
Chapter 4
Water Research by Far-Ultraviolet Spectroscopy

Takeyoshi Goto and Akifumi Ikehata

Abstract Far-ultraviolet (FUV) absorption spectroscopy provides molecular infor-
mation about valence electronic transitions: ¢ , n, and   electron excitation and
charge transfer (CT). FUV spectral measurements of liquid water and aqueous
solutions had been limited, because the absorptivity of liquid water is very intense
(absorptivity 105 cm�1 at 150 nm). We have developed an attenuated total reflection
(ATR)-type FUV spectrophotometer in order to measure FUV spectra of liquid
water and aqueous solutions. The ATR–FUV spectroscopy reveals the features of
the valence electronic transition of liquid water. This chapter introduces a brief
overview of the first electronic transition

� QA QX�
of liquid water (Sect. 4.1) and

the FUV spectral analyses (140–300 nm) of various aqueous solutions including
how the hydrogen bonding interaction of liquid water affects the QA QX transition
of water molecules (Sect. 4.1); how the QA QX bands of water molecules in Groups
I, II, XIII, and lanthanoid (Ln3C) electrolyte solutions are associated with the
hydration states of the metal cations (Sects. 4.2 and 4.3) how the protonation states
of amino acids in aqueous solutions affect the electronic transition of the amino
acids (Sect. 4.4) and the analysis of O3 pulse-photolytic reaction in aqueous solution
using a nanosecond pump-probe transient FUV spectrophotometer (Sect. 4.5).
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4.1 First Electronic Transition of Liquid Water

Water is a colorless medium; it does not absorb visible light, while infrared (IR) and
far-ultraviolet (FUV) light is strongly absorbed. Figure 4.1 shows the absorption
spectrum of liquid water from the IR to the FUV region calculated from literature
data of molar absorptivities [1] by assuming a path length of 100 nm. In the IR
region, two major peaks appear around 2,900 nm (3,400 cm�1) and 6,200 nm
(1,650 cm�1) assigned to H–O–H stretching and bending modes, respectively. In
the near-infrared (NIR) region, relatively small absorptions due to the overtones
and combination modes of the H–O–H vibrations are observed. As mentioned at
the beginning, the ultraviolet–visible (UV-vis) region does not show significant
absorption. In the FUV region, a strong absorption band arises where the wavelength
is shorter than 190 nm. This is the first electronic transition of water, and the
absorptivity of this band is stronger by several orders of magnitude relative to the
H–O–H stretching band in the IR region. For decades, it has been known that the
absorption edge of this band (around 190 nm) shifts to a shorter wavelength with the
increase in the strength of hydrogen bonding [2–5]. This band is simply called the
QA QX because it is due to the lowest electronic transition. Specifically, this band is

assigned to the transitions from the 1b1 (nonbonding orbital) to the 4a1 (antibonding
¢* orbital) and partly to the 3s orbitals (Fig. 4.2) [6, 7]. Since the former 1b1 ! 4a1

is caused by a transition to valence band of the oxygen atom, the QA QX absorption
of water has an aspect of an excitonic transition [8]. In condensed phases, the
lone-pair valence band edge approaches the conduction band. Hahn et al. clarified
that the average electron-hole distance is longer in the condensed phase than in
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Fig. 4.1 The absorbance spectrum of water from the IR to FUV region, assuming a path length of
100 nm (From Ref. [1])
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Fig. 4.2 Molecular orbitals of water molecule in the ground state and the first excited states

an isolated water molecule by theoretical calculations [9]. This result supports the
experimentally observed blueshifts of QA QX . The latter 1b1 ! 3s is a transition to
the Rydberg series, often called molecular orbital (MO) Rydbergization [6, 10]. The
radii of the electron orbitals of Rydberg states are several to several tens of times
larger than those of the corresponding ground state, so that the Rydberg states in
condensed phases are sensitive to the effects of surrounding molecules. The obvious
blueshift that was experimentally observed for matrix-isolated water with a decrease
in the size of the matrix constituents represented a proof for Rydbergization [11].
Actually the excited states of valence and Rydberg orbitals are complementary by
the O–H distances. When the O–H distance becomes shorter (i.e., in condensed
phase), Rydberg nature of the excited molecular orbital becomes dominant [10].

From the peak shifts of the QA  QX band by phase transitions of water, one
can easily understand the fact that the first electronic transition of water varies
with changes in hydrogen bonding and molecular density. The band maxima of
QA  QX of water are observed at 168 nm (7.4 eV) [12, 13], 148–150 (8.4–

8.3 eV) [14–18], and 144 nm (8.6 eV) [18–20] for the gas, liquid, and solid states,
respectively. However, the QA  QX absorption of water is considerably stronger
than the IR absorptions corresponding to the fundamental H–O–H stretching
vibrations as shown in Fig. 4.1, and this fact makes it difficult to measure the
band maxima of the QA  QX absorption of liquid water and aqueous solutions
by transmittance spectroscopy. In fact, the positions of the band maxima of liquid
water and ice mentioned in the foregoing researches [11, 15] were determined
by regular reflection measurements. As for liquid water and aqueous solutions,
many other scientists had to observe the band tail over 190 nm (below 6.5 eV)
by using transmittance cells and have discussed the onset of the absorption [2–
5, 8]. A redshift occurs at the onset of the QA  QX absorption with an increase
of temperature [8, 21, 22]. This phenomenon has been discussed in the context of
Urbach rule [23], which is based on the characteristic behavior of phonon-broadened
absorption bands. Williams et al. compared the energy gap for the QA  QX band
of liquid water with that of the band of isolated water from a viewpoint of an
amorphous semiconductor on the basis of temperature dependence measurements
of UV spectra [8]. The studies conducted before 1998 were adequately reviewed by
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Bernas [22, 24]. Considerable computational efforts were also made recently [25–
32]. However, experimental study of the QA  QX absorption of liquid water had
not been fully explored due to the difficulty in directly observing the transmittance
FUV spectra of water. The situation has dramatically changed by the development
of ATR–FUV spectroscopy [33]. One can easily observe the entire shape of the
QA  QX absorption band of water because the evanescent wave with the ATR

geometry reduces a path length in the sample on the reflection element less than
100 nm. Since the QA QX band moves to a shorter wavelength with the increase in
the strength of hydrogen bonding, it is expected that the QA QX band of liquid water
continuously shifts with temperature and hydration by ions, inorganic molecules,
and organic molecules. The use of QA QX band by ATR–FUV spectroscopy is now
becoming a method to explore the hydrogen bonding and hydration of water and
also a method in quantitative and qualitative analysis of aqueous solutions [34].

The origin of the low-lying electronic transition band of water had not been
conclusively established before the development of the ATR–FUV because the
observation of the QA  QX band tail was the only one way to know the electronic
property. To make sure whether the shift of the QA  QX band tail by heating is
caused by broadening or energy shift, the ATR–FUV was first used for studying
temperature dependence on the QA QX transition by employing a single-reflection
ATR accessory with a sapphire crystal [14]. The ATR–FUV spectra of light water
(H2O) and heavy water (D2O) measured at different temperatures (10–70 ıC) are
shown in Fig. 4.3. The maximum absorptions for all the spectra of D2O lie at
higher energies than those for the spectra of H2O at the same temperature. The
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Fig. 4.3 ATR–FUV spectra (ATR absorbance) of H2O and D2O at different temperatures (From
Ref. [14])
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Fig. 4.4 The absorption
index � (a) and the refractive
indices n (b) of H2O
converted from the
ATR–FUV spectra shown in
Fig. 4.3 by the
Kramers–Kronig
transformation (From Ref.
[14])
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deviation arises from the difference in the vibrational zero-point energies between
H2O and D2O [17]. The QA  QX peaks showmarked redshifts on heating, and the
peak intensities decrease. However, the ATR spectra of water are not identical to its
transmission spectra. Since the ATR technique is based upon a reflection method, the
spectra involve shifts not only in peak intensity but also in the wavelength. Kramers–
Kronig transformation (KKT) and Fresnel formulas are available to separate the
contributions of the absorption and refractive indices. Figure 4.4a, b displays
the calculated results of absorption indices, �, and refractive indices, n, of H2O,
respectively [14]. The indices correspond to the real and imaginary parts of the
complex refractive index as follows: Qn D nC i�. It can be seen that every spectrum
of the optical indices shifts to the low-energy side on heating. The peak wavelengths
of the absorption indices are plotted against temperature in Fig. 4.5. The best-fit
linear functions to the data are indicated by solid lines. The band maximum of
H2O linearly shifts from 8.4 to 8.26 eV on increasing the temperature from 10 to
70 ıC, and consequently, the slope is �2:4 � 10�3 eV/K. A prediction by using
an extrapolation fit of a Gaussian profile to the experimentally observed UV tails
shows a smaller slope of �1.86� 10�3 [5]. The slope for D2O, �2:1 � 10�3 eV/K,
is thought to be the same as that for H2O. This result suggests that with regard to
the thermal shifts of the band peaks, the ATR–FUV spectra are relatively in good
agreement with the transmittance spectra. On the other hand, the bandwidth of the
QA  QX band in the absorption indices, �, becomes very slightly narrow with an

increase in the temperature. Therefore, it is revealed that the shift of the tail of
QA  QX absorption observed in the UV spectra is dominated by the energy shift
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Fig. 4.5 Plots of the peak
positions of the QA QX band
for H2O (open circles) and
D2O (filled circles) against
temperature (From Ref. [14])

Photon energy/eV

Te
m

pe
ra

tu
re

/°
C

Wavelength/nm

8.3 8.4 8.5
0

20

40

60

80
146148150

of the QA  QX transition. In this way, systematic measurements of the ATR–FUV
spectra of water and the analysis of KKT reveal that the QA  QX band of liquid
water shifts to lower energy on heating.

4.2 Cationic Effects on the QA  QX Transition of Liquid
Water: Group I, II, and XIII Cations

Because the QA  QX transition of liquid water involves nonbonding electrons of
an oxygen atom of a water molecule [6], the QA  QX transition of liquid water is
sensitively affected by the hydrogen bonding state of water molecules. The addition
of salts in liquid water induces the rearrangement of the hydrogen bonding structure,
and the strength of water molecule structuring by an ion is characterized with the
charge and the size of the ion [35, 36]. The high-charge-density ions electrostatically
bind to the surrounding water molecules and form the first and even second
coordination spheres [37]. The hydration energy of an ion expresses the change of
the electric energy induced by the insertion of an ion into water solvent. Hydration
of ions has been extensively studied from the macroscopic properties (viscosity
and entropy of ion solvation) [38, 39] and the molecular structure with X-ray [40],
nuclear magnetic resonance (NMR) [41], and vibrational [42] spectroscopy. Herein,
ATR–FUV spectroscopy provides new insights into the hydration of cations from
the perspective of the electronic transition of water molecules [43, 44].

The QA QX transition energy of liquid water increases with the addition of salts,
and the increase in the energy linearly correlates with the thermodynamic solvation
energies of the cations [43, 44]. Figure 4.6 shows the ATR–FUV spectra of 1 M
Group I metal nitrate solutions and pure water at 25 ıC. The same counter-anion,
nitrate, was employed for all the electrolyte solutions to negate the effect of counter-
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Fig. 4.6 ATR–FUV spectra of aqueous solutions of 1 M alkali metal nitrates measured at 25 ıC
(From Ref. [43])

anions on the measured spectra. The absorption bands around 6.1 eV (203 nm) and
8.0 eV (155 nm) are assigned to the  � * transition of NO3

� and the QA  QX
transition of water molecules, respectively. The QA  QX bands of the electrolyte
solutions are slightly blueshifted, and their absorbances are smaller relative to the
pure water band. The QA  QX transition energies of the electrolyte solutions
become higher as the cation sizes are smaller in each group. Figure 4.7 shows
plots of the barycenter energies of the QA  QX bands of the Group I, II, and
XIII metal nitrate electrolyte solutions (1 M) versus the Gibbs hydration energies
of the cations (�Ghyd). The �Ghyd values were taken from the reference [45].
Because the concentrations of the nitrate anion are different among the Groups
I, II, and XIII, the correlation can be examined within each group. The higher-
charge-density cations which hold the larger negative values of �Ghyd show the
higher QA  QX transition energies of the water molecules for each group. This
linear relation indicates that the hydration of the cations stabilizes the ground-
state electronic energies of the water molecules, resulting in the increase in the
QA  QX transition energies of the electrolyte solutions. The correlations of the

extremely high-charge-density cations, HC, LiC, and Be2C, deviate from the linear
relations. This deviation is probably attributed to the energy differences in the
electronic excited state of the water molecules hydrating different cations, because
the thermodynamic hydration energy of a cation is associated with the ground-state
electronic energy. The electronic state calculation of the hexagonal ice water shows
that the spatial distribution of the excited electrons is extensively distributed and
sensitive to the neighboring molecular environment [9]. Therefore, the extremely
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Fig. 4.7 Plot of the QA QX transition energies of Group I, II, and XIII electrolyte solutions versus
the Gibbs energies of hydration (�Ghyd) corresponding the cations. The �Ghyd values were taken
from the reference [45] (From Ref. [43])

high-charge-density cations more strongly perturb the molecular orbital (MO)
transformation of a water molecule accompanied with the electronic transition than
the low-charge-density cations.

The electronic state calculations of water and water–cation complexes reveal
how the electron donation from water molecules to a metal cation affects the QA  
QX transition of the water molecules [43]. The time-dependent density-functional

theory (TDDFT) calculations of the QA  QX transitions of the monomer and the
dimer of water molecules (mono-H2O and di-H2O) and the water-monovalent cation
complexes (H2O-MC) using the M06-2X functional with the 6-31CCG** basis set
show a clear dependence of the QA  QX transition energy on distance between the
electron donor (nonbonding electrons of an oxygen atom) and the acceptor (MC or
a hydrogen atom of a water molecule) (rD�A) as shown in Fig. 4.8. The longest and
shortest rD�A distances of each cation complex correspond with the inner and outer
positions of the first hydration shell edges of the cations. As rD�A is shorter, the
QA QX transition energies of all the cation complexes and di-H2O (b) become larger

than that of the water monomer. The di-H2O (a) transition appears below the mono-
H2O. But the oscillator strength of the di-H2O (a) transition gets smaller as rD�A is
shorter, whereas that of the di-H2O (b) transition doesn’t change. From the results
of these TDDFT calculations, the blueshifts of the QA QX bands of the electrolyte
solutions can be elucidated as the following: (1) The electron donor–acceptor
interaction between the cations and the water molecules induces deformation of the
MO of the water molecules, and (2) a closed-packing hydrogen bonding structure of
the water molecules caused by the electric fields of the cations generates the stronger
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Fig. 4.8 The QA  QX transition energies for the H2O dimer (di-H2O (a) and di-H2O (b)), H2O-
LiC, H2O-NaC, and H2O-KC complexes calculated by M06-2X/6-31CCG** at various rD-A

distances. The longest and shortest rD�A distances correspond with the lengths between the inner
and outer positions of the hydration shell edges of each cation. The broken line shows the QA QX
transition energy of the H2O monomer (From Ref. [43])

hydrogen bond interaction among the water molecules. Consequently, the QA  QX
bands of the high-charge-density cation electrolyte solutions are more blueshifted
than those of the low-charge-density electrolyte solutions and pure water. Also, the
calculated QA  QX transition energy spread between the longest and shortest rD�A

distances of the H2O-MC complexes linearly correlates with the full with at half
maximums of the QA  QX bands of the electrolyte solutions measured with ATR–
FUV spectroscopy as shown in Fig. 4.9. Therefore, the QA  QX bandwidths of
the electrolyte solutions directly exhibit how the cation centers are hydrated by the
solvent water molecules.

4.3 Cationic Effects on the QA  QX Transition of Liquid
Water: Lanthanoid Cations

Physicochemical properties of lanthanoid cation (Ln3C) hydrates depend on the 4f
electron occupation state of the Ln3C cations in the electronic [46, 47] and electric
aspects [48]. Accordingly, those vary across the 4f period in either monotonous or
inmonotonous trend. As the nuclear charge (Z) increases, the coordination number
of Ln3C hydrates decreases inmonotonously from 9 to 8; specifically, the amount
of change varies around Eu3C and Gd3C [48–50]. The Ln–OH2 bond distances
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Fig. 4.9 Plot of the
calculated QA QX transition
energy spreads for the widths
of hydration shells versus the
full width at half maximums
(FWHM) of the QA QX
bands measured with
ATR–FUV spectroscopy. The
broken line shows the FWHM
of the QA QX band of pure
water (From Ref. [43])
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monotonously decrease [51–53], and the Gibbs energies of hydration of Ln3C
cations monotonously increase [45, 54], as the Z values become large. The variation
of the lanthanoid liquid–liquid extraction with Z shows a characteristic tetrad trend
[55]. The tetrad trends of Ln3C hydrates are known as the tetrad effects [46, 47].
Herein, ATR–FUV spectroscopy reveals that the QA  QX transition energies of the
Ln3C electrolyte solutions show a tetrad trend across the 4f period, which accounts
for the ligand field splitting (LFS) of the 4f electronic states of the Ln3C hydrates
[56].

The QA  QX transition energies of the Ln3C electrolyte solutions are higher
than that of pure water. Figure 4.10 shows the plots of the QA  QX transition
energies of the Ln3C and the Group XIII nitrate electrolyte solutions (1 M) versus
the Gibbs energies of hydration (�Ghyd) of each cation. The �Ghyd values were
taken from the reference [45]. Because the same counter-anion (nitrate) for all the
salts was employed, the spectral differences are attributed to the cation effects. From
the linear correlation, the hydration energies of the Group XIII cations account for
the decrease in the electronic energies of the ground state of the water molecules
and the increases in the QA  QX transition energies of the Group XIII electrolyte
solutions. In contrast, the QA  QX transition energies of all the Ln3C electrolyte
solutions including the noble gas-like cation La3C ([Xe]4f0) do not have a linear
relation with �Ghyd. Because the cations in each Group I, II, or XIII (s- and p-block
metals) exhibit a linear relation as shown in the previous section, the deviation from
the linearity for the Ln3C cations is associated with the 4f electronic states.

The 4f electron occupation state can characterize the QA QX transition energies
of the Ln3C electrolyte solutions in a tetrad manner; that is, there are four local
trends in the 4f series. Figure 4.11 shows a plot of the QA  QX transition energies
(filled squares, left axis) and �Ghyd (filled circles, right axis) versus the number of
4f electrons of the Ln3C cations. For the half occupation period of the 4f electrons,
the QA  QX transition energies decrease from La3C (4f0, 8.0375 eV) to Nd3C (4f3,
8.0277 eV) and increase from Sm3C (4f5, 8.0279 eV) to Gd3C (4f7, 8.0374 eV).
For the complete occupation period, there are two local minima at Dy3C (4f9,
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8.0349 eV) and Yb3C (4f13, 8.0355 eV). The QA  QX transition energies at the
nodes (La3C, Gd3C, Ho3C, and Lu3C) slightly increase as Z increases from La3C
(8.0374 eV) to Gd3C (8.0374 eV) and Ho3C (8.0382 eV) to Lu3C (8.0386 eV).
Consequently, the primary trend of the QA  QX transition energies of the Ln3C
electrolyte solutions is a linear relation with the hydration energies of the Ln3C
cations, and that is the same as the Group I, II, and XIII cations.
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The difference of the QA QX transition energy of each Ln3C from the line, which
goes through the nodes, (�E), more clearly characterizes the tetrad trend deviation.
Figure 4.12 shows the plots of �E across the 4f period. For the half occupation
period, the �E value increases from La3C to Nd3C (9.98� 10�3 eV, 80.5 cm�1)
and decreases from Sm3C (9.97� 10�3 eV, 80.4 cm�1) to Gd3C (5.99� 10�4 eV,
4.83 cm�1). For the complete occupation period, the �E shows the local maxima at
Dy3C (3.24� 10�3 eV, 26.1 cm�1) and Yb3C (3.03� 10�3 eV, 24.5 cm�1) and the
local minimum between Ho3C and Er3C.

The tetrad trend of �E across the 4f period is ascribed to the LFS effect on the
inner 4f electrons of the Ln3C cations. The observed �E values are the comparable
order of magnitude with the splitting ground-state multiplets of Ln3C complexes
induced by ligand fields in the range from 0 to 400 cm�1 [57–64]. From the
electronic state calculation with INDO/S-CI method, the energy split is from 0 to
263 cm�1 for [Pr(H2O)9]3C complex (D3h symmetry) and from 0 to 196 cm�1 for
[Tm(H2O)8]3C complex (D2d symmetry) [64]. Also, the observed �E profile along
the 4f period is similar with the LFS profile of the ground-state multiplets of the cube
geometry (coordination number (CN)D 8) rather than the octahedron geometry
(CND 6) of the Ln3C halides crystals. Yatsimirskii et al. calculated the ground-
state multiplets of the Ln3C halide crystals [14]. The calculated LFS energies for the
cube (filled circle) and the octahedron (filled triangle) geometry of a LnCl3 crystal
by Yatsimirskii et al. are also plotted in Fig. 4.12. The molecular geometry of Ln3C
hydrates in aqueous solution is tricapped trigonal prism (CND 9) for light elements
and square antiprism (CND 8) for heavy elements [50–52, 65]. The LFS profiles
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for those geometries of the Ln3C hydrates are not known at this time. However, the
similarity of the �E profile with the LFS profile of the cube (CND 8) geometry
rather than octahedron (CND 6) of the Ln3C halides indicates that the tetrad trend
of �E results from the LFS of the ground-state multiplets of the Ln3C hydrates.

4.4 Electronic Transitions of Amino Acids in Aqueous
Solutions

Amino acids are simple building-block subunits of proteins, and their side chains
determine the higher-order structures and the chemical functions of proteins. The
FUV spectral measurements of amino acids especially in gas and solution states are
very challenging, because the vapor pressures of amino acids are quite low [66], and
the photoabsorption of solvents including water is very intense [7, 14]. Just a few
FUV absorption spectra of amino acids were reported in the thin solid films [67, 68],
the gas states [69, 70], and the solution states [71, 72]. Actually, the FUV spectra of
amino acids in aqueous solutions can be easily obtained by using the ATR method.
This section will introduce the FUV spectra of 20 naturally occurring amino acids
in pure water, acidic, and basic aqueous solutions in the region from 145 to 300 nm
[73].

Glycine (Gly) is the simplest molecule in the 20 amino acids, and the FUV
spectrum of Gly is the most appropriate to show the electronic transition of the
backbone structure of amino acids. The primary chromophore of Gly is the carboxyl
group. Figure 4.13 shows the FUV spectra of 2 M Gly in 1.81 M H2SO4, pure
water, and 3.36 M NaOH aqueous solutions. Because the pKa1 and pKa2 values
of Gly are 2.34 and 9.60, the protonation states are ammonium carboxylic acid,
zwitterion, and aminocarboxylate anion in acidic solution, pure water, and basic
solution, respectively. The intense bands appear at 157.5 nm (molar absorption
coefficient "D 5.15� 103 M�1 cm�1), 168.9 nm (7.76� 103 M�1 cm�1), and
169.9 nm (7.73� 103 M�1 cm�1) for the acid, the zwitterion, and the anion forms,
respectively. Those are assigned to the ( � *)1 transitions of the carboxyl and
the carboxylate groups. In accordance with the conversion from the acid form
to the zwitterion, the ( � *)1 band is redshifted by 11.4 nm, the maximum "

value increases by 2.61� 103 M�1 cm�1, and the new band appears at 145.8 nm
(5.77� 103 M�1 cm�1) which is tentatively denoted as ( � *)2. The ( � *)2

band of the carboxylate anion form was reported from the quantum chemical
calculations of electronic transition and circular dichroism (CD) of hydrated alanine
(Ala) [74, 75] and the absorption spectra of the amino acid solid films [67, 68]. Osted
et al. reported that the electronic transition energies of the ( � *)1 and ( � *)2

bands are around 170 and 149 nm for the micro-hydrated zwitterion form of Ala
from the coupled cluster singles and doubles (CCSD) level calculations [75]. In
conversion from the zwitterion form to the anion, the ( � *)1 band is slightly
redshifted by 1 nm, and the ( � *)2 band becomes indistinguishably smaller.
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Accordingly, the ( � *)1 and ( � *)2 transitions electronically correlate with
the intra- and intermolecular interaction between the ammonium and the carboxylate
anion groups.

The amino acids whose side chains possess the  -electron conjugated groups,
imidazolyl (His), phenyl (phenylalanine (Phe)), indolyl (tryptophan (Trp)), and
hydroxyphenyl (tyrosine (Tyr)), yield the characteristic spectral patterns in the FUV
region. Figure 4.14 shows the FUV spectra of the acid and the anion forms of these
amino acids ((a) His, (b) Phe, (c) Trp, and (d) Tyr). In comparison of the " spectra
determined from the present ATR method with those from transmission methods
in the wavelength region from 200 to 300 nm [76, 77], the positions of the band
maxima nearly match each other, but the " values determined by the ATR method
are smaller by 0.55 times. This disagreement of the molar absorptivities mainly
comes from the different orders of the sample concentrations (10�6� 10�3 M for
the transmission and 1–2 M for the ATR study).

For Phe and Tyr, the characteristic bands appear from 175 to 300 nm, which
are mainly derived from the  � * transitions of the phenyl and hydroxyphenyl
groups of the side chains. The  � * bands of the carboxyl groups are completely
obscured within the  � * bands of the side chains. From the absorption spectra of
benzene and substituted benzenes [78, 79], the intense bands around 190 nm and the
weak bands around 250 nm correspond to the symmetry-allowed  � * transition
(1B) and the symmetry-forbidden  � * transitions (1La and 1Lb), respectively. By
comparing the 1B bands between the acid and anion forms, (1) the band positions
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of the acid forms stay at shorter wavelength than the anion forms, (2) the molar
absorption coefficients of the acid forms are larger, and (3) the bandwidths of
the acid forms are narrower. Those differences probably arise from the hydration
strength of the amino acid molecules. The anion forms of the amino acids interact
more strongly with the solvent water molecules than the acid forms.

The characteristic absorption bands of Trp spread over the entire FUV region, and
those are mostly derived from the  � * transitions of the indolyl group in the side
chain. The  � * transition of the carboxyl group is moderately obscured within
the intense absorption of the indolyl group. The spectral changes upon protonation
are relatively small, because the molecular structure of the side chain does not
change with the proton concentrations. The bands around 193, 230, and 280 nm are
assigned to the  � * transitions to the Ba state, the Bb state, and the overlapping
La and Lb states, respectively [80]. In comparison of the spectra among Phe, Trp,
and Tyr, the electronic transition energies of the B bands decrease, and the molar
absorption coefficients of the L bands increase for both the acid and anion forms
due to the reduced benzene ring symmetry, as the benzene rings are more substituted
from Phe to Trp.
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4.5 Pulse Laser Photolysis of Aqueous Ozone in the
Microsecond Range Studied by Time-Resolved
Far-Ultraviolet Absorption Spectroscopy

Advanced oxidation processes (AOP) using aqueous ozone (O3) with hydrogen
peroxide (H2O2) and UV light irradiation have been widely employed to oxidatively
destruct organic and inorganic contaminants in aqueous solution [81–84]. Even
though O3 has high reactivity to many chemical compounds, the reactivity to some
compounds, such as alcohols and carboxylic acids, is quite small [85–87]. Hydroxyl
radical (OH), which is a transient species from O3 decomposition, possesses high
reactivity to any target compounds [85–87]. The experimental conditions in the AOP
processes were studied to efficiently generate OH at the target sites. However, the
real-time monitoring of OH generation by the O3 photolytic reaction in aqueous
solution is not straightforward, because many transient species are short-lived
(ns�ms), and their concentrations are relatively low.

FUV absorption spectroscopy is practical to analyze aqueous solutions quantita-
tively and qualitatively, because liquid water is optically transparent above 200 nm,
and the most of organic and inorganic molecules have relatively strong optical
absorptions corresponding to various types of electronic transition. The chemical
species involved in the O3 photolytic reaction also have characteristic FUV bands
[88–92]. In order to analyze the chemical dynamics of the O3 pulse-photolytic
reaction in aqueous solution, we have developed a pump-probe nanosecond time-
resolved FUV spectrophotometer using a nanosecond pulse laser (wavelength,
266 nm; duration, 10 ns) [93, 94]. From the measured spectra, the molar absorptivi-
ties (") and the concentration-time profiles of the constituted chemical species in the
O3 photolytic reaction can be estimated with a multivariate curve resolution (MCR)
method [93]. The real-time monitoring of the constituted chemical concentrations
is a basis for controlling the AOP quality in washing processes.

The transient absorption spectra of the O3 aqueous solutions show the distinct
changes upon the nanosecond pulse light irradiance. Figure 4.15 shows the time
profiles of the transient absorbances of O3 (78–480 �M) in 10 mM phosphoric
buffer solutions ((a) pH 2.5, (b) 7.3, (c) 9.0, and (d) 11.3) from 190 to 225 nm.
The transient absorbance is defined as Transient Abs.t/ D � log .I.t/=I0/ where
I(t) is the signal of the probe light intensity and I0 is the time-averaged signal
before the pump light irradiation. Because the transient absorbance of O3 in pure
water (pH 4.7) is similar with that in the pH 5.2 buffer solutions, the effects of
the phosphate anions on the O3 pulse-photolytic reaction are negligible. The time
at 0 s corresponds to the nanosecond pulse laser irradiation timing. For all the pH
conditions, the transient absorbances decrease just after the pulse laser irradiation
till 20 �s and become mostly stable between 20 and 50 �s. The decreases in
the absorbances become larger and the time decay shorter, as the wavelength is
longer. For pH 2.5, the absorbances at 20 �s are 0.014 and 0.095 for 190 and
225 nm, respectively. The time decay constants with single exponential (�1) are
3.8 and 1.0 �s for 190 and 225 nm, respectively. As pH increases, the decreases
of the absorbances become small especially in the short wavelength region. For
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pH 11.3, the signal-to-noise ratio (SNR) of the transient absorbance is much lower
than the other pH conditions, and the signals around 0 s highly fluctuate. This SNR
degradation in the basic solutions indicates that the decomposition reaction of O3

with OH� lowers the O3 concentration at the measurement position and increases
the scattered light of the pump laser due to the formed O2 bubbles. From the studies
of stationary O3 photolysis [95–99], the decreases of the transient absorbances in
the longer wavelength region are mainly ascribed to the photodecomposition of O3

and the increases in the shorter wavelength region to the formation of H2O2.
The measured transient spectrum matrix (A, time�wavelength channels) can be

decomposed into the molar absorption coefficient matrix (S, wavelength� number
of chemical species (n)) and the concentration-time profile matrix (C, time� n
channels) based on Beer’s law, as shown in the following equation [100]:

A D CST C R (4.1)

The " value of each chemical component involved in the O3 photolytic reaction in
aqueous solution (O3, H2O2, OH, O�3 , HO2, O�2 , and HO�2 ) was employed from the
references [89–103] as the initial S matrices for alternating least-square fitting. The
number of the constituted chemical components was determined as three, because
the elements of the residual absorbance matrix (R) are completely random patterns
along the time and the wavelength directions by applying three components: O3,
H2O2, and one of the transient chemical components. This analysis result indicates
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that the contribution from other than the O3 decomposition and the H2O2 formation
can be described as the concentration change of one chemical component from the
linear decomposition of the measured transient spectra. In order to distinguish which
of the transient species (OH, O�3 , HO2, O�2 , and HO�2 ) is the most probable as the
third component, the MCR analyses were carried out in a way O3 and H2O2 were
always selected as the first and second components, and one of the transient species
was selected as the third component. Then, the S and C matrices were calculated
using each third component. To determine the most probable chemical species as the
third component, the following conditions were applied to the calculated C matrices:
(1) The concentration changes of H2O2 and the third component are not negative
along the time, and (2) the concentration changes of H2O2 and the third component
increase as the initial concentration of O3 is higher. From the calculated C matrices,
the probable third species that satisfy the above conditions are OH and HO2.

The " spectra (S3) of OH and HO2 including wavelength region not reported in
the references (190–225 nm) were determined from the following Eqs. (4.2) and
(4.3) in order to evaluate which OH or HO2 is more suitable as the third component
contributing the changes in the transient absorbance.

A3 D Aexp : � S1C1 � S2C2 (4.2)

S3 D
�
CT

3 C3

��1
CT

3 A3 (4.3)

Aexp. is the measured transient absorbance matrix, Cn is nth row of the calculated
C matrix, and the columns of S1 and S2 are extended to 190 nm with the "

values of O3 and H2O2 from the references. As the transient absorbance matrix
A (time�wavelength channels) is not a square matrix, the calculated " matrix S3

is a compromise solution. Figure 4.16 shows the calculated " spectrum of each OH
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and HO2 in the region from 190 to 225 nm (OH cal., HO2 cal.) with the reference
spectra (OH ref., HO2 ref.) [89, 103]. In the case of HO2, the " value below 205 nm
increases as the initial concentration of O3 is higher, while that of OH is mostly
identical for all the initial concentrations of O3. Thus, it can be said that OH is more
suitable than HO2 as the third component.

The decomposed C and S matrices reveal the chemical dynamics of the O3 pulse-
photolytic reaction in aqueous solution. Figure 4.17 shows the C (Fig. 4.17a) and S
(Fig. 4.17b) matrices calculated from the time profiles of the transient absorbances at
the condition ([O3]iniD 449 �M, pH 5.2) in the cases of OH as the third component.
The vertical axis of Fig. 4.17a shows the concentration differences of O3, H2O2, and
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OH between before and after the pulse irradiation. The concentration change of OH
(�[OH]) is magnified by 3 times for clarity. Upon the pulse laser irradiation, the O3

concentration instantaneously decreases by 73 % from 449 to 120 �M for the first
0.3 �s, and then it becomes almost stable. The H2O2 concentration instantaneously
increases to 550 �M for the first 0.3 �s and slightly increases further to 610 �M
around 2 �s, and then it decreases to 460 �M around 20 �s. The OH concentration
increases to 120 �M till 1 �s and gradually decreases to 20 �M till 20 �s, and then
it remains stable after 20 �s. The examination of the chemical dynamics around 0 s
is difficult, because the signal fluctuations due to the scattered light of the pump
pulse laser cannot be completely removed. Figure 4.17b also shows the reference
spectra of O3, H2O2, and OH [89, 92, 103]. The calculated " spectra of O3, H2O2,
and OH from S3 match closely the reference spectra.

The present MCR analysis of the O3 pulse-photolytic reaction becomes an
important basis for real-time monitoring of chemical dynamics of AOP in washing
processes with compact FUV spectrophotometers using optical filters.
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