Properties of Gases
· Each state of matter has its own properties. 

· Gases have unique properties because the distance between the particles of a gas is much greater than the distance between the particles of a liquid or a solid. 

· Although liquids and solids seem very different from each other, both have small intermolecular distances. 

· In some ways, gases behave like liquids; in other ways, they have unique properties.

Gases are Fluids

· Gases are considered fluids. 

· The word fluid means “any substance that can flow.” 

· Gas particles can flow because they are relatively far apart and therefore are able to move past each other easily.

Gases Have Low Density

· Gases have much lower densities than liquids and solids do. 

· Because of the relatively large distances between gas particles, most of the volume occupied by a gas is empty space. 

· The distance between particles explains why a substance in the liquid or solid state always has a much greater density than the same substance in the gaseous state does.

· The low density of gases also means that gas particles travel relatively long distances before colliding with each other.

Gases Are Highly Compressible

· Suppose you completely fill a syringe with liquid and try to push the plunger in when the opening is plugged. 

· You cannot make the space the liquid takes up become smaller. 

· The space occupied by the gas particles is very small compared with the total volume of the gas.

· Applying a small pressure will move the gas particles closer together and will decrease the volume.

Gases Completely Fill a Container

· A solid has a certain shape and volume. 

· A liquid has a certain volume but takes the shape of the lower part of its container. 

· In contrast, a gas completely fills its container.

· Gas particles are constantly moving at high speeds and are far apart enough that they do not attract each other as much as particles of solids and liquids do. 

· Therefore, a gas expands to fill the entire volume available.

Gas Pressure

· Earth’s atmosphere, commonly known as air, is a mixture of gases: mainly nitrogen and oxygen. 

· Because you cannot always feel air, you may have thought of gases as being weightless, but all gases have mass; therefore, they have weight in a gravitational field.

· As gas molecules are pulled toward the surface of Earth, they collide with each other and with the surface of Earth more often. Collisions of gas molecules are what cause air pressure.

· The density of the air changes when you change altitudes. 

· The atmosphere is denser as you move closer to Earth’s surface because the weight of atmospheric gases at any elevation compresses the gases below.

Measuring Pressure

· The scientific definition of pressure is “force divided by area.” Pressure may also be defined as the amount of force exerted per unit area of surface.

· To find pressure, you need to know the force and the area over which that force is exerted.

· The unit of force in SI units is the newton, N. 

· One newton is the force that gives an acceleration of 1 m/s2 to an object whose mass is 1 kg.

1 newton = 1 kg × 1 m/s2 = 1 N

· The SI unit of pressure is the pascal, Pa, which is the force of one newton applied over an area of one square meter.

1 Pa = 1 N/1 m2

· One pascal is a small unit of pressure. It is the pressure exerted by a layer of water that is 0.102 mm deep over an area of one square meter.

· Atmospheric pressure can be measured by a barometer. 

· The atmosphere exerts pressure on the surface of mercury in the dish. This pressure goes through the fluid and up the column of mercury.

· The mercury settles at a point where the pressure exerted downward by its weight equals the pressure exerted by the atmosphere.

· At sea level, the atmosphere keeps the mercury in a barometer at an average height of 760 mm, which is 1 atmosphere, atm. 

· One millimeter of mercury is also called a torr, after Evangelista Torricelli, the Italian physicist who invented the barometer. 

· In studying the effects of changing temperature and pressure on a gas, one will find a standard for comparison useful. 

· Scientists have specified a set of standard conditions called standard temperature and pressure, or STP, which is equal to 0°C and 1 atm.

Pressure Units
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Sample Problem A

Convert the pressure of 1.000 atm to millimeters of mercury.

Sample Problem A Solution
1 atmosphere = 101 325 Pa, 1 mm Hg = 133.322 Pa

The conversion factors are

The Kinetic-Molecular Theory

· The properties of gases stated earlier are explained on the molecular level in terms of the kinetic-molecular theory. 

· The kinetic-molecular theory is a model that is used to predict gas behavior. 

· The kinetic-molecular theory states that gas particles are in constant rapid, random motion. The theory also states that the particles of a gas are very far apart relative to their size.

· This idea explains the fluidity and compressibility of gases. 

· Gas particles can easily move past one another or move closer together because they are farther apart than liquid or solid particles.

· Gas particles in constant motion collide with each other and with the walls of their container.

· The kinetic-molecular theory states that the pressure exerted by a gas is a result of collisions of the  molecules against the walls of the container. 

· The kinetic-molecular theory considers collisions of gas particles to be perfectly elastic; that is, energy is completely transferred during collisions.

· The total energy of the system, however, remains constant.

Gas Temperature Is Proportional to Average Kinetic Energy

· The average kinetic energy of random motion is proportional to the absolute temperature, or temperature in kelvins. 

· Heat increases the energy of random motion of a gas.

· Not all molecules are traveling at the same speed.

· As a result of multiple collisions, the molecules have a range of speeds. 
· For a 10°C rise in temperature from STP, the average energy increases about 3%, while the number of very
high-energy molecules approximately doubles or triples.
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Increasing the temperature of a gas shifts the energy distribution in the direction of greater average kinetic energy.

Section 2  The Gas Laws

Measurable Properties of Gases
· Gases are described by their measurable properties.

· P = pressure exerted by the gas 

· V = total volume occupied by the gas

· T = temperature in kelvins of the gas 

· n = number of moles of the gas

Boyle’s Law

· As the volume decreases, the concentration, and therefore pressure, increases. 

· The inverse relationship between pressure and volume is known as Boyle’s law. 

· Boyle’s law states that for a fixed amount of gas at a constant temperature, the volume of the gas increases as the pressure of the gas decreases and the volume of the gas decreases as the pressure of the gas increases.

Gas molecules in a car-engine cylinder
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· At constant temperature, the product of the pressure and volume of a gas is constant.

PV = k

· If the temperature and number of particles are not changed, the PV product remains the same, as shown in the equation below.

P1V1 = P2V2
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This pressure-volume graph shows an inverse relationship: as pressure increases, volume decreases.

Volume Versus Pressure for a Gas at Constant Temperature
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Solving Pressure-Volume Problems
Sample Problem B

A given sample of gas occupies 523 mL at 1.00 atm. The pressure is increased to 1.97 atm, while the temperature remains the same. What is the new volume of the gas? 

Sample Problem B Solution


    P1 = 1.00 atm

V1 = 523 mL

 P2 = 1.97 atm
V2 = ?

P1V1 = P2V2

(1.00 atm)(523 mL) = (1.97 atm)V2

Temperature-Volume Relationships

· Heating a gas makes it expand. 

· Cooling a gas makes it contract.

· In 1787, the French physicist Jacques Charles discovered that a gas’s volume is directly proportional to the temperature on the Kelvin scale if the pressure remains the same.

Charles’s Law

· The direct relationship between temperature and volume is known as Charles’s law. 

· Charles’s law states that for a fixed amount of gas at a constant pressure, the volume of the gas increases as the temperature of the gas increases and the volume of the gas decreases as the temperature of the gas decreases.

· The kinetic-molecular theory states that gas particles move faster on average at higher temperatures, causing them to hit the walls of their container with more force. 

· Repeated strong collisions cause the volume of a flexible container, such as a balloon, to increase. 

· Gas volume decreases when the gas is cooled, because of the lower average kinetic energy of the gas particles at the lower temperature. 

· If the absolute temperature is reduced by half, then the average kinetic energy is reduced by half, and the particles will strike the walls with half of the energy they had at the higher temperature. 

· In that case, the volume of the gas will be reduced to half of the original volume if the pressure remains the same.

· The direct relationship between volume and temperature can be shown in a graph, in which volume-temperature data are graphed using the Kelvin scale. 

· If you read the line in the graph all the way down to 0 K, it looks as though the gas’s volume becomes zero.

· However, before this temperature is reached, the gas becomes a liquid and then freezes to a solid, each of which has a certain volume.
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· When the temperature scale is in kelvins, the graph shows a direct proportion between volume of a sample of gas and the temperature.

· At constant pressure, the volume of a sample of gas divided by its absolute temperature is a constant, k. 

· Charles’s law can be stated as the following equation.
[image: image1]
· [image: image14.wmf]=

V

k

T

If all other conditions are kept constant, V/T will remain the same. 
Equation for Charles’s Law
Volume Versus Temperature for a Gas at Constant Pressure
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Solving Volume-Temperature Problems
Sample Problem C

A balloon is inflated to 665 mL volume at 27°C. It is immersed in a dry-ice bath at −78.5°C. What is its volume, assuming the pressure remains  constant? 

Temperature-Pressure Relationships

· Pressure is the result of collisions of particles with the walls of the container and the average kinetic energy of particles is proportional to the sample’s average absolute temperature.

· If the absolute temperature of the gas particles is doubled, their average kinetic energy is doubled. 

· If there is a fixed amount of gas in a container of fixed volume, the collisions will have twice the energy, so the pressure will double. 

· Temperature and pressure have a directly 
proportional relationship.
· Gas pressure is directly proportional to kelvin temperature, at constant volume.

· The direct relationship between temperature and pressure is known as Gay-Lussac’s law. 

· Gay-Lussac’s Law states that the pressure of a gas at a constant volume is directly proportional to the absolute temperature.

· Because the pressure of a gas is proportional to its absolute temperature, the following equation is true for a sample of constant volume.

P = kT

· This equation can be rearranged to the following form.
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· At constant volume, the following equation applies.
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Equation for Gay-Lussac’s Law Regarding Pressure and Temperature
Pressure Versus Temperature for a Gas at Constant Volume
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Sample Problem D

An aerosol can containing gas at 101 kPa and 22°C is heated to 55°C. Calculate the pressure in the heated can. 

Volume-Molar Relationships

· In 1811, the Italian scientist Amadeo Avogadro proposed the idea that equal volumes of all gases, under the same conditions, have the same number of particles. 

· A result of this relationship is that molecular masses can be easily determined. 

· Later, the Italian chemist Stanislao Cannizzaro used Avogadro’s principle to determine the true formulas of several gaseous compounds.

Avogadro’s Law

· Avogadro’s idea turned out to be correct and is now known as Avogadro’s law.
· Avogadro’s law states that equal volumes of gases at the same temperature and pressure contain equal numbers of molecules.

· With this knowledge, chemists gained insight into the formulas of chemical compounds for the first time. 

· In 1858, Cannizzaro used Avogadro’s law to deduce that the correct formula for water is H2O.

· Avogadro’s law also means that gas volume is directly proportional to the number of moles of gas at the same temperature and pressure. 

· This relationship is expressed by the equation below, in which k is a proportionality constant.

V = kn
· Volumes of gases change with changes in temperature and pressure.

· A set of conditions has been defined for measuring volumes of gases. 

· Argon exists as single atoms, and that its atomic mass is 39.95 g/mol. It has been determined that 22.41 L of argon at 0°C and 1 atm have a mass of 39.95 g. 

· Therefore, 22.41 L is the volume of 1 mol of any gas at STP.

· The mass of 22.41 L of a gas at 0°C and a pressure
of 1 atm will be equal to the gas’s molecular mass.

Section 3  Molecular Composition of Gases

The Ideal Gas Law

· Boyle’s law states the relationship between the pressure and the volume of a sample of gas. 

· Charles’s law states the relationship between the volume and the absolute temperature of a gas. 

· Gay-Lussac’s law states the relationship between the pressure and the temperature of a gas. 

· Avogadro’s law relates volume to the number
of moles of gas.
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· No gas perfectly obeys all four of these laws under all conditions.

· These assumptions work well for most gases and most conditions.

· One way to model a gas’s behavior is to assume that the gas is an ideal gas that perfectly follows these laws. 

· An ideal gas, unlike a real gas, does not condense to a liquid at low temperatures, does not have forces of attraction or repulsion between the particles, and is composed of particles that have no volume.

The Ideal Gas Law Relates All Four Gas Variables

· In using the basic gas laws, we have made use of four variables: pressure, P, volume, V, absolute  temperature, T, and number of moles, n. 

· Boyle’s law, Charles’s law, Gay-Lussac’s law, and Avogadro’s law can be combined into one equation that gives the relationship between all four variables, P, V, T, and n, for any sample of gas. This relationship is called the ideal gas law.
· The ideal gas law is represented mathematically below.

PV = nRT

· R is a proportionality constant. The value for R used in any calculation depends on the units used for pressure and volume. 
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For problems that use units of kilopascals and liters when using the ideal gas law, the value you will use for R is as follows.

· If the pressure is expressed in atmospheres, then the value of R is 0.0821 (L•atm)/(mol•K).
· The ideal gas law describes the behavior of real gases quite well at room temperature and atmospheric pressure. 

· Under those conditions, the volume of the particles themselves and the forces of attraction between them can be ignored.

· The particles behave in ways that are similar enough to an ideal gas that the ideal gas law gives useful results. 

· As the volume of a real gas decreases, the particles attract one another more strongly, and the volume is less than the ideal gas law would predict. 

· At extremely high pressures, the volume of the particles themselves is close to the total volume, so the actual volume will be higher than calculated.


[image: image11]
· For an ideal gas, the ratio of PV/nRT is 1, which is represented by the dashed line. 

· Real gases deviate somewhat from the ideal gas law and more at very high pressures.

Sample Problem E

How many moles of gas are contained in 22.41 liters at 101.325 kPa and 0°C? 

Gas Behavior and Chemical Formulas
· So far only the general behavior of gases has been considered.

· No calculation has depended on knowing which gas was involved. 

· What happens if it is necessary to know more about a gas, such as its molar mass?

Diffusion

· Household ammonia is a solution of ammonia gas, NH3, in water. When you open a bottle of household ammonia, the odor of ammonia gas doesn’t take long to fill the room. 

· Gaseous molecules, including molecules of the compounds responsible for the smell, travel at high speeds in all directions and mix quickly with molecules of gases in the air in a process called diffusion. 

· Diffusion is the movement of particles from regions of higher density to regions of lower density.

· Gases diffuse through each other at a very rapid rate.

· Even if the air in the room was very still, it would only be a matter of minutes before ammonia molecules were evenly distributed throughout the room. 

· During diffusion, a substance moves from a region of high concentration to a region of lower concentration. Eventually, the mixture becomes homogeneous.

Effusion

· The passage of gas particles through a small opening is called effusion. 

· The Scottish scientist Thomas Graham found that at constant temperature and pressure, the rate of effusion of a gas is inversely proportional to the square root of the gas’s molar mass, M. 

· This law also holds when one compares rates of diffusion, and molecular speeds in general.
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The molecular speeds, vA and vB, of gases A and B can be compared according to Graham’s law of diffusion shown below.

· Graham’s law of diffusion states that the rate of diffusion of a gas is inversely proportional to the square root of the gas’s density

· Particles of low molar mass travel faster than heavier particles.

· According to the kinetic-molecular theory, gas particles that are at the same temperature have the same average kinetic energy. 
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Therefore, the kinetic energy of two gases that are at the same temperature is
· Solving this equation for the ratio of speeds between vA and vB gives Graham’s law of diffusion.

Sample Problem F

Oxygen molecules have an average speed of about 480 m/s at room temperature. At the same  temperature, what is the average speed of molecules of sulfur hexafluoride, SF6? 
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Sample Problem F Solution

Molar mass of O2 = 2(16.00 g/mol) = 32.00 g/mol

Molar mass of SF6 = 32.07 g/mol + 6(19.00 g/mol) =



146 g/mol

Gas Reactions Allow Chemical Formulas to Be Deduced
· In 1808, Joseph Gay-Lussac made an important discovery: if the pressure and temperature are kept constant, gases react in volume proportions that are small whole numbers. This is called Gay-Lussac’s law of combining volumes.

· Gay-Lussac’s law of combining volumes states that the volumes of gases involved in a chemical change can be represented by the ratio of small whole numbers.

Hydrogen molecules combine with chlorine molecules in a 1:1 volume ratio to produce twice the volume of hydrogen chloride. 
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Dalton’s Law of Partial Pressure

· In 1805, John Dalton showed that in a mixture of gases, each gas exerts a certain pressure as if it were alone with no other gases mixed with it. 

· The pressure of each gas in a mixture is called the partial pressure.

· The total pressure of a mixture of gases is the sum of the partial pressures of the gases. This principle is known as Dalton’s law of partial pressure.
· Dalton’s law of partial pressure can be written as follows.

Ptotal = PA + PB + PC

· Ptotal is the total pressure, and PA, PB, and PC are the partial pressures of each gas.

· Dalton’s law of partial pressure is explained by the kinetic molecular theory. 

· All the gas molecules are moving randomly, and each has an equal chance to collide with the container wall. 

· Each gas exerts a pressure proportional to its number of molecules in the container. The presence of other gas molecules does not change this fact.

Gas Stoichiometry

· The ideal gas law relates amount of gaseous substance in moles, n, with the other gas variables: pressure, volume, and temperature. 

· The ideal gas lawn can be used in calculations involving gases that react.

Gas Volumes Correspond to Mole Ratios

· Ratios of gas volumes will be the same as mole ratios of gases in balanced equations. 

· Avogadro’s law shows that the mole ratio of two gases at the same temperature and pressure is the same as the volume ratio of the two gases. 

· This greatly simplifies the calculation of the volume of products or reactants in a chemical reaction involving gases. 

· For example, consider the following equation for the production of ammonia.

3H2(g) + N2(g) → 2NH3(g)

· 3 L of H2 react with 1 L of N2 to form 2 L of NH3, and no H2 or N2 is left over

· If we know the number of moles of a gaseous substance, we can use the ideal gas law to calculate the volume of that gas. 
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Stoichiometry Problems
Sample Problem G

How many liters of hydrogen gas will be produced at 280.0 K and 96.0 kPa if 1.74 mol of sodium react with excess water according to the following  equation? 

2Na(s) + 2H2O(l) → 2NaOH(aq) + H2(g)

Sample Problem G Solution
T = 280.0 K   P = 96.0 kPa    R = 8.314 L•kPa/mol•K

n = ? mol    V = ? L
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Atmosphere

Bar

Millimeter of mercury
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Torr

Abbreviation

Equivalent number of pascals
1 atm = 101 325 Pa

1 bar = 100 025 Pa

1 mm Hg = 133.322 Pa

1 psi = 6.892 86 x 10° Pa
1 torr = 133.322 Pa
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