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Absorption and Fluorescence Studies of Acridine in Subcritical and Supercritical Water
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The isobaric acid/base equilibrium between acridine and the acridinium cation was measured from ambient
temperature to 38€C (above the critical temperature of wat@f,= 374 °C) using absorption spectroscopy.

At 3500 psia, the isobaric protonation of acridine is shown to be exothermic up to approximatelZ 315
Above 315°C, protonation becomes endothermic due to changes in the dielectric constant of water with
temperature, which has a profound influence on the solvation of ions. The results are interpreted using a
modified Born equation to account for the temperature-dependent changes in acridinium cation and proton
solvation. The absorption and fluorescence spectra and the fluorescence lifetime of acridine are sensitive to
changes in solventsolute hydrogen bonding. Hydrogen bonding between acridine and water is observed to
decrease from ambient temperature to the critical temperature. A relatively rapid change in hydrogen bonding
occurs between 100 and 20Q.

Introduction MD-FEP simulation is a powerful tool to relate the solvation
free energy of neutral and ionic species to solvation structure

Water is the most important solvent in nature. It is unique : o
P q at a molecular levell19-22 However, MD-FEP simulation is

largely because a single water molecule can form up to four o ¢ . .
strong hydrogen bond€2 These play a major role in solvation I|m|te_d by the large .amount of computer time rgquwed.
and cause water, unlike other solvents, to expand upon freezing Continuum electrostatic (CE) models for the solyatlon free
Because water is the medium of life, studies of its liquid-, solid-, €N€rgy, which are numerical solutions to Poisson’s equation,
and gas-phase properties began centuries ago and continu&duire far less computer time. CE models predict the free
today3 Recently, the unusual properties of supercritical water €nergies of solvation for various neutral and ionized species in
(SCW) have attracted much scientific study primarily because @mbient water quite accuratefyand this allows other properties
of SCW's potential in many industrial processes and for Such as relative acidities, reaction rates, and equilibrium
environmental remediatiol’ Some examples include hydro- ~ constants to be determined from classical thermodynamics. The
thermal oxidation of organic wastes, hydrothermal breeding of results of CE and MD-FEP models for theZSreaction of Cf
crystals, spraying of ceramics, and hydrothermal synthesis suchwith CHsCl have been compared recertfy The simulated free
as the hydrolysis of chlorobenzene to form phenol and diben- energy for the pentavalent transition state) @+CHs:+-CI°",
zofuran® was accurately predicted with a CE model at low and high
The objective of this study is to characterize the thermody- densities relative to the critical density. However, the model
namics of the acietbase equilibrium (eq 1) and the photophysics failed in the middensity region where electrostriction is most
prevalent. In contrast, a CE model did accurately predict the
acidity of HCl relative to water, HCk OH~ = CI~ + H,0, at
@ Q @ = @ O @ + Hz0t (D) all densities studie#® This reaction does not generate charge
” N (isocoulombic), and the reactant and product ions are about the
same size. Thus, the errors which result from neglecting
electrostriction cancel.

Recently, the effects of pressure and temperature on the
equilibrium constantKgpa, for the reaction of 2-naphthol (2-
NpOH) with OH~ 2 and of 2-naphthoic acid with N&P° were
studied in subcritical and SCW. The Born model was used to
account for changes in ionic solvation with temperature,

(continuum electrostatic, CE, and molecular dynamic-free pressure, and density. At constant temperature, density had a

energy perturbation, MD-FEP) simulations of the reaction of much greater effect on the acid dissociation constkat.of
HCI and OH 1112 |n addition, the temperature dependence of 2-NpOH than orKena because the former reaction produces a
the acridine fluorescence and absorption spectra are consisterp@/l Of positive and negative ions, i.e., is ionogenic, whereas
with a marked decrease in intermolecular hydrogen-bond the latter converts one anion to another with no net change in
interactions. These results indicate that the hydrogen-bondMuUmber or charge of ions. At constant density, the temperature
network of water dissipates above 180 at 3500 psia. dependence oKgpa indicates that the isocoulombic reaction
Widespread interest in SCW as a reaction medium has ©f 2-NPOH and OH is exothermic but that df, indicates that
sparked a growing research effort to understand SCWs uniquethe ionization of 2-NpOH is endothermic, presumably because
solvation properties. The structure of SCW solutions has beenthe energy required for ionization is greater than the solvation

AcH* Ac

of acridine in subcritical and SCW. The effects of ion solvation
on the acid-base equilibrium (eq 1) are accounted for using a
modification of the Born equation, and the results are compared
with experimental results for the reactions of OHwith
2-naphthdl and 2-naphthoic acll and calculational studies

probed with molecular dynamics computational simulatibl?. ~ energy gained by the products 2-Np@nd H". At constant
pressure, more complex behavior is observed because the large
€ Abstract published irAdvance ACS Abstract&ebruary 1, 1997. partial molar enthalpies, entropies, and volumes of ions all
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change with temperature as a result of water’s large isothermalSCHEME 1: lllustration of the Relevant Photophysics of
compressibility and volume expansivity. Acridine in Water

Many of water’s unique properties are due to strong hydrogen- kg
. . . . . s . AcH** Ac*  + H* pKa* =9.2 (2)
bonding interactions which give liquid water a propensity to . kp . ’
maintain a tetrahedral structuté>26 For example, rotational el N
correlation phenomena such as dielectric relaxation and shear § | {%nr|kr kq @ thor | ke
viscosity depend on cooperative hydrogen-bond interactions ¥ °
AcHt Ac + H*t pKa =54 (3)

among water molecules. Robinson and co-workers have sug-
gested that proton- and electron-transfer reactions to water are ) )
also dependent on cooperative hydrogen bonding, and they(l ¢m optical path lengtif). A second high-pressure cell,
found the rate of excited-state deprotonation of 2-naphthol by cqnstructed from grade 2 Tico titanium fitted with three sa_pphlre
water to be proportional to the Debye relaxation time up to 80 Windows, was used to collect fluorescence speétrahe choice
°C27 Like other rotational correlation phenomena, the Debye of Ti was to avoid iron impurities. Pressure was monitored
relaxation time of water depends upon the rotational motions USing & Heise Model 901A pressure indicator- (@ 000 psia).

of clustered water molecules that are hindered by water's 1h€ témperature was monitored using a J-type thermocouple
extensive hydrogen-bond network. mounted in a 1.5 cm deep slot in the cell. An Omega Model

CN76000 temperature controller was connected to heating tape,
which was wrapped around the insulated cell. Resistive current
was controlled with a variable transformer in conjunction with
the temperature controller and maintained the cell temperature
to within 1 °C. The sample solution was pumped into the cell
using either an Eldex model AA-100-S HPLC pump-@&D00
psia) or a Beckman 1008 HPLC pump-6000 psia). Prior to
use, all sample solutions were deaerated with nitrogen or He
(Liguid Carbonic, 99.995%) which had been purified by passage

Green and co-workers studied excited-state deprotonation of
2-naphthol up to 400C .23 Their results were consistent with
those of Robinson up to 80C where the proton-transfer rate
followed linear Arrhenius behavior. Above 10C, however,
the proton-transfer rate was non-Arrhenius and much slower
than expected based on an Arrhenius extrapolation from the
low-temperature data. They concluded that changes in water
structure above 100C prevented water from solvating the

proton. Ryan and co-workers studied excited-state deprotona- : !
tions of 2-naphthol to water and several bases to 4D@nd through an oxygen trap (Alltech), effecting deaeration. After a

observed a qualitative difference between the temperature30 min purge, steady-state fluorescence was stable indefinitely.

dependence of ionogenic and isocoulombic reacfibrisxcited- Steady-state absorption spectra were collected using a Cary
state deprotonations of 2-naphthol by water and ammonia are3E absorption spectrometer. Steady-state fluorescence was
ionogenic and exhibit non-Arrhenius behavior similar to that recorded on an SLM Aminco 500 fluorimeter with the sample
observed by Green and co-workers. The transition states ofcompartment modified to accept the high-pressure cell. Time-
ionogenic reactions are desolvated relative to the reactants agesolved data were collected by single-photon courtititat
the temperature is increased. This, in turn, alters the activationthe Center for Fast Kinetics Research. All the steady-state and
free energy, and the ionogenic proton-transfer rates become nonlime-resolved data were collected using 350 or 355 nm as
Arrhenius. Deprotonations by acetate and borate anions are€Xcitation wavelengths.
isocoulombic and are nearly Arrhenius-like up to the critical ~ Acridine (Aldrich) was purified by recrystallization from
temperature. The transition states of isocoulombic proton- €thanol and chromatography on neutral alumina with a 50%
transfer reactions have the same charge as the reactants and aenzene/hexane mixture in a darkened room. The purity was
not significantly desolvated relative to the reactants in high checked by melting point (169110 °C, lit.1® 111 °C), high-
temperature water. Thus, the activation free energy varies onlyresolution mass spectrometry, and high-resolution proton NMR.
modestly with temperature. Pronounced deviations from Ar- Sample solutions of acridine for fluorescence experiments (1
rhenius behavior are observed for the ionogenic reactions abovex 10~ M) were prepared using ultrafiltered water (Millipore).
100 °C and are consistent with a large change in hydrogen- The absorption experiments required a higher concentration of
bond interactions above this temperature. acridine (1x 1074 M). Fresh solutions were prepared each
Consistent with this are the results of a molecular dynamics day, protected from light, and bubbled with He ortd remove
simulation using the simple point charge extended (SPCE) dissolved oxygen. Alternatively, a stock solution was prepared,
model?® The simulation indicates that heating liquid water Protected from light, and stored under nitrogen. The pH of a 1
causes the hydrogen-bonded tetrahedral structure to dissipatex 10 M agueous acridine solution was6 at ambient
For example, the coordination number of pure saturated liquid temperature. The pH of the sample solutions was varied using
water was shown to increase with temperature from 4.5 at 25 HCl or KOH.
°C to about 5.9 by 200C. The tetrahedral structure of ambient
water causes the coordination number to be about 4.5 insteacdResults and Discussion
of 12, which is expected for a simple Leonard-Jones liquid. At
higher temperatures, the hydrogen-bond network dissipates, an
the molecules in the first solvent shell become more free to
reorient, making room for additional coordinated water mol-
ecules. Above 227C, the coordination number decreases as
the bulk density decreases. Although hydrogen bond inter- | y ,
actions markedly decrease between 100 and°g)(ydrogen proton” and the symbol, H, are used throughout this paper to

bonding between two water molecules or in small clusters of '€Present the solvated proton. The notation is a generic
water molecules can be observed to at least G2 representation and makes no claim on the nature of proton

solvation, which undoubtedly involves local aggregation. In a
neutral aqueous solution at 2& with pH < pKg*, Ac* is
readily protonatedl, solvent-assisted proton transfer). Thus,
Absorption spectra were obtained using a previously designedin neutral water Ac* decays by solvent-assisted protonation with
Inconel 625 high-pressure cell employing two sapphire windows a rate constantky, in competition with radiative k) and

d Absorbance Experiments. When acridine is excited to the

S, ,* state, denoted here as Ac*, it becomes a much stronger
proton acceptor. TheKy, of AcH™ increases from g, = 5.4

to pKs* = 9.231 These processes are depicted in Scheme 1,
which illustrates all of the relevant photophysics. The term

Experimental Section
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Figure 1. Absorption spectra of acridine (& 104 M) in deaerated
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Figure 3. Absorption spectra of acridine (& 104 M) in deaerated

water at room temperature and pressure at three pH values: 2.5, 6water adjusted to pH 3.9 at several temperatures at 3000 psia normalized
and 11. The maximum absorbance of each spectrum is normalized toto water density at ambient temperature. The spectral region shown is

one. that where AcH does not significantly overlap with Ac. The data at
- 380 °C were obtained at 5500 psia to avoid a phase transition.
—pH=12]4 of the ground-state acitbase equilibrium between acridine and
~ 1or FANAY _'_'__'__'__'s::‘: ] the acridinium cation (eq 3). The absorption spectra of aqueous
E i ! ,.f'\.t Ay ] solutions of acridine (pH 3.9) at several temperatures at 3500
S 08[ SN “-._ ] psia are shown in Figure 3. Only the 38885 nm region is
- A B R ] displayed because AcHis the primary absorber in this
'E 0.6 ," 5 Y ] wavelength region. As the temperature is increased, the"AcH
g P Y ] concentration decreases until the Atabsorption {max = 405
= 0.4 [ DR ] nm) disappears. The loss of A¢tHndicates the reaction is
[ A "\_"'s,_ shifting toward Ac as the temperature is increased. The
o2r s ] exothermic behavior for the protonation reaction is expected
L f . - below the critical temperature, since the proton is a much
0.0 = stronger acid than AcH in subcritical water. The AcH
350 400 450 500 550 600

Wavelength (nm)
Figure 2. Steady-state fluorescence spectra of acriding 0+ M)

in deaerated water at room temperature and pressure at three p - - +
values: 2, 6, and 12. The maximum fluorescence of each spectrum i':concentratlon favors AcH While AcH

normalized to one.

nonradiative K, relaxation. Protonation forms the acridinium

cation in its § state (AcH*), and it decays with its own

characteristic radiativek() and nonradiativeky') pathways.
The absorption maxima of both AcHand Ac appear at 356

concentration also decreases with temperature in a pH 2.1
aqueous solution of acridine, but the change is not as large as
that observed in the pH 3.9 solution because the higher proton
absorption nearly
disappears by 300C in the pH 3.9 solution, the acridinium
cation absorption is present up to 38C in a more acidic
solution.

The temperature dependence of the acridine -aoase
equilibrium (eq 3) is quantified by measuring the equilibrium
constant at constant pressure as a function of temperature. This

nm, but the AcH spectrum has a broad shoulder centered at is accomplished using steady-state absorption spectroscopy to
approximately 400 nm that is not present in the Ac absorption determine the concentrations of Ac and Actds described
spectrum (Figure 1). The shoulder is sufficiently resolved from below. The reaction of acridine with water is written as

the main peak to allow absorption spectroscopy to monitor the

concentrations of AcHand Ac. Thus, steady-state absorption Ac + H,0=AcH" + OH~ 4
spectroscopy probes the ground-state equilibrium behavior of
aqueous acridine. where the equilibrium constant is
The fluorescence maximum of Ac* appears at approximatel
" be Y Kb = Mach-Mop-/My ®)

430 nm, whereas that of AcH appears at approximately 475
nm (Figure 2). Protonation is favored when the pH of the
reaction mixture is lower than that of the reactionk. pwWhen

the pH< pK,, AcHT is the predominant species, and excitation
of AcH™ to AcH'™ does not result in excited-state deprotonation
because pH« pKy*. Thus fluorescence from Ackr only is
observed. Whenky < pH < pKg*, Ac is the predominant
species present and excitation of Ac to Ac* results in excited-
state protonation while excitation of AcHo AcH™ does not

induce excited-state deprotonation. In this case, fluorescenc

is observed from both Ac* and AcH (middle spectrum in
Figure 2). Only Ac is present if theiq < pH, and excitation
to Ac* generates fluorescence from that species ohh(=
475 nm, spectrum in Figure 2).

Acid/Base Equilibrium. Steady-state absorption spectros-

and the infinite dilution activity coefficient of each species and
the mole fraction of water (symbols not shown in the equation)
are defined as unity. For the deprotonation of a neutral acid,
HA such as 2-naphthol with OH the corresponding equilibrium
constant is often referred to Kgna. For the ionization of water

H,O=H"+ OH" (6)
€the ionization equilibrium constant is expressed as
Kw = My Moy- (7)

As in eq 5, the mole fraction of water and the activity
coefficients are assumed to be unity. The reaction of acridine

copy is used to determine the isobaric temperature dependencevith H* (eq 8) is obtained by subtracting eq 6 from eq 4:



1830 J. Phys. Chem. A, Vol. 101, No. 10, 1997 Ryan et al.

0.40 T L 1.5

LI B B B S B S L e e e e

—©-380 °C, 310 bar ]
1.0 | -1TF-300°C, 241 bar 7

S 0.30 i -~ [ A250 °C, 241 bar A
< TOSE ]
o E [
2 0.20 200F ]
£ . §,, i ]
(= =) 4
z = .0s5F ]
< 0.10 F

-1.0F h

0.00 - Wt 1Y s
400 420 440 460 430 500 2.0 2.5 3.0 3.5 4.0 4.5
Wavelength (nm) -log m,.

Figure 4. Absorption spectra of AcHin deaerated aqueous acridine
solutions (1x 1074 M) at several pH values at 35€ and 3500 psia
normalized to the water density at ambient temperature.

Figure 5. Dependence of the ratio of neutral and protonated acridine
on solution pH at 3500 psia and several temperatures:°Gg0ircles),
300°C (squares), and 25 (triangles). Above ambient temperature,
the proton concentration was calculated from the pH at ambient

Ac+H"=AcH" (8) temperature and the known temperature dependence of the HCI acid/
o . base equilibriun¥? The experimental uncertainty i50.1 log units at
and the equilibrium constant for eq 8 is temperatures below 38T and+0.2 log units at 380C.
Ka_l = Kb/KW = mAcH+/mAcmH+ ) 5.0 '*’ " j T
[ | O Ref. data (Sat.) . J
a1 . . .. - Ly \ @® Exp. data (3500 psia) ]
Thus,K1is a relative property relating the basicity of acridine Ly | = — -3500 psia (model)
to that of water. Rearranging eq 9 gives 4 | T Tes000 s (mode) ]
N [ ]
log(My/Maes) = —log K, * — log [H] (10) 2 40 | ]
-
from which K41 is determined frommac/macq+ and [H] at a E" 35L ]
given temperature. The ratioac/macy* iS obtained from the [ ]
AcH™ absorbance integrated from 400 to 500 nm. The ; ]
absorbance of AcHwas not integrated below 400 nm because 3.0 . ]
of significant spectral overlap with the unprotonated acridine F ]
absorbance. The AcHabsorbance was deconvoluted from the 25 : E—
small spectral overlap of Ac as described previodslFrom 1.2 1.6 2.0 24 2.8
25 to 400°C, acridine in pH 1.5 solution is assumed to be 1000/T (1/K)

completely protonated since the absorption spectrum does notFigure 6. Dependence oK, for aqueous acridine on temperature

change when the pH is decreased further. Thus, in pH 1.50bserved at 3500 psia (solid circles). These experimental data are
solutions, the integrated absorbance of acridine corresponds tg?0MPared with that obtained along the saturation curve by Huh and
the absolute AcH concentration, which is equal to the initial co-worker$? (open circles): the dashed lines represent the temperature

2 ; o . . dependence predicted by the modified Born equation at several
acridine concentration, providing a calibration between ACH  pressures. The 3500 psia dashed solid line is the best fit to our data
absorbance and concentration from 25 to 400 Because the  using the modified Born equation. The solid lines represent constant
concentration of Ac can be calculated from [AgHoy mass density in units of g/mL.
balance, the rationa./macq+ is determined from the integrated
AcH™ absorbance alone. 5 are within the experimental uncertainty and do not reflect

At each temperature studied, e.g., at 3% as shown in curvature in the plot. For comparison, the figure also displays
Figure 4, the absorption spectra are obtained in solutions of data measured along the saturation curve by Huh and co-
varying initial pH in order to determin&, from eq 10. The workers33
pH is adjusted using HCI, so the proton concentration must be  Shifts in the temperature and density of water can significantly
corrected for the temperature dependence of the HCl-dmzde affect acid-base equilibria because of changes in the value of
equilibrium using the equation of Mesm&r.All experiments AH, the temperature and density dependence on the dielectric
were performed under conditions such that the values of log- constant, and electrostriction of water around idng-or
(mac/macut) ranged from 1 to—1. Outside of this range, the  example, the equilibrium constant for the ionization of water,
results are sensitive to small errors in the absorbance data. Figurd,, (an ionogenic process), changes by about 5 orders of
5 displays data obtained at three temperatures plotted accordingnagnitude between 25 and 37@, ande varies from~80 in
to eq 10. Similar plots constructed for each temperature studiedambient water to<10 in supercritical watet* Unlike neutral
were all linear with a slope of 1 as expected from eq 10. The species, the solvation energies of ions are strongly dependent
values ofK, ! are determined from the intercepts of these plots one: therefore, the equilibrium constants of ionogenic reactions
and are plotted in Figure 6 for a pressure of 241 bar. In regions are substantially altered by changesjrand the solvation of
where acridine was stable, the reproducibility in the logarithm product ions relative to the neutral reactants largely determines
of the concentration ratio in Figure 5 wad0.1 log units at the observed temperature dependence. In contrast, isocoulombic
temperatures below 38C and+0.2 log units at 380C. Based equilibria depend much less erbecause the ion solvation of
on eq 10, the reproducibilities for lof,~* are comparable, the products and reactants is similar.
assuming that the reproducibilities in pH for the HCI data are A modification of the Born equation, eq 11, that was used
similar to this. Finally, the deviations from linearity in Figure successfully to describe the temperature and density dependence
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of ionogenic and isocoulombic acidase reactions of 2-naph-

thol® was used here to describe the temperature dependence of

KoL
- AG°(T,p) _ AG°(Tp.p0)
1_ =
InKa " =~"Rt RT,
(“L (1_1)+@s(1_1)(¢_ 1 )
LMy [p\T Ty T \e €f\Rye Rfacus
(11)

whereep = €o(po,T). For comparison, Figure 6 compares our

experimental data with data collected along the saturation curve

reported by Huh and co-workéfsand with calculated behaviors.
The first term in eq 11AG°(To,p0), is evaluated from thelfy
of acridine at 25C. The temperature derivative in the second

term of eq 11 is determined from the data obtained below 200

°C because density is approximately constari@o change)
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Figure 7. Dependence ok, ! for aqueous acridine on density at 380
°C. The dashed line is the density dependenc&of at 380 °C
predicted by the modified Born equation. The experimental uncertainty
is £0.2 log units.

over this temperature range. The dielectric constant in the third cording to the model, much simpler behavior is observed at
term was calculated from the density using an equation given constant density, reflecting much smaller changes in the

by Uematsu and FrarR. The density was calculated with an
equation of state given with the steam tables reported by ¥aar.

dielectric constant with temperature at constant density versus
constant pressure. At constant density, kgg? is fairly linear

The last term in eq 11, the Born term, requires estimations of in temperature and always decreases with an increase in

the radii for the solvated protoR* .+, and the acridinium cation,
R*acht. BecauseR*y+ is not known accurately, the value of
1/R*y+ — 1/R*acy™ Was determined by fitting eq 11 to the
experimental data in Figure 6, giving a value of 0.191AA
positive value for IR*+ — 1/R*acyt implies that AcH is a

temperature, exhibiting exothermic behavior for protonation.
At 380 °C, the value oK, decreases as the bulk density is
increased (Figure 7). This is consistent with the Born model,
which predicts that the solvation of the proton relative to AcH
will increase ase increases with density. This drives the

larger ion than the proton as expected. The 3500 psia line in equilibrium in eq 8 toward the reactants, alg* decreases.
Figure 6 corresponds to the best fit of eq 11 to the data where The dashed line in Figure 7 shows the changé.n predicted

1/R*y+ — 1/IR* acyy™ is the only adjustable parameter. If it were
assumed that AcHis much larger than the solvated proton,
then R* i+ would be on the order of the size of A¢tH This

by eq 11, using (B* 1+ — 1/R* acit) = 0.19 A1, as a function
of density. Itis not possible to determine the curvature of this
plot from the data given for the experimental uncertainty-ai2

analysis would suggest that the radii of both species contribute|og units.

to the Born model. However, given the complexities of
solvation in SCW and the simplicity of the Born model, the
physical significance of the regressed value oR*l/ —
1/R* pcq+ IS quite limited.

Along the isobar at 3500 psiadk, ! decreases as the

Essentially all of the results for the protonation of acridine
in Figures 6 and 7 qualitatively match those for the deproto-
nation reactions: 2-naphthel OH~ ° and 2-naphthoic acid-
OH~.10 At constant density both of these deprotonations are
exothermic as a stronger acid and base react to a weaker acid

temperature is increased from ambient temperature to about 31%and base. At constant pressure, each of these become endo-
°C. This indicates that the protonation reaction, eq 8, is thermic in SCW as the loss in the dielectric constant with
exothermic below 315C. In the range 315350 °C, the temperature favors the larger organic anion products versus
temperature dependence Kg ! is much weaker, andKs ! OH-, just as AcH is favored over H. Together these three
abruptly increases near the critical temperature, indicating that organic indicators may be utilized to measure the pH of SCW

the reaction changes from exothermic behavior in subcritical
water to endothermic behavior in supercritical water. The
equilibrium constants for other isocoulombic reactions exhibit
similar behavioP. In subcritical water, the temperature depen-
dence of the equilibrium constant is determined primarily by
the second term in eq 11 because the difference betweaad

€o is relatively small, making the Born term small. At higher
temperatures, where< ¢, the significance of the Born term

solutions over a wide range.

Fluorescence Experiments.We also attempted to study the
temperature dependence of the excited-state acid/base equilib-
rium using steady-state fluorescence spectroscopy (Figure 8).
In principle, fluorescence allows the determination of the relative
concentrations of Ac* and AcH and, therefore, the excited-
state equilibrium constant. In pH 6 solutions of acridine, the
fluorescence from both Ac* and AcH is observed near room

increases until it becomes dominant near the critical temperature temperature. Protonation increases slightly when the temper-

Thus, in supercritical water, the larger Atidation is favored
whene is small because of its smaller charge per volume. This
induces the equilibrium shown in eq 8 to shift toward AgH
and the reaction exhibits endothermic behavior.

The dashed lines in Figure 6 are the valueKgf predicted
by eq 11 at different pressures using the same valueRsf1/
— 1/R* pc+ determined from the fit to the 3500 psia data. At
higher pressures, the difference betweamde, is not as great,
and the Born term is less influential, even at the critical

ature is raised to 200C becaus&,, increases about 2 orders
of magnitude over this temperature range. The increased proton
concentration drives the equilibrium toward protonation. The
value ofK,, decreases dramatically above 2@ lowering the
proton concentration. This changeKg drives the equilibrium
toward the unprotonated species together with the equilibrium
thermodynamics of an endothermic reaction (eq 2).

The fluorescence spectra are convolutions of Atluo-
rescence generated by excited-state proton transfer (eq 2) and

temperature. Therefore, the change from exothermic to endo-fluorescence resulting from direct excitation of AcHThis is
thermic behavior at pressures greater than 3500 psia is predictedecause of the difference betwed,@mnd K;* and the large

to be less dramatic and shifted to higher temperatures. Ac-

fluorescence quantum yield of Actl Fluorescence of Ack*
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1.2 [ T e higher than 250°C, the decomposition is faster. Thus, the
; —30°C | fluorescence near 420 nm is a convolution of Ac* fluorescence

1.0 F ,.,-‘,,-'é{ <y —=-200 °C ] and the fluorescence of a decomposition product. Neutral
-~ i _f' ' ""', ——300 °C ] acridine solutions were stable in stainless steel batch reactors
§ 0.8 [“ 1 and analyzed by GC, and the absorption spectrum did not change
z [ over time at any temperature; however, a new absorption peak
z 06 attributed to a decomposition product grew in at 380 nm in pH
% I 3 acridine solutions above 35W. Fluorescence excitation
e 047 spectra obtained by monitoring the 420 nm emission in neutral
B b acridine solutions at 250C show the same decomposition

0.2 1 product peak as that observed in the absorption spectra of acidic

0.0 3 acridine solutions above 35@C. No decomposition product

absorption is observed in excitation spectra monitoring the 550
nm emission because the decomposition product does not

i fluoresce at this wavelength.
Figure 8. Steady-state fluorescence spectra of a deaerated neutral Acridine d iti t high t t v limit
solution of acridine (1x 1075 M) at 3500 psia and three temperatures: cridine decomposition at high temperatures severely limits

30, 200, and 300C. The maximum fluorescence of each spectrum is the use of steady-state fluorescence to study its excited-state

350 400 450 500 550 600
Wavelength(nm)

normalized to one. equilibrium behavior because the decomposition product fluo-
rescence overlaps the fluorescence of unprotonated acridine and
0S T U is significant even in neutral water. The decomposition product
] absorption peak does not appear in neutral water at any
0.4 temperature studied. This indicates that absorption is much less
& sensitive to the effects of decomposition, enabling a study of
= 03F the ground-state equilibrium to 38C€. While a decomposition
'z [ product absorption peak appears in acidic solutions above 350
= °C, the decomposition rate is slow enough that absorption
= 02r spectra can be acquired before there are any significant spectral
3 changes. Above 380C, the spectral changes caused by
0.1 F decomposition occur too fast to acquire emission spectra and
inhibit the study of the ground-state equilibrium above this
0.0 e temperature. All fluorescence experiments reported here were
350 400 450 500 550 600 stable over the time window of the experiment.

Wavelength (nm) Huh and co-worke#s report neutral solutions of acridine to
Figure 9. Steady-state fluorescence spectra of a deaerated neutral?€ Stable to 250°C, but Lee and co-workers have studied
aqueous acridine solution at 285G and 3500 psia. The first spectrum ~ acridine oxidation to (9,18)-acridone at 200°C in acidic
was recorded immediately after flushing the cell and allowing one solutions. They suggested the mechanism is autoxidation by

minute for the temperature and pressure to stabilize. Subsequent spectraxygen with titanium dioxide on the cell surface acting as a
were recorded at three minute intervals. catalyst.

deriving from direct excitation of AcHis significant compared ~ Hydrogen-Bonding Interactions. The fluorescence intensi-
to that resulting from excited-state proton transfer even when ties and lifetimes of nitrogen heterocycles are known to be
the AcH' concentration is much less than the Ac concentration Sensitive to solutesolvent hydrogen-bond interactioffs.For
because of the large quantum yield for fluorescence of %cH  €xample, isoquinoline and acridine fluoresce much more
For example, at pH 8 the ground-state equilibrium favors Ac Strongly in protic solvents than in hydrocarbon solvefitsThe
almost exclusively, but time-resolved fluorescence measure- traditional explanation for these observations is that the lowest
ments revealed a slow growth of A¢kfluorescence resulting ~ excited singlet state for many nitrogen heterocycles is of n,
from excited-state proton transfer superimposed on a detector-character in hydrocarbon solvents but @f* character in
limited growth of AcH™ from direct excitation of AcH. The alcohols and other hydrogen-bond donors, and the state is
relative fluorescence intensities from Attand Ac* do not nonfluorescent because of efficient intersystem crossing and/
only reflect the temperature-dependent changes in the excited-0r internal conversiof® State inversion is thus caused by
state equilibrium (eq 2) exclusively but also reflect changes in hydrogen-bond interactions between the lone electron pair on
the ground-state equilibrium induced by temperature (eq 3). This the nitrogen and protic solvents. Ar-m* excitation decreases
observation is in contrast to a previous study of excited-state the electron density on the nitrogen and weakens the hydrogen
proton-transfer reactions of acridine which found no evidence bonding between the excitedzt, state and the protic solvent
of direct AcH" excitation in pH 8 solutions of acridir@. molecules. Thus, the ground state is better solvated by protic
Steady-state fluorescence is a more sensitive probe of acridinesolvents than the ;Sstate (Figure 10). In an aprotic solvent,
decomposition than absorption measurements. A permanenthe ground state is less well solvated than the excited state and
fluorescence peak at about 420 nm attributable to a decomposi-changes in the hydrogen-bond donor properties of solvents
tion product grows in over time at temperatures above2D0  generally do not strongly influence the energies of ther*
(Figure 9), even though there is no detectable change in thetransitions. Therefore, the, State of a nitrogen heterocycle
absorption spectrum under the same conditions. Immediatelymay be nz* in hydrocarbon solvents whilez3s 7%, but the
after flushing the cell with new solution (allowing—2 min S state isz,* and the S state is ng* in protic solvents.
for temperature equilibration at 28C) fluorescence from both Clearly this picture is a simplification. While the labels
Ac* and AcH"™ is observed. Additional fluorescence spectra “n,7*" and “s,;*" are commonly used, it is not strictly correct
obtained in 3 min intervals reveal the growth of a decomposition to consider these as isolated electronic states. Tren8& S
product in the same spectral region as Ac*. At temperatures states are of intermediate character because of vibronic coupling;
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Figure 10. Effect of hydrogen bonding on the:t transition energy o . .
typical of nitrogen containing heterocycles such as acridine. In protic
solvents, hydrogen bonding between the solvent and the lone electron 18
pair on the nitrogen preferentially solvates the ground state of acridine
relative to the excited state because the electron density on the nitrogen 17 et
is reduced in the me* state, and hydrogen bonding is less stabilizing 156 2 25 3 135 4

in the excited state.
_ ) _ _ ) 1000/T(K)
that is, the states are mixé&#” Vibronic coupling between Figure 11. Temperature dependence of the 410 nm fluorescence decay
* * i .
the nz* and,7* states can have a profound influence on both rate constant (squares) at 3500 psia of acridine solutiors¥@* M)

the fluorescence intensity and Iifetime of nitrogen heterocycles_. adjusted to pH 12. The previously reported temperature dependence
For example, an analogous state inversion does not occur inof the fluorescence decay rate constants of isoquinoline in ethanol
isoquinoline, where the ;Sstate is predominantlyr,z* in all (circles) are shown for compariséhThe experimental uncertainty is
solvents. Although the intersystem crossing quantum yield is +0.2 natural log units.
approximately the same in both protic and aprotic solvents, bond interactions; especially near the melting temperature of
isoquinoline fluoresces much less strongly in hydrocarbon ethanol where the change was most dramatic. As the hydrogen
solvents. bonds weaken, theat —z,1* energy gap decreases (proximity
Lim and co-workers have proposed a “proximity effect” effect), and the Sstate becomes more mixed which facilitates
which facilitates internal conversion to explain these observa- internal conversion to theyState and decreases the fluorescence
tions3849 Although state inversion does not occur in isoquino- lifetime and intensity.
line, the frequency of the n* transition is, nonetheless, Arrhenius plots of fluorescence decay rates are expected to
decreased in aprotic solvents, and there is a smaller energy gafpe linear with temperature in the absence of substantial solvent
between the m* and &,t* states. This increases vibronic changes and are not generally strongly temperature or pressure
coupling further mixing the Sand $ states, so that the dependent®4l By analogy to the isoquinoline data, the
character of the Sstate increases. The vibronic coupling occurs curvature of our acridine data suggests a substantial change in
through the out-of-plane vibrations of the State which are the hydrogen-bond interactions of water above 10Q0where
good acceptor modes for a large energy gap transition such aghe data are approximately linear between 100 and ZD0O
S1—S internal conversioA? Therefore, internal conversion is ~ Above 200°C, the fluorescence lifetime and intensity were too
facilitated in aprotic solvents by the proximity effect, thus small to measure accurately with our equipment. Below 100
inhibiting fluorescence. °C, the fluorescence decay rate is less temperature dependent
Changes in the Sstate character also manifest themselves than the data above 100C. Although the temperature
by a change in the fluorescence lifetime. Both acridine and dependence of acridine fluorescence at low temperature is
isoquinoline have larger fluorescence lifetimes in protic solvents weaker than at high temperature, it is still much more strongly
than in hydrocarbon solvent&3° This is consistent with the  dependent on temperature than the fluorescence lifetime and
larger fluorescence quantum yield in protic solvents. In intensity of 2-naphthol?® Again, this suggests that hydrogen
hydrocarbon solvents, the nonradiative relaxation rate is very bonding influences acridine fluorescence even at low temper-
fast, and the Sstate lifetime is short compared to the purely atures.
radiative relaxation rate. The temperature dependence of the absorption spectrum of
The rate constants for fluorescence of acridine at pHkd2, acridine also suggests a change in the character of the hydrogen-
= 1/r (wherek = kyr + k) are measured at several temperatures bonding interactions above 10C. As the temperature is
at 3500 psia by single-photon counting (Figure 11). At this increased, the absorption maximum of a pH 9.2 aqueous acridine
pH, only Ac is present in the ground state, and no excited-state solution at 3500 psia at 355 nm shifts about 4 nm to the red,
proton transfer to Ac* occurs (Scheme 1). Thus, excitation of and the extinction coefficient decreases by a factor-af8
Ac to Ac* produces only Ac* fluorescence with a lifetime (Figure 12). There is no evidence of acridine decomposition
determined byk;. The radiative rate constant is generally in basic solutions. Such a large change in the extinction
assumed to be temperature independetitso the observed  coefficient with temperature is unusual. For example, the
decrease in the fluorescence lifetime with temperature mustextinction coefficient of the 2-naphthat—s* absorption is
reflect the temperature dependence of the nonradiative rateindependent of temperature up to 40C° The unusual
constantk,. The fluorescence rate constants show nonlinear temperature dependence of the acridine extinction coefficient
Arrhenius behavior (Figure 11). Lim and co-work¥rstudied has been observed previously by Huh and co-workers up to 250
the temperature dependence of fluorescence of another nitrogen2C 33 Solvent-dependent changes in the extinction coefficient
containing heterocycle, isoquinoline. Their results are also have been observed with other N-heterocycles, and they were
nonlinear when plotted in Arrhenius fashion (Figure 11). They attributed to changes in local hydrogen bondiag.
concluded that this strong temperature dependence of the The temperature dependence of the acridine extinction
isoquinoline decay rate is the result of changes in hydrogen- coefficient may be rationalized by considering the variability
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Conclusions

.__
»

The large change in water’s dielectric constant on going from
subcritical to supercritical conditions has a profound effect on
the thermodynamics of acridine protonation. In subcritical
water, the protonation reaction is exothermic because the proton
is a much stronger acid than the acridinium cation. Near the
critical point, the relative solvation of the acridinium cation and
the proton undergo large changes with temperature at constant
pressure. As water’s dielectric constant decreases with tem-
perature, solvation favors the acridinium cation because of its
smaller charge-to-volume ratio and drives the equilibrium toward
the protonated species (endothermic behavior). At constant
density where the dielectric constant is relatively constant, the
reaction remains exothermic at all conditions studied.

Both acridine absorption and fluorescence are sensitive to
hydrogen-bonding interactions between water and the lone
electron pair on the nitrogen in acridine. Changes in the
LB B IR I absorption spectrum, extinction coefficient, and fluorescence

] lifetime with increasing temperature are consistent with the
changes observed on going from a protic to an aprotic solvent.
O 1 These indicate that hydrogen-bonding interactions decrease in
] water as the temperature is increased. A relatively rapid change

o) observed between 100 and 20C is consistent with the
o ] predictions of molecular dynamics simulatih.
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Figure 12. Absorption spectra of an aqueous acridine solutiorx (1
10 M) adjusted to pH 9.2 at several temperatures and 3500 psia.
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