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Preface

The presence of water on the Earth is discussed on the basis
of various theories about its origin, such as a massive
degassing of the primitive parent bodies that built our
planet as well as a late addition from comets that collided
with its surface. The extraordinary physico-chemical
properties of the water molecule combined with its
abundance and repartition at the Earth’s surface have
contributed to regulate the global climate and favor the
evolution of species for more than 4 billion years. The early
emergence of life in the deep ocean and its further
diversification were closely linked to the global water cycle
whose dynamics resulted from the energy balance between
the solar radiation and the internal heat flux of the Earth.
Christophe LECUYER
October 2013
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Chapter 1l

Water: A Molecule Endowed
with Extraordinary
Physicochemical Properties

1.1. Molecular geometry
and electrical properties

A water molecule consists of an oxygen atom bonded to two
hydrogen atoms. In water, each hydrogen atom is bound to
the oxygen by a pair of electrons. However, only two of the
six outer-shell electrons of oxygen are used to form covalent
bonds, the remaining four being organized into two non-
bonding pairs (Figure 1.1). The four electron pairs
surrounding the oxygen tend to arrange themselves as far
from each other as possible in order to minimize repulsions
between these clouds of negative charge. However, the two
non-bonding pairs exert a strong repulsion against the two
covalent bonding pairs, which results in a deformed
tetrahedral geometry with a o angle of 105° instead of
the theoretical angle of 109°. As a result, the H>O molecule

is electrically neutral even though the electrical charges are
not distributed uniformly. Indeed, a negative charge is
associated with the oxygen atom while the hydrogen atom
carries a positive charge (Figure 1.2). This electronic
configuration defines the polar structure of water molecules,
which consequently have a mutual attraction and tend to
stick together.



This process is called “hydrogen bonding” and explains
why water is a liquid instead of a gas under standard
conditions (close to the Earth's surface pressure and
temperature conditions). In comparison to a covalent bond,
the hydrogen bond is so weak that the timescale of its life

expectancy is in the order of the picosecond (10_12 S),
therefore explaining the low molecular viscosity of water (
107 N-sm™ at 20°C) compared to many other liquids at a given
temperature. This low molecular viscosity plays a key role in
the regulation of osmotic pressure in body fluids.

Figure 1.1. Bonding and non-bonding electronic pairs of
the outer shell in the water molecule

Figure 1.2. The dipolar water molecules forming hydrogen
bonding
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In ordinary ice, each water molecule forms four hydrogen
bonds to the nearest oxygen neighbors with 0-0 distances of
2.76 A (Figure 1.3). The triple O angles are 109° according
to a lattice structure with a tetrahedral coordination. This
basic unit is repeated in three dimensions to build the
ordinary ice crystals with hexagonal symmetry that can be
observed in snowflakes.

1/26®



Figure 1.3. A tetrahedral coordination and hexagonal
symmetry of the crystal lattice of water ice

When ice starts melting and forms a thin layer of liquid
water (Figure 1.4), the crystal lattice breaks down as
thermal motions distort and finally break hydrogen bonds.

Figure 1.4. The “disordered” structure of the water
molecule

1.2. Phase diagram

Phase diagrams define fields in temperature and pressure
where a substance is characterized by the same chemical



composition and physical state. The most popular equation
of state was defined for an ideal gas during the second part
of the 17th Century and is known as Boyle’s law or the
Boyle-Mariotte law:

PV =nRT
where P is the pressure, Vis the volume, n is the number of
moles, T is the absolute temperature and R is the universal
gas constant.

In 1873, van der Waals determined the first equation of
state able to predict the conditions of coexistence between
vapor and liquid phases, which was further refined to give
the Redlich-Kwong equation in 1949. More recently, the
Helmholtz free energy function (F), applied to a pure
substance such as water, was used to determine its
thermodynamic properties, such as caloric properties,
isochoric and isobaric heat capacity, speed of sound, and
differences in enthalpy and internal energy. This work led to
the definition of a fundamental equation of state that was
proposed by the International Association for the Properties
of Water and Steam in 1995 (IAPWS-95) (Figure 1.5).

The Helmholtz free energy function is defined as follows:

F=U-T§

where U is the internal energy of the system, T is the
absolute temperature and S is the entropy. It is noteworthy
that Fis related to the Gibbs free energy function as follows:

G=F+PV

In phase diagrams, the physical states of a given
substance are defined by fields limited by coexistence
curves also called “binodal curves”. In pressure-
temperature diagrams, the slopes of these curves can be
calculated by wusing the Clausius-Clapeyron equation
according to:

dP  AH

dT ~ TAV



where AH and A¥ are, respectively, the enthalpy and specific
volume changes that take place during the phase transition.

Figure 1.5. The phase-boundary curves of pure water
computed after the equation of state developed according
to IAPWS-95 [WAG 02]

10* F Vil

C ﬁlica]
point

3
10" B

~Triple point
4
10° = [
Psubl
i il i i | {1 i i il i

200 300 400 500 600 700
Temperature (K)

Pressure p (MPa)

On the Earth, life emerged under P-T conditions close to
the triple point of water (Figure 1.6), which means that the
three phases (gas, liquid and solid) coexist, having identical
Gibbs free energies. A “critical point” occurs at the end of a
phase line where the properties of the two phases become
indistinguishable from each other. Boundary crossings
between the solid-liquid-gaseous fields of the phase water
diagram correspond to specific processes in the physical
state of the H>O molecule. For example, crossing the

boundary from the solid to the gaseous state is called
“sublimation”, while the reverse pathway is called
“deposition”, the term “condensation” being reserved for
the changing state from vapor to liquid water (Figure 1.6).



The known ices, 16 types so far defined, are distinguished
on the basis of their structure (Eigure 1.7). The low-pressure
phases (hexagonal ice (lh), cubic ice (Ic) and ice (XI)) are
characterized by quite a perfect tetrahedral geometry built
with the oxygen atoms, while some distortion of the crystal
lattice affects the high-pressure polymorphs (ices IlI-IX and
ices XII-XV).

Figure 1.6. Terms corresponding to phase changes around
the triple point of water
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Figure 1.7. Phase diagram of water with the stability
regions for the 16 known polymorphs of ice [COG 11]
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Hexagonal (d = 926 kg-m‘3), cubic (d = 933 kg-m‘3) ices

and ice Xl (d = 930 kg-m‘3) are less dense than liquid
water, whereas the other ices are all denser than liquid

water with densities reaching up to 2,785 kg-m‘3) for ice X
(Table 1.1).

Table 1.1. Densities of the 16 known ice polymorphs [COG

11]

Ice structure |d (kg-m‘3)
Ic 933
Ih 926
Il 1,195
" 1,160
v 1,275
\Y 1,233
VI 1,314
VI 1,591
VIII 1,885
IX 1,160
X 2,785
Xl 930




Xl 1,301
X1l 1,247
XV 1,294
XV 1,328

As pressure increases, the ice phases become denser by
bending their atomic bonds and interpenetrating their
lattices more and more. The existence of ice at high
pressure has important implications for the chemical
composition, density and rheology of planetary interiors,
especially those of large satellites of the giant planets. At
pressures and temperatures higher than those defining the
critical point in the liquid-vapor space, water is in a
supercritical state, which means that it exists as liquid-like
hydrogen-bonded clusters dispersed within a gas-like phase
where alternating physical properties between gas-like and
liquid-like behaviors vary in response to small variations in
density. The supercritical water is a strong oxidizer, has low
viscosity, dielectric constant and hydrogen bonding; it is
also a poor solvent for electrolytes but a powerful solvent
for non-polar molecules.

From the phase diagram of water, two intriguing issues
can be highlighted. The first issue concerns the boiling
temperature of water, which is very high compared to other
molecules of similar molar masses (Figure 1.8). Indeed,
water with its molar mass of 18.02 g is expected to boil at
temperatures far below zero instead of the observed boiling
point of 100°C at 1 bar.

Figure 1.8. Boiling points of several “light” molecules as a
function of their molar mass
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Without H-bonding, water would exist in the world only as
a gas, precluding the existence of life on the Earth. An
anomalous boiling temperature due to H-bonding is also
known for other molecules such as fluorhydric acid (HF) and
ammonia (NH3) (Eigure 1.8). As for any other substance, the

boiling point of water decreases with decreasing pressure.
At high altitudes, the atmospheric pressure is lower than at
sea level. For example, water boils at 72°C at the top of the
Everest and the cooking of a hard-boiled egg would take
twice the time (Figure 1.9).

Figure 1.9. Effect of altitude-dependent atmospheric
pressure on the boiling point of water
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The second issue deals with the melting temperature of
ice that decreases as pressure increases; in other words, it
means that ice melts when pressure increases, which is the
consequence of the negative slope of the curve delimiting
the fields of ice and water stability (Figure 1.5). The classical
point of view is that skaters slide more easily on ice than on
any other solids because ice melts under their skate
pressure to produce a thin film of water. This is, however,
not true because the pressure induced by the blade is not
large enough to melt ice at temperatures between —30°C
and —3°C, a temperature range compatible with ice skating.
Indeed, the optimum temperature for ice skating is —5.5°C,
while it is —9°C for playing hockey. The demonstration can
be easily made after integration of the Clausius- Clapeyron
equation, assuming that both enthalpy and volume changes
are constant, i.e. they are independent of temperature and
pressure:

AH
P,=P,=-—(InT, ~InT,)

The volume change during ice-melting AVmaie) can be
calculated once the molar mass (M) of water (18.02 g) and
densities (p) of water and ice are known, which are,

respectively, 1,000 kg-m‘3 and 917 kg-m_3. According to
the relationship:

P=?

where AVmaie=-1.63%10°m™ and the enthalpy change during

ice-melting (AH) equals 6.01 kJ-moI_l. The triple point tells
us that icemelts at a temperature T35 of 273.15 K and at a

pressure P; = 1 atm or 101,325 Pa. Temperature Tp

corresponds to the temperature at which ice melts when
submitted to a pressure Pp resulting from the weight of an

ice skater spread over the blade surface of one skate.



Considering a weight of 70 kg and a blade with a typical

surface of 6 X 10‘4 m2:
Mxg 70%9.806
S 6x10™

where g is the gravitational acceleration constant that

equals 9.806 m-s‘2)

The decrease of the melting point of ice is only of =
—0.1°C at a pressure Pp of 11.4 bars. To decrease the

melting point of ice by 5.5°C, which corresponds to the
optimum temperature (= —5°C) to skate on ice (Figure
1.10), the pressure should correspond to a skater weighing
approximately 4,800 kg, close to the average weight of an
African elephant.

P, = =1.14x10° Nm? or P,

Figure 1.10. /ce skaters or how to slide surprisingly on a
solid surface

British scientist Michael Faraday was the first to suspect
the phenomenon of “premelting” in the mid-19th Century,
or, more precisely, the development of a liquid layer that
forms on solids at temperatures below the bulk melting
point. X-ray diffraction provides evidence for the existence
of a liquid-like layer on the surface of ice whose thickness is



of a few dozen nanometers between —25°C and —-1°C.
Current observations and theoretical modeling suggest that
surface-melting is attributable to the interaction of the
vibrational motion of the surface molecules with the interior
bulk molecules of ice.

1.3. Stable isotopes of
hydrogen and oxygen

Hydrogen, the first element in the periodic table, has an
atomic mass of 1.007825 with two stable isotopes: IH or H
(protium) and 2H or D (deuterium). Deuterium nucleus

contains one proton and one neutron. 1H is the most
common hydrogen isotope found in abundance on the Earth,
exceeding 99.98%. Protium is a primary product while
deuterium was generated by proton-neutron reactions
during the Big Bang.

Oxygen has three stable isotopes: 160 (99.76%), 170

(0.04%) and 180 (0.02%). The lighter isotope is the most
abundant because it is the most stable nucleus formed in
massive stars (mass exceeds that of the Sun eight times),

whose core temperatures are higher than 1092 K. In these
conditions, the light isotope of carbon, 12¢, itself issued

from a triple-alpha reaction (three 4He nuclei or alpha
particles are transformed into one carbon) is able to fuse

with 4He to yield 160. Both 170 and 180 are secondary
isotopes produced in subsequent generations of stars. So,

170 results from the burning of hydrogen into helium during
the CNO cycle, while most 180 s produced in the helium-
rich zones of stars when 14N fuses with a 4He nucleus.



Stable isotope geochemists normalize isotopic ratios to an
international reference material, thus allowing inter-
laboratory comparisons of isotopic measurements. These
normalized isotopic ratios are, therefore, expressed using
the so-called 6 notation. In the case of oxygen isotopes, two
O notations are used as follows:

137
IEO
S0 =| L) g [%10?

_”y
) 50
50 =| L—t=m) _q [x10°

with SMOW (Standard Mean Ocean Water), the international
reference or standard; its absolute 180/160 and 170/160
ratios are 2.0052 x 10~ 3 and 3.76 x 104, respectively. By

definition, the 6180 and 6170 of SMOW equal 0. This
international reference, which was defined by H. Craig in
1961, results from the mixing of several waters sampled in
the Atlantic, Pacific and Indian oceans at depths between
500 m and 2,000 m.

In the case of deuterium and hydrogen isotopes, the
following 6 notation is used:

D
§D= %-1 Xlﬂa
H uow)

where the D/H ratio of SMOW = 1.557 x 10~4. Any natural
or artificial sample enriched in the heavy isotope relative to
the SMOW reference has a positive 6 value, while any
sample with a depletion in the heavy isotope relative to
SMOW has a negative 6 value. In other words, 6 values



represent the isotopic ratio of a sample reported in per mil
deviations from SMOW.

1.4. Thermodynamic
properties

Most specific thermodynamic properties of water are related
to its structure and, more specifically, to the existence of
hydrogen bonding resulting in an electrical polarization.
Water is the only natural molecule that can be observed on
Earth in its three states, which are vapor water, liquid water
and ice (Figure 1.11). Pressure and temperature conditions
at the Earth’s surface are such that they are close to the
triple point of water. This unique situation for a planetary
body in the solar system is largely responsible for the
presence of life on Earth.

Figure 1.11. Earth: the only known planet that has P-T
conditions close to the triple point of water
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Latent heat is the quantity of heat absorbed or released by
a substance undergoing a change of state, such as ice
changing to liquid water or liquid water changing to vapor
water, at constant temperature and pressure. Water has the

highest latent heat of fusion or melting (3.34 X 10° J-kg_l)



except NH3, and one of the highest latent heats of

evaporation (2.26 X 10° J-kg_l). The latent heat of water
evaporation is the power engine of the water cycle, playing
an important role in the transportation of heat toward the
poles, thus preventing an accumulation of excess heat in
the tropics. As water vapor moves from warm areas to
cooler regions, it condenses to form rain, thus releasing
heat, which warms the ambient air. The huge amount of
energy involved in this cycle generates the winds on the
Earth, which, combined with the Coriolis force, ultimately
control the global shape of the surface ocean circulation.
Specific heat or heat capacity is the amount of heat
necessary to change the unit mass (e.g. a mole) of a
substance by one degree in temperature. Water has a very

high specific heat of 4.186 X 103 J-kg_l-K_l, which is one
of the highest of all solids and liquids after NH3. This means

that a lot of energy is needed to increase the temperature of
water, another consequence of the energy required to break
the hydrogen bonds. As the Earth is covered by 71% of
liguid water, solar radiation causes only small changes in
the Earth’s surface temperature. Heat is stored by the
ocean in summer and released back into the atmosphere in
winter, reducing the seasonal temperature differences, a
remarkable property of the coastal regions located under
mid-latitudes.

For most substances, density increases as temperature
decreases. However, the density of pure water decreases at
temperatures above and below the maximal value of 4°C.
This irregular expansion of water is called “anomalous
expansion”. Ice has a different structure to liquid waters
with molecules that self-organize in a regular well-ordered
lattice rather than quite randomly as in the liquid phase.
From 0°C to 4°C, the vibrational energy of water molecules
increases counterbalancing their tendency to form a well-



organized 3D structure. Hydrogen bonds become weak or
break causing some isolated molecules to fit together more
closely, occupying less space, thus resulting in increasing
density. Above the threshold value of 4°C, thermal
expansion becomes the dominating effect and results in a
decreasing density with increasing temperature (Figure
1.12).

Figure 1.12. Variations in pure water density as a function
of temperature
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An exception is made for “heavy water”, or more precisely
deuterium oxide (D20), which is water inside which both

hydrogen atoms have been replaced by deuterium, the
isotope of hydrogen containing one proton and one neutron.

Deuterium oxide is indeed denser (1,077 kg-m_3 in the
standard temperature and pressure conditions) than pure
water and its solid phase sinks while it floats in seawater

(1,020-1,029 kg-m_3). Heavy water is used as a neutron
moderator and coolant in nuclear reactors.

The anomalous expansion of water has numerous effects
at various spatial and temporal scales on the sea level, deep
oceanic circulation and aquatic life. The equation of state of
seawater leads to the calculation that an increase in the
average ocean temperature by 10°C would raise the sea
level by approximately 6 m (Figure 1.13), a scenario that



could have taken place during the warmest periods of the
Earth’s history, for example, around 90 million years ago
during the Cenomanian and Turonian geological periods of
the Cretaceous.

Figure 1.13. Rising of the seawater level (AZ) resulting
from the thermal expansion of seawater linked to an
increase in the average oceanic temperature
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The knowledge of the equation of state of seawater is
fundamental to accurately determine the properties of a
seawater mass (see section 3.1). The most common
analytical solution for the equation of state of seawater is of
polynomial form and is given in [GIL 82]. The solution is
presented as a set of equations leading to the calculation of
seawater density p as a function of temperature T{°C),
pressure P (bars) and practical salinity S (see section 3.1).
The first step defines the equation for the density py, of

pure water (S =0):
p, =999.8425%4 + 6.793952 x 1072 T - 9.09529 x 10~ T*
+1.001685 x 107 T* — 1.120083 x 10°T* + 6.536332 x 10°T5

The second step provides the density of seawater at the
atmospheric pressure:



p(S,T,0)=p, + S(0.824493 - 4.0899 x 10T + 7.6438 x 107 T* —8.2467 x 107 T*
+5.3875 1077 T*) + 8¥3(-5.72466 x 107 +1.0227 x107'T
-1.6546 x107°T*) + 4.8314 x 107'S?

The density at pressure Pis obtained from the relationship:
p(S,T.P) =p(5.T,0)/(1-P/K(S,T,P)

where Kis the secant bulk modulus. For pure water, the bulk
modulus is defined as:

K, =19652.21 + 148.4206T —2.327105T* + 1.360477 x 10°T°
—-5.155288 % 10°T*

As a function of salinity, the relationship becomes:

K(S,T.0) =K, + $(54.6746 — 0.603459T +1.09987 x 10°T2 - 6.167 x 10°T?)
+5"2(7.944 X 1072 +1.6483 X 10T — 53009 X 10~ T%)

and, finally, as a function of pressure, the solution is:

K(S,T,Py=K(S,T,0) + P(3.239908 + 1.43713 x 10T +1.16092 x 107" T?
—5.77905 x 107 T*)+ PS(2.2838 x 107 —1.0981 x 107°T
-1.6078 x 10°T*)+1.91075 x 107*P§** + P*(8.50935 % 10°°
—6.12293 % 107°T +5.2787 % 107°T?*) + P38(—9.9348 x 107’
+2.0816 x 107°T +9.1697 x 107°T%)

When seawater freezes, ice forms as a solid composed

mostly of pure water because salt (Nat, CI-, Mg2™, etc.)
incorporation is incompatible with the crystal lattice of ice.

At 0°C, the density of water ice is 917 kg-m_3. It means
that less than 9% of an iceberg is on the horizon (Figure
1.14).

Figure 1.14. a) /ceberg (photo: J.-L. Simeon): more than
91% is under the water line; b) density break at the solid-
liquid phase boundary of pure water and maximum density
value at a temperature of 4°C
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The anomalous thermal expansion of water also plays an
important role in aquatic life by only freezing the upper
layer of lakes. When the temperature of the surface layer
decreases to 4°C, the water body reaches its maximum
density and sinks, moving the lower layers of water up,
which in turn cools to 4°C and sinks again. When the
temperature of the water finally goes below 4°C, the density
of water decreases and water no longer sinks. At the end of
this convective cycle, surface waters freeze at 0°C whereas
bottom waters remain close to 4°C. Only shallow lakes
exposed to extremely cold climatic conditions freeze
completely. In most cases, the bottom temperature of lakes
remains liquid at temperatures close to 4°C. The ice layer
floating above forms an insulating barrier to the heat flux
flowing into and out from lakes. Dissolved oxygen is trapped
beneath the layer of ice and fish and other aquatic animals
may continue living in the frozen lakes and ponds (Figure
1.15).

Figure 1.15. Frozen lakes and underwater life




The solvent properties of water result from its electrical
polarization, which can be measured by the dielectric
constant, which represents the ability of a substance to
attenuate the transmission of an electrostatic force from
one charged body to another. In other words, it also enables
a dielectric material to achieve energy storage in a
capacitor. The relative dielectric constant is commonly used
and is expressed as a value normalized to that of vacuum,
considered, by definition, equal to 1. Water has one of the
highest relative dielectric constants (80.1 at 20°C) just
behind H>O0> and HCN. Thus, water is an excellent solvent

for charged ions or molecules that are poorly soluble in non-
polar organic liquids. As any other substance, increasing the
amount of dissolved salt increases the density of the
aqueous solution; this explains why the density of seawater

is about 1,025 kg-m_3 on average for an average salinity of
34.5 g-L™. Addition of salt also inhibits the formation of



hydrogen bonds, which results in the lowering of the
freezing point of the aqueous solution (Figure 1.16). The
density of seawater increases with decreasing temperature
down to its freezing point that equals —1.9°C for its average

salinity of 34.5 g-L_l.
Figure 1.16. Solvation of a NaCl crystal by H>0 molecules

’.—-‘r }"
P 4

The extensive hydrogen bonding in water is responsible for
its large cohesion property, which is the mutual attraction
between molecules, as well as for its strong adhesion to a

solid phase. One consequence of cohesion is that water has
one of the highest surface tensions among known liquids

with a value of 72.74 = 0.36 x 1072 mN-m~—1 at 20°C,
which represents the energy required to increase the
surface area of a gas-liquid interface. The strong hydrogen
bonding forces operating among water molecules enables
us to distinguish between those located at the air-water
interface and those deep inside the bulk liquid. The
difference between the forces experienced by these two
kinds of water molecules is expressed as the “liquid surface
tension”. For example, surface tension and adhesion at the
evaporative surfaces of leaves induce the forces that trigger
water through the vascular system of a plant. Similarly, in
animal bodies, water moves through the blood vessels
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