metals coordinate 

with 2-methyl-8-quinolinol, in a monodentate fashion, through the ni

trogen atom of the heterocyclic ring. These data are presented in 

Tables VI-3 and VI-7, respectively and are represented graphically in 

Figures VI-2 and VI-5. These data show a weak fluorescence at low 

metal ion concentrations, rising to a constant maximum intensity at 

the high metal to ligand molar ratios and indicating the formation of 

a ground state 1:1 complex. From Figures VI-2 to VI-5 it is obvious 

that the fluorescent interactions observed between A1 (III) and 2-

methylquinoline and Ga (III) and 2-methylquinoline are not the same 

as those observed for the same metals and 2-methyl-8-quinolinol. 

In order to test the hypothesis that monodentate complex forma

tion was occurring through the phenolic oxygen atom, the dependence of 



132 

fluorescence intensity upon the molar ratio of A1 (III) of t>( -naphthol 

was determined. These data are presented in Table VI-4. The data shows 

an erratic decline in the naphthol fluorescence with increasing A1 (III) 

concentration. This indicates that the fluorescence observed with 

A1 (III) and 2-methyl-8-quinolinol is probably not due to a monodentate 

coordination through oxygen. A few measurements of the same type with 

a Ga(III) and K-naphthol gave similar results. Further evidence for 

the lack of interaction of f^-naphthol with these metals is the fact 

that the emission maximum of o<-naphthol at 460 mu is not shifted in 

'the presence of A1 (III) or Ga (III). The decline in the naphthol flu

orescence is probably due to the increase in acidity of the solution 

with increasing metal ion concentration, as the fluorescence of 

'K-naphthol is known to be acidity dependent. 

The foregoing arguments indicate that the nature of- the bonding 

between 2-methyl-8-quino'linol, in the lowest excited singlet state, is 

bidentate. In order to further establish the type of bonding extant in 

these species, the variations of fluorescence intensity with the molar 

ratios of A1 (III) and Ga (III) to 2-methyl-8-met.hoxyquinoline were de

termined. These data are shown in Tables VI-5 and VI-8, respectively 

and are graphically represented in Figures VI-3 and VI-6. These data. 

show the same type of dependence of the fluorescence intensities upon 

the metal to ligand molar ratios as do the data fbr 2-methyl-8-quinolinol 

with these metals. The positions of the intensity maxima and inflection 

points in the curves representing the phenolic and methoxylated ligands 

are surprisingly closg. From this it is not unreasonable to conclude 
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that the oxygen atom of 2-methyl-8-qui.noli.nol is bound to the metal ion 

by a coordinate bond of the type observed in metal etherates rather 

than by an ionic bond. This means that in forming the excited state 

complex, hydrogen is not displaced from the phenolic oxygen. 

Since the bonding of 2-methyl-8-quinolinol to A1 (III) and 

Ga (III), in the excited state complex, is bidentate, it is possible 

to arrange a maximum of three ligands about the metal ion, utilizing 

2 ^ the lowest energy d spJ hybrid orbitals of the metal ion. If the 1:1 

complex was the fluorescent species, it is to be expected that in the 

limit of high metal ion concentration constant maximum fluorescence 

intensity would be achieved. If the 3:1 complex was the fluorescent 

species the fluorescence intensity should rise to a maximum as the metal 

ion concentration is lowered, and then should decrease linearly as the 

metal ion concentration is further lowered. On the other hand, if the 

2:1 complex is fluorescent, the fluorescence intensity should rise in 

a sigmoid fashion as the metal ion concentration is lowered and the . 

2:1 species is formed from the 1:1 species. It should then decrease 

in a sigmoid fashion as the 2:1 species is. converted to the 3:1 species. 

Since the latter phenomenon is observed, the fluorescent species ob

served in the fluorescence titrations of 2-methyl — 8-quinolinol with 

A1 (III) and Ga (III) must be the 2:1 species. The stepwise equilibrium 

constants for the formation of these species have not been determined, 

as it is necessary to know the excited state concentrations of free 

2-methyl-8-quinolinol at each of the inflection points in the fluores

cence titration curve. These concentrations cannot be determined with 

the equipment at hand. 



APPENDIX VI-A 

Tables VI-1 - VI-8 
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Table VI-1 

Emission Maxima of 2-Methyl-8~quinolinols 2-Methylquinoline, 

-Naphthol and 2-Methyl-8 methoxyquinoline, in the Presence 

and in the Absence of A1 (III) and Ga (III) in 507o Ethanol 

Compound A max 

2-Methyl-8-quinolinol 495 mp 

A1 (III) present 500 

Ga (III) present 505 

-Naphthol 460 

A1 (III) present 460 

Ga (III) present 460 

2-Methylquinoline 410 

A1 (III) present 420 

Ga (III) present 420 

2-Methy1-8- me thoxyquino1ine 470 

A1 (III) present 485 

Ga (III) present 485 
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Table VI-2 

The Dependence of the Fluorescence Intensity (If) °f Solutions 

of 2-Methyl-8-<}uinolinol (iq) and Al(ClO^)^ on the Molar 

Ratio C A1 (Ill̂ q '(Cq = 5.00x10 3 M.) \̂piax = 500 mji 

CA1 (III) /Cq -Log (CA1 (III)/Cq) If 

9.28xl0~4 3.03 53 

1.85xl0_3 2.73 68 

9.28xl0"3 2.03 107 

1.85xl0~2 1.73 115 

3.70xl0~2 1.43 1.24 

9.28xl0"2 1.03 37 

1.85xl0-1 0.73 13 

3.70xl0_1 0.43 10 

9.28xl0_1 0.03 10 

0 --- 10 
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Table VI-3 

The Dependence of the Fluorescence Intensity (1^) of Solutions 

of 2-Methylquinolirie (q) and AlCClO^)^ on the Molar Ratio 

^A1 (III)/Cq • (Cq = 5.00x10 3 M.) Amax = 420 mji 

CA1 (III)/Cq -Log (CA1(III)/Cq) *f 

9.28xl0"4 3.03 23 

1.85xl0-3 2.73 25 

9.28xl0-3 2.03 25 

1.85xl0-2 1.73 28 

3.70xl0_2 1.43 35 

9.28xl0-2 1.03 50 

1.85xl0-1 0.73 80 

3.70X10"1 0.43 139 

9.28xl0_1 0.03 181 

1.85 -0.27 200 

3.70 -0.57 207 

0 — _ _ 25 
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Table VI-4 

The Dependence of the Fluorescence Intensity (1^) of Solutions of 

0(.-Naphthol (q) and AICCIO^)^ on the Molar Ratio ^A1 (III^/cci • 

(Cq = 5.00x10 3 M.) Xmax = 460 mjj. 

:A1 (III) /Cq -Log (CA1 (III)/Cq) Xf 

9.28xl0-4 3.03 186 

1.85xl0~3 2.73 155 

9.28xl0~3 2.03 158 

1.85xl0*2 1.73 184 

3.70xl0-2 1.43 144 

9.28xl0~2 1.03 138 

1.85xl0_1 0.73 136 

3.70x10~1 0.43 129 

9.28xl0-1 0.03 116 

1.85 -0.27 90 

3.70 -0.57 95 

0 _ 191 

\-
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Table VI-5 

The Dependence of the Fluorescence Intensity of Solutions of 2-

Methyl-8-methoxyquinoline(q) and AICCIO^)^ on the Molar Ratio 

^A1 (III)/Cq • (Cq = 5.00x10 ^ M.) ^max = 485 nyji 

CA1 (III)/Ca -LOE(CA1 (III)/Cq) h 

9.28xl0"4 3.03 48 

1.85xl0'3 2.73 53 

9.28xl0"3 2.03 133 

1.85xl0"2 1.73 208 

3.70xl0~2 1.43 255 

9.28xl0"2 1.03 180 

1.85xl0-1 0.73 76 

3.70xl0-1 0.43 33 

9.28xl0-1 0.03 29 

1.85 -0.27 24 

3.70 -0.57 28 

0 _ _ _ 25 
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Table VI-6 

The Dependence of the Fluorescence Intensity (1^) of Solutions 

of 2-Methyl-8-quinolinol (q) and GaCClO^)^ on the Molar 

Ratio CGa (III)/Cq • (Cq = 5.00xl0"3 M.) "Xmax = 505 mji 

'Ga(III)/Cq -Log(CGa(III)/Cq) Xf 

1.64x10"4 3.79 14 

8.18xl0"4 3.09 21 

1.64xl0~3 2.79 30 

3.27xl0"3 2.49 31 

8.18xl0"3 2.09 85 

1.64xl0"2 1.79 96 

2.04xl0"2 1.69 107 

2.47xl0"2 1.61 131 

3.27xl0"2 1.49 125 

8.18xl0"2 1.09 55 

1.23xl0_1 0.92 37 

1.64x10"1 0.79 24 

0 _ _ _ 11 
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Table VI-7 

The Dependence of the Fluorescence Intensity (Ij) of Solutions of 

2-Methylqyinoline (q) and Ga(C10^)g on the Molar Ratio 

CGa (III)/Cq • (Cq - 5.00x10"^ M.) Xmax = 420 mfi 

'Ga (III) /Cq -LOB (CGa (III)/Cq) !F 

1.64x10-3 2.79 114 

8.18xl0"3 2.09 110 

1.64xl0"2 1.79 107 

3.27xl0"2 1.49 94 

8.18xl0~2 1.09 38 

1.64xl0-1 0.79 19 

4.09xl0_1 0.39 15 

8.18xl0-1 0.09 12 

1.64 -0.21 12 

3.28 -0.51 11 

0 .. _ 12 
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Table VI-8 

The Dependence of the Fluorescence Intensity (1^) of Solutions of 

2-Methyl-8-methoxyquinoline (q) and GaCClO^)^ on the Molar 

Ratio (^Ga (III)/Cq • (Cq = 5.00xl0~3 M.) Xmax - 485 nyu 

CGa (III)/Cq -Log (CGa (III)/Cq) If 

1.97xl0"4 3.71 30 

1.97xl0"3 2.71 44 

3.94xl0~3 2.41 42 

9.85xl0"3 2.01 108 

1.08xl0"2 1.97 118 

1.47xl0"2 1.84 134 

1.97xl0"2 1.71 149 

3.94xl0~2 1.41 154 

6.38xl0"2 1.17 160 

9.85xl0~2 1.01 94 

1.97xl0_1 0.71 33 

9.85X10"1 0.01 27 



APPENDIX VI-B 

Figures VI-1 - VI-6 
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Fig, VI-1 The Variation of Fluorescence Intensity (If) with the Molar 
Ratio ( Al(III) ) of AICCIO^)^ to 2-Methyl-8-Quinolinol 
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Fig. VI-2 The Variation of Fluorescence Intensity (If) with the Molar 
Ratio (^Al(III) ) of A1(C10^)3 to 2-Methylquinoline 
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Fig. VI-3 The Variation of Fluorescence Intensity (If) with the Molar 
Ratio ( Al(III) ) of AICCIO^)^ to 2-Methyl-8-Methoxyquinoline 
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Fig. VI-4 The Variation of Fluorescence Intensity (If) with the Molar 
Ratio (CGa(III) ; of Ga(C10^)3 to 2-Methyl-8-Quinolinol 
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Fig. VI-5 The Variation of Fluorescence Intensity (If) with the Molar 
Ratio ( Ga(III) ) of Ga(C10^)2 to 2-Methylquinoline 

175 

150 

125 

100 

H 

75 

50 

- 25 

5 3 4 2 0 

Fig. VI-6 The Variation of Fluorescence Intensity (If) with the Molar 
Ratio ( Ga(III) ) of Ga(C10^)g to 2-Methyl-8-Methoxyquinoline 
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