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Water occurs in three phases: solid, liquid, and gas. The water molecules in ice are locked into a repeating crystalline lattice and do not move freely. Liquid water molecules are moving fast enough to break free from the crystal structure, but they are still attached to each other. This allows liquid water to assume the shape of its container. The liquid phase is sometimes called water for short, which is a confusing use of the term ‘water’, since water can exist in any of three phases on and near the surface of the earth. In this book we’ll try and be consistent and use the term ‘water’ to mean the water molecule in general and be specific about what phase of water we are talking about. The water molecules in the gas phase are moving fast enough that the speed of the molecules overwhelms the attractive electrical force between water molecules. The gas phase of water is also called water vapor or simply vapor if we know by context that we are discussing the water molecule. Thus, the speed of the individual water molecules determines the phase of water. The phase transitions for water are melting/solidification (liquid/solid), evaporation/condensation (liquid/gas) and sublimation/deposition (solid/gas).

Condensation is the process by which water vapor in the air is transformed into liquid water (Table phases). Condensation is the key to the formation of clouds and the genesis of precipitation. You don't have to look at something as far away as a cloud to notice condensation, though. Condensation is responsible for ground-level fog, for your glasses fogging up when you go from a cold room to the outdoors on a hot, humid day, for the water that drips off the outside of your glass of iced tea, and for the water on the inside of the windows in your home on a cold day. Condensation releases energy, since water is going from a more energetic state (vapor) to a less energetic state (liquid).

Evaporation is the process by which water changes from a liquid to water vapor and is the opposite of condensation (Table phases). Evaporation is the primary pathway that water moves from the liquid state back into the water cycle as atmospheric water vapor. Studies have shown that the oceans, seas, lakes, and rivers provide nearly 90 percent of the moisture in the atmosphere via evaporation, with the remaining 10 percent being contributed by plant transpiration. Evaporation necessitates an input of energy, since water is going from a less energetic state (liquid) to a more energetic state (vapor).

	Table phases. Phase changes, description, symbols, and energy values.

	Phase change
	Description
	Energy change
	Symbol
	Value

	Evaporation
	From liquid to gas (water vapor).
	Latent heat of vaporiation
	LV
	

	Condensation
	From gas (water vapor) to liquid
	Latent heat of vaporiation
	LV
	

	Freezing
	From liquid to solid (ice)
	Latent heat of fusion
	LF
	

	Melting
	From solid to liquid
	Latent heat of fusion
	LF
	

	Sublimation
	From solid directly to gas without becoming liquid.
	Latent heat of vaporization and fusion
	LV + LF
	

	Deposition
	From gas directly to solid without becoming liquid
	Latent heat of vaporization and fusion
	LV + LF
	


Melting/solidification

People sometimes say water freezes at 32 degrees F, or even that water doesn't evaporate until it reaches the boiling point of 212 F. Water can remain liquid when it's as cold as minus 40 degrees. And water evaporates at temperatures much cooler than boiling - anyone who's seen puddles evaporate should realize this.

Sublimation is the conversion between the solid and the gaseous phases of matter, with no intermediate liquid stage (Table phases). For those of us interested in snow and ice, sublimation is most often used to describe the process of snow and ice changing into water vapor in the air without first melting into water. The opposite of sublimation is ‘deposition’, where water vapor changes directly into ice—such a snowflakes and frost. Note, however, that in the past the term ‘sublimation’ has been used both to describe the solid—vapor transition and also the vapor—solid transition.

Sublimation is difficult to visualize and to understand. Intuitively, it makes sense that to convert ice to steam you need the intermediate step of melting the ice into a liquid. That nature can bypass this step is confuing. One way to see the results of sublimation is to hang a wet shirt outside on a below-freezing day. Eventually the ice in the shirt will disappear. Actually, the best way to visualize sublimation is to not use water at all, but to use carbon dioxide instead. "Dry ice" is actually solid, frozen carbon dioxide, which happens to sublimate, or turn to gas, at a chilly -78.5 °C. When dry ice stored at temperatures less than -80°C is exposed to warm air, it immediately sublimates. The fog you see is actually a mixture of cold carbon dioxide gas and cold, humid air, created as the dry ice "melts" ... oops, I mean sublimates.

Sublimation occurs more readily when certain weather conditions are present, such as low relative humidity and dry winds. Sublimation also occurs more at higher altitudes, where the air pressure is less than at lower altitudes. Energy, such as strong sunlight, is also needed. Sublimation is important in the Andes and Himalays, because the combination of low temperatures, strong winds, intense sunlight, very low air pressure—is just the recipe for sublimation to occur.  Sublimation in the Andes leads to the formation of penitentes: Pinnacles of snow that can be taller and thinner than an adult human (more on penitentes in the chapter ‘snow on the ground’).

Sublimation is another way for Mother Nature to get rid of a fresh blanket of snow. The most common way, of course, is by melting-which gives everyone the pleasure of trudging through slush, mud, and water. But in the western U.S., there's a wind called the Chinook, or "snow eater," that vaporizes snow before it even has a chance to melt. Chinook winds are westerlies from the Pacific whose moisture gets wrung out as it passes over the Rocky Mountains. Once these low-humidity winds come down from the mountains onto the high plains, they can be quite mild and extremely dry-as warm as 60 or 70 degrees Fahrenheit -- over 15 Celsius -- with a relative humidity of 10% or less. The air is so dry that when it hits a snowpack, the frozen water sublimates, going directly from the ice to vapor and bypassing the liquid phase entirely. 

Freeze drying is a relatively recent method of preserving food that involves sublimation. It involves freezing the food, then removing almost all the moisture in a vacuum chamber, and finally sealing the food in an airtight container. Freeze--dried foods can be easily transported at normal temperatures, stored for a long period of time, and consumed with a minimum of preparation. Once prepared, freeze-dried foods have much the same look and taste as the original, natural products.

Phase Diagrams

We know that water can exist in three states, solid, liquid and vapor. The state in which it is in at any time depends on the temperature and pressure conditions. The dynamic equilibrium phase plotted on a pressure-temperature graph is called a phase diagram, as shown in Figure phase_diagram. Each substance has its own characteristic phase diagram. The lines separating phases on a phase diagram are known as phase boundaries. If we choose any condition of temperature and pressure and find the corresponding point on the diagram, this point will lie, in general, in one of the three labelled regions, solid, liquid, or gas. This will give the state of the water under the chosen conditions. Under certain conditions, two states may exist side by side, and such conditions are found only along the lines of the diagram. Under one condition, all three states may exist together; this condition arises at what is called the triple point, indicated by point O on the diagram. For water it occurs at 0.0098°C and 0.64 kPa (4.8 mm of mercury) pressure.

Figure phase_diagram

If heat is applied to water in any state at constant pressure, the temperature rises and the condition moves horizontally across the diagram, and as it crosses the boundaries a change of state will occur. For example, starting from condition A on the diagram adding heat warms the ice, then melts it, then warms the liquid and finally evaporates the lkiquid to condition A'. Starting from condition B, situated below the triple point, when heat is added, the ice warms and then sublimes without passing through any liquid state.

Liquid-gas. Liquid and vapour coexist in equilibrium only under the conditions along the line OP. This line, the liquid-gas phase boundary, is known as the vaporization curve or vapor pressure curve. The value of the liquid-gas phase boundary at a given pressure is a boiling point. The value of the liquid-gas phase boundary at atmospheric pressure is the normal boiling point. The liquid-gas phase boundary terminates at a critical point with a critical pressure and critical temperature. A gas cannot be liquefied by compression if it is hotter than its critical temperature. It will remain a gas. 

Solid-liquid.  The solid-liquid phase boundary is known as the fusion curve or melting curve. The value of the solid-liquid phase boundary at a given pressure is a melting point (or freezing point). The value of the solid-liquid phase boundary at atmospheric pressure is the normal melting point (or normal freezing point). 

Solid-gas. The solid-gas phase boundary is known as the sublimation curve. The value of the solid-gas phase boundary at a given pressure is a sublimation point. The value of the solid-gas phase boundary at atmospheric pressure is the normal sublimation point. 

Energy, State Variables, and Units

Energy is one of those words which everybody knows, but is hard to define well. Energy is the ability (or capacity) of a system to do work or supply (or produce) heat. Energy takes two forms: (1) Kinetic energy and (2) potential energy.

Kinetic energy is the energy associated with motion; the faster an object moves, the more kinetic energy it has. We can quantify the kinetic energy of a system as
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where m is mass and v is velocity. This equation means that the general units for kinetic energy are mass ( distance2 ( time2.

Since any mass, time or distance unit could be used, it has been agreed to standardize on specific units for these three quantities and they are the kilogram, second and meter. Inserting them in the above equation gives kg m2 s2. This unit has been named the Joule (J) in honor of James Prescott Joule, who in the mid-1800s did pioneering work on energy. The Joule is the standard metric (or SI) unit for energy and will used extensively in this class. An older energy unit is the "calorie"; one calorie equals xxx J. 

Potential energy is energy that is stored by virtue of position. There are several different types of storage, including gravitational, chemical, electrical, and nuclear.

Heat. There is a lot of misunderstanding about what heat is, so let's try and make it real clear: heat is not a thing, heat is a process. Here's the definition: heat is the transfer of energy between two objects due to temperature differences. Notice that the name of the transfer process is heat. What gets transfered is energy. Heat is NOT a substance although it is very convenient to think of it that way. In fact, it used to be thought that heat was a substance. 

A state variable is a precisely measurable physical property which characterizes the state of a system, independently of how the system was brought to that state. It must be inherently single-valued to characterize a state. Common examples of state variables are the pressure (P), volume (V), and temperature (T). If a property, e.g., enthalpy H, is defined as a combination of other state variables, then it too is a state variable. Enthalpy is one of the four "thermodynamic potentials", and the other three, internal energy (U), Helmholtz free energy (F) and Gibbs free energy (G) are also state variables. The entropy (S) is also a state variable.
Temperature is a state variable which is directly proportional to the kinetic energy of the substance under examination. Temperature is the property which determines the direction heat will flow when two objects are brought into contact. By the way, it's OK to use temperature differences measured in degrees Celsius. That's because the "size" of one degree Celsius (°C) equals one Kelvin (K). Also, the term "degrees Kelvin" is NOT used. Generally speaking, the temperature discussed is absolute temperature, measured in Kelvins. Since the size of one degree Celsius is the same as one Kelvin, for clarity we will often use the term ‘degree’ (abbreviated deg) instead of Celsius or Kelvin.

Pressure is the force per unit area applied on a surface in a direction perpendicular to that surface. Mathematically
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where F is the normal force and A is the area. Pressure is a scalar, and has SI units of pascals, 1 Pa = 1 N m-2. GET PICTURE
As an example of varying pressures, a finger can be pressed against a wall without making any lasting impression; however, the same finger pushing a thumbtack can easily damage the wall. Although the force applied to the surface is the same, the thumbtack applies more pressure because the point concentrates that force into a smaller area. Pressure is transmitted to solid boundaries or across arbitrary sections of fluid normal to these boundaries or sections at every point.
There are a bewildering range of units for pressure, with different disciplines tending to favor a particular unit. Non-SI measures (still in use in some parts of the world) include the pound-force per square inch (psi) and the bar. The cgs unit of pressure is the barye (ba). It is equal to 1 dyn cm-2. Some meteorologists prefer the hectopascal (hPa) for atmospheric air pressure, which is equivalent to the older unit millibar (mbar). Similar pressures are given in kilopascals (kPa) in practically all other fields, where the hecto prefix is hardly ever used. In Canadian weather reports, the normal unit is kPa. The standard atmosphere (atm) is an established constant. It is approximately equal to typical air pressure at earth mean sea level and is defined as follows 
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Because pressure is commonly measured by its ability to displace a column of liquid in a manometer, pressures are often expressed as a depth of a particular fluid. The most common choices are mercury (Hg) and liquid water; liquid water is nontoxic and readily available, while mercury's density allows for a shorter column (and so a smaller manometer) to measure a given pressure. The pressure exerted by a column of liquid of height h and density ρ is given by the hydrostatic pressure equation:  p = hgρ. Manometric units for mercury are centimetre, inch, and millimetre of mercury, which is also known as a torr.

	Table xx. Units of Pressure

	
	Pascal

(Pa)
	Bar

(bar)
	Millibar

(mbar)
	Atmosphere

(atm)
	Torr

(mm Hg)
	Pound per square inch (psi)

	1 Pa
	1 N m-2
	10-5
	10-2
	9.8692 x 10-6
	7.5006 x 10-3
	145 x 10-6

	1 bar
	100,000
	= 1 bar
	
	0.98692
	750.06
	14.504

	1 atm
	101, 325
	1.01325
	
	= 1 atm
	760
	14.696

	1 torr
	133.322
	1.3332 x 10-3
	
	1.3158 x 10-3
	= 1 mm Hg
	19.337 x 10-3

	1 psi
	6,894.76
	68.948 x 10-3
	
	68.046 x 10-3
	51.715
	= 1 psi


Latent Heat.

Latent heat (common symbol L) is the amount of energy released or absorbed by a substance during a phase change. The term was introduced around 1750 by Joseph Black, from the Latin latere, to lie hidden or ‘invisible’. In modern thermochemistry the term latent heat has been replaced by the modern conception of enthalpy of transformation. Latent heat is still widely used by hydrologists and we’ll continue to use that term in this book.

When a substance changes from the solid phase to the liquid phase, energy must be supplied in order to overcome the molecular attractions between the constituent particles of the solid (Figure latent_heatA). This energy must be supplied externally, normally as heat, and does not bring about a change in temperature. The specific latent heat of fusion is "the amount of heat required to convert unit mass of the solid into the liquid without a change in temperature." The specific latent heat of fusion of ice at 0 ºC, for example, is 334 kJ kg-1. This means that to convert 1 kg of ice at 0 ºC to 1 kg of water at 0 ºC, 334 kJ of heat must be absorbed by the ice. Conversely, when 1 kg of water at 0 ºC freezes to give 1 kg of ice at 0 ºC, 334 kJ of heat will be released to the surroundings. 

Figure latent_heat

Similarly, when a substance changes from the liquid phase to the gas phase, energy must be supplied to overcome the molecular attractions between the constituent particles in the liquid phase (Figure latent_heatB). The specific latent heat of vaporization is the amount of heat required to convert unit mass of a liquid into the vapour without a change in temperature. For water at its normal boiling point of 100 ºC, the specific latent heat of vaporization is 2260 kJ kg-1. This means that to convert 1 kg of water at 100 ºC to 1 kg of steam at 100 ºC, 2260 kJ of heat must be absorbed by the water. Conversely, when 1 kg of steam at 100 ºC condenses to give 1 kg of water at 100 ºC, 2260 kJ of heat will be released to the surroundings, commonly called the latent heat of condensation. The magnitude of the latent heat of vaporization and condensation are the same, they differ only in sign.

Note that the actual values of latent heat are dependent on the temperature at which the phase change occurs. Remember, evaporation and condensation can occur at any temperature between 0ºC and 100ºC.

The latent heats of fusion or vaporization are more correctly referred to as enthalpies of fusion or enthalpies of vaporization, whose units are kJ mol-1. For example, the enthalpy of fusion of ice at 0º is 6.01 kJ mol-1. Taking the molar mass of water as 18.0 g mol-1, we get a specific latent heat of fusion for ice of 6.01 (kJ mol-1)/18.0 g mol-1= 0.334 kJ g-1 = 334 kJ kg-1. 

Specific heat
The specific heat (common symbol c) is the amount of heat per unit mass required to raise the temperature by one degree Celsius. The relationship between heat and temperature change is usually expressed as
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where m is the mass of the substance and 
[image: image5.wmf]is the change in temperature. The relationship does not apply if a phase change is encountered, because the heat added or removed during a phase change does not change the temperature. Essentially, specific heat is how to calculate the amount of energy needed to go from one phase change to the next.

The specific heat of water is 1 calorie/gram °C = 4.186 joule/gram °C which is higher than any other common substance. As a result, water plays a very important role in temperature regulation. The specific heat per gram for water is much higher than that for a metal, as described in the water-metal example. For most purposes, it is more meaningful to compare the molar specific heats of substances.

When the word specific is used in physics, it means that a certain property is referred to unit mass.
The units are usually Joules per gram per degree Celsius (J g-1 °C-1) or J kg-1 K-1 is used. This last unit is technically the most correct unit to use, but since the first one is quite common, you will need to know both.

	Table Specific Heat 

	Substance
	Specific Heat

J kg-1 deg-1
	Specific Heat

J g-1 deg-1

	Liquid water
	4.2
	4200

	Ice
	2.1
	2100

	Ethanol
	2.4
	2400

	Copper
	0.39
	390

	Aluminum
	0.90
	900

	Wood
	1.7
	1700


Notice that one set of values is simply 1000 times bigger than the other. That's to offset the influence of going from grams to kilograms in the denominator of the unit.

The heat capacity of a body is obtained by multiplying its specific heat capacity by its mass in kilograms. Here’s a simple example: A certain Japanese sumo wrestler has a body mass of 200 kg. What is the wrestler's heat capacity?  
   


The average specific heat capacity of a human body is approximately 3500 J kg-1 deg-1. In this case, the heat capacity of the wrestler is: 
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HEATING and COOLING CURVES

Figure heating_cooling_curve shows the uptake of heat by 1 kg of water, as it passes from ice at (50ºC to steam at temperatures above 100ºC.

A: Rise in temperature as ice absorbs heat.

B: Absorption of latent heat of fusion as ice is converted to liquid water

C: Rise in temperature as liquid water absorbs heat.

D: Water boils and absorbs latent heat of vaporization as liquid water is converted to water vapor

E: Steam absorbs heat and increases its temperature.

The above is an example of a heating curve. One could reverse the process, and obtain a cooling curve. The flat portions of such curves indicate the phase changes.

Worked example. Calculate the amount of heat required to completely convert 50 g of ice at 0 ºC to steam at 100 ºC. The specific heat capacity of water is 4.18 kJ.kg-1.K-1. The specific latent heat of fusion of ice is 334 kJ.kg-1, and the specific heat of vaporization of water is 2260 kJ.kg-1. To make the illustration simple, please consider that 100% of the heat applied goes into the water. There is no loss of heat into heating the container and no heat is lost to the air.

Heat is taken up in three stages: (1) The melting of the ice;  (2) the heating of the water, and (3) the vaporization of the water. The heat taken up in the complete process is the sum of the heat taken up in each stage.

1. Heat taken up for converting ice at 0ºC to water at 0ºC is illustrated by step B in Figure heating_cooling_curve and is calculated as
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2. Heat taken up heating the water from 0ºC to the boiling point at 100ºC is illustrated by step C in Figure heating_cooling_curve and is calculated as
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3. Heat taken up vaporizing the water is illustrated by step D in Figure heating_cooling_curve and is calculated as 
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The total heat taken up by the water is the sum of the three steps  
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Similarly, we can calculate the heat taken up as ice is warmed from (50ºC to 0ºC (step A in Figure heating_cooling_curve) by multiplying the mass of ice by the specific heat capacity of ice by the temperature change.

Ideal Gas Law

Improve intro sentence. An ideal gas is defined as one in which all collisions between atoms or molecules are perfectly eleastic and in which there are no intermolecular attractive forces. One can visualize it as a collection of perfectly hard spheres which collide but which otherwise do not interact with each other. In such a gas, all the internal energy is in the form of kinetic energy and any change in internal energy is accompanied by a change in temperature.

An ideal gas can be characterized by three state variables: absolute pressure (P), volume (V), and absolute temperature (T). The relationship between them may be deduced from kinetic theory and is called the
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where n = number of moles, R = universal gas constant = 8.3145 J mol-1 K-1, N = number of molecules, k = Boltzmann constant = 1.38066 x 10-23 J K-1  = 8.617385 x 10-5 eV K-1, k = R/NA, and NA = Avogadro's number = 6.0221 x 1023 mol-1. 

The ideal gas law can be viewed as arising from the kinetic pressure of gas molecules colliding with the walls of a container in accordance with Newton's laws. But there is also a statistical element in the determination of the average kinetic energy of those molecules. The temperature is taken to be proportional to this average kinetic energy; this invokes the idea of kinetic temperature. 

Standard temperature and pressure (STP) is used widely as a standard reference point for expression of the properties and processes of ideal gases. The standard temperature is the freezing point of water and the standard pressure is one standard atmosphere. These can be quantified as follows:
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Standard volume of 1 mole of an ideal gas at STP is 22.4 liters. This relationship is because a given volume V of any ideal gas will have the same number of molecules. The mass of the gas will then be proportional to the molecular mass. A convenient standard quantity is the mole, the mass of gas in grams equal to the molecular mass in amu. Avogadro's number (NA) is the number of molecules in a mole of any molecular substance
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A mole of any material will contain Avogadro's number of molecules. For example, carbon has an atomic mass of exactly 12.0 atomic mass units -- a mole of carbon is therefore 12 grams. For an isotope of a pure element, the mass number A is approximately equal to the mass in amu. 

For the purpose of calculations, it is convenient to place the ideal gas law in the form
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where the subscript i refers to the initial state of some process and f the final state of the same process. If the temperature is constrained to be constant, this becomes
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which is referred to as Boyle’s Law. If the pressure is held constant, then the ideal gas law takes the form 
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Freezing Point Depression in Solutions

Why does the addition of salts to roads cause ice to become liquid at temperatures less than 0°C? The reason is that a solution typically has a measurably lower melting point than the pure solvent. We know that when the rate of freezing is the same as the rate of melting the ice and water are said to be in dynamic equilibrium with each other. Adding salt to the system will disrupts the equilibrium. The total number of waters captured by the ice per second goes down because the salt doesn’t fit well into the crystalline lattice of ice, so the rate of freezing goes down. The rate of melting is unchanged by the presence of the foreign material, so melting occurs faster than freezing. That's why salt melts ice.

To re-establish equilibrium, you must cool the ice-saltwater mixture to below the usual melting point of water. For example, the freezing point of a 1 M NaCl solution is roughly -3.4°C. Solutions will always have such a freezing point depression. The higher the concentration of salt, the greater the freezing point depression. The freezing point depression ΔTf is a colligative property of the solution, and for dilute solutions is found to be proportional to the molal concentration (cm) of the solution 
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where Kf is the freezing point depression constant. For every mole of foreign particles dissolved in a kilogram of water, the freezing point goes down by roughly 1.7-1.9°C. Sugar, alcohol, or other salts will also lower the freezing point and melt the ice. Salt is used on roads and walkways because it is inexpensive and readily available. It is important to realize that freezing point depression occurs because the concentration of water molecules in a solution is less than the concentration in pure water. The nature of the solute doesn't matter. 

As ice begins to freeze out of the salt water, the fraction of water in the solution becomes lower and the freezing point drops further (Figure freezing_point_solution). This does not continue indefinitely, because eventually the solution will become saturated with salt. The lowest temperature possible for liquid salt solution is -21.1°C. At that temperature, the salt begins to crystallize out of solution (as NaCl·2 H2O), along with the ice, until the solution completely freezes. The frozen solution is a mixture of separate NaCl·2H2O crystals and ice crystals, not a homogeneous mixture of salt and water. This heterogeneous mixture is called a eutectic mixture.

Figure freezing_point_depression

A pleasant application of the freezing point depression is in the making of homemade ice cream. The ice cream mix is put into a metal container which is surrounded by crushed ice. Then salt is put on the ice to lower its melting point. The melting of the solution tends to lower the equilibrium temperature of the ice/water solution to the melting point of the solution. This gives a temperature gradient across the metal container into the saltwater-ice solution which is lower than 0°C. The heat transfer out of the ice cream mix allows it to freeze.

Solute Chemistry; intro to units?
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