Chapter 4  Gases and the Kinetic-Molecular Theory 

4.1An Overview of the Physical States of Matter

· A gas adopts the shape of the container and fills the container, because its particles are far apart and move randomly. 
· A liquid adopts the shape of the container to the extent of the container’s volume, because its particles are close together but free to move around each other. 
· A solid has a fixed shape regardless of the shape of the container, because tis particles are close together and help rigidly in place. 

Several Aspects of their behavior distinguishes gases from liquids and solids:

1. The volume of a gas changes significantly with pressure. When a sample of gas is confined to a container of variable volume, such as a cylinder with a piston, increasing the force on the piston decreases the volume of the gas. Removing the external force allows the volume to increase again. Gases under pressure can do a lot of work: rapidly expanding compressed air in a jackhammer breaks rocks and cement: the compression and expansion of high-temperature and high-pressure gases produced by the combustion of fuels in a car exert direct pressure on the pistons and convert chemical energy to mechanical energy. In contrast the volume of a liquid or solid does not change significantly under pressure. 

2. The volume of a gas changes significantly with temperature. When a sample of gas is heated, it expands; when it is cooled, it shrinks. The volume change is 50 to 100 times greater for gases than for liquids or solids. The expansion that occurs when gases are rapidly heated can have dramatic effects such as lifting a rocket into space and everyday effects, such as popping corn. 

3. Gases flow very freely. Gases flow much more freely than liquids and solids. This behavior allows gases to be transported more easily through pipes, but it also means that they leak more rapidly out of small holes and cracks. 

4. Gases have relatively low densities. The density of a gas is usually measure in units of grams per liter (g/L). Where as the density of a liquid of a solid is usually measure in grams per milliliter (g/mL), which is about 1000 times as dense. 

5. A gas forms a solution in any proportions. Air is a solution of 18 gases. Two liquids, however, may or may of form a solution: water and ethanol do, but water and gasoline do not. Two solids generally do not form a solution unless they are melted and mixed while liquids, and then allowed to solidify. 

4.2 Gas Pressure and its Measurement

· You can blow up a balloon or pump up a tire because a gas exerts pressure on the walls of its container. Pressure (p) is defined as the force exerted per unit of surface area: 


· Earth’s gravity attracts the atmospheric gases, and they exert a force uniformly on all surfaces. The force, or the weight, of these gases creates a pressure of about 10.1 N/, existing on the outside, and it equals the pressure on the inside. 

Laboratory Devices for Measuring Gas Pressure

· The barometer is used to measure atmospheric pressure. This device is still essentially the same as it was when it was invented in 1643. 
· A tube about one m long, closed at one end, filled with mercury and inverted into a dish containing more mercury. When the tube is inverted some of the mercury flows out into the dish, and a vacuum forms. 
· Because the pressure of the mercury column is directly proportional to its height, a unit that has been commonly used for pressure is millimeters of mercury (mmHg). 
· At sea level and 0 degrees Celsius, normal atmospheric pressure is exactly 760 mmHg, at the top of Mt. Everest (elevation8848 m) the pressure is 270 mmHg
· Pressure decreases with altitude; the column of air above the sea is taller, so it weighs more than the column of air above Mount Everest. 
· Manometers are devices that are used to measure the pressure of a gas in an experiment.

· Closed-end Manometer: Mercury filled, curved tube is closed at one end and attached to a flask at the other end. When the flask is evacuated, the mercury levels in the two arms of the tube are the same because no gas exerts pressure on either mercury surface. When a gas is in the flask, it pushes down on the mercury level in the near arm, causing the level to rise in the far arm. The difference I the column heights ( equals the gas pressure. 
· The Open-end Manometer also consists of a curved tube filled with mercury but one end of the tube is open to the atmosphere and the other end is connected to the gas sample. The atmosphere pushes on one mercury surface, and the gas pushes on the other end. Again,  equals the difference between the two pressures. However when using this type of manometer, we must measure the atmospheric pressure with a barometer and either add or subtract from that value. 

Units of Pressure

· Pressure results form a force exerted on an area. The SI unit of force is the newton (N). 1 Newton = 1 kg. 
· The SI unit of pressure is the Pascal (Pa), which equals a force of one newton exerted on a area of one square meter. 1 Pa= 1
· The bar is currently used for defining standard pressure and when describing thermodynamic standards. 

4.3 The Gas Laws and Their Experimental Foundation 

· The physical behavior of a sample of gas can be described completely by four variables: pressure (p), volume (v), temperature (T), and amount (number of moles, n). The variables are independent meaning any one of them can be determined by measure the other three. 
· The individual gas laws are special cases of a unifying relationship called the ideal gas law, which quantitatively describes the behavior of an ideal gas, a gas that exhibits linear relationships among volume, pressure, temperature and amount.

The Relationship Between Volume and Pressure: Boyle’s Law

· Following Torricelli’s invention of the barometer the 17th century English chemist Robert Boyle studied the effect of pressure on the volume of a sample of gas. 
· The Conclusion and Statement of the law: The generalization of Boyle’s observation is known as Boyle’s Law: at constant temperature, the volume occupied by a fixed amount of gas is inversely proportional to the applied (external) pressure, or pV=constant. 

The Relationship between Volume and Temperature: Charles’s Law

· Boyle’s work showed that the pressure-volume relationship holds only at constant temperature, but why should that be so? 
· Conclusion and Statement of the Law: Above all, note that the volume-temperature relationship is linear, but unlike volume and pressure, volume and temperature are directly proportional. This behavior is incorporated into the modern statement of the volume-temperature relationship, which is known as Charle’s Law: at constant pressure, the volume occupied by a fixed amount of gas is directly proportional t its absolute (kelvin) temperature, or VT.

Relationships Based on Boyles and Charles’s Law

1. The pressure-temperature relationship. Charles’s law is expressed as the effect of temperature on gas volume at constant pressure. However, volume and pressure
· are interdependent, so a similar relationship can be expressed for the effect of temperature on pressure (referred to as Amonton’s law). 
· Thus as a constant volume, the pressure exerted by a fixed amount of gas is directly proportional to the absolute temperature pT.

2. The Combined Gas Law
· Combining Bole’s and Charles’s laws gives the combined gas law, which applies to situations in which changes in two of the three variables (V,p,T) affect the third. 

Relationship Between Volume and Amount: Avogadro’s Law

· At fixed temperature and pressure, the volume occupied by a gas is directly proportional to the amount (mol of the gas) Vn.
· In other words as n increases, V increases and vice versa. 

Gas Behavior and Standard Conditions 

· To better understand the factors that influence gas behavior, chemists have assigned a baseline set of standard conditions called standard temperature and pressure (STP): 0
· Under these conditions, the volume of 1 mol of an ideal gas is called the standard molar volume: 22.710 953 (21)L or 22.7 L (3 sf)

The Ideal Gas Law

· Each of the three gas laws shows how one of the three other gas variables affects gas volume: 
· Boyle’s law focuses on Pressure (V  ).
· Charles’s law focuses on temperature (VT). 
· Avogadro’s law focuses on the amount (mol) of gas (Vn). 
· By combining these individual effects, we obtain the ideal gas law: pV=nRT
· Where R is a proportionality constant known as the universal gas constant.  

Solving Gas Law Problems 

1. One Variable is unknown, but the other three are known and no change occurs. In this type of problem, you apply the ideal gas laws directly to find the unknown, and the units must conform to those in R. 

· Summarize the changing gas variables – known and unknown – and the variables held constant. 
· Convert units if necessary.
· Rearrange the ideal gas law to obtain he needed relationship of variables, and solve for the unknown. 
4.4 Rearrangements of the Ideal Gas Law 

· Mathematically rearrange the ideal gas law to find gas density, molar mass, the partial pressure of each gas in a mixture, and the amount of gaseous reactant or product in a reaction

The Density of a Gas 

· One mole of any gas behaving ideally occupies the same volume at a given temperature and pressure, so differences in gas density (d ) depend on differences in molar mass. 
· For example, at STP, 1 mol of  occupies the same volume as 1 mol of ; however,  is denser because each molecule has a greater mass (32.00 u) than each , molecule (28.02 u). Thus, d of  is  d of .
· The density of a gas is directly proportional to its molar mass. The volume of a given amount of a heavier gas equals the volume of the same amount of a lighter gas (Avogadro’s law), so the density of the heavier gas is higher (as you just saw for oxygen and nitrogen).
· The density of a gas is inversely proportional to the temperature. As the volume of a gas increases with temperature (Charles’s law), the same mass occupies more space, so the density o the gas is lower.  

The Molar Mass of a Gas

· Through another rearrangement of the ideal gas law, we can determine the molar mass of an unknown gas or a volatile liquid (a liquid that is easily vaporized):   so  

The Partial Pressure of Each Gas in a Mixture of Gases

· Gases mix homogeneously (from a solution) in any proportions. 
· Each gas in a mixture behaves as if it were the only gas present (assuming no chemical interactions) 

Daltons Law of Particle Pressures
· When water vapor is added to dry air, the total air pressure increases by the pressure of the water vapor: 
· He concluded that each gas in the mixture exerts a partial pressure equal to the pressure it would exert by itself. This can be stated by Daltons law of partial pressure: in a mixture of un-reacting gases, the total pressure is the sum of the particle pressure of the individual gases: 
· Each component in a mixture contributes a fraction of the total number of moles in the mixture; this portion is the mole fraction (x) of the component. Multiplying X by 100 gives the mole percent. The sum of the mole fractions of all the components must be 1, and the sum of the mole percent’s must be 100%. 

Collecting a Gas over Water

· Whenever a gas is in contact with water, some of the water vaporizes into the gas. The water vapor that mixes with the gas contributes to the vapor pressure, a portion of the total pressure that depends only on the water temperature. 
· A common use of the law of partial pressures is to determine the yield of a water-insoluble gas formed in a reaction: the gaseous product bubbles through water, some water vaporizes into the bubbles, and the mixture of product gas and water vapor is collected into an inverted container. 

The Ideal Gas Law and Reaction Stoichiometry

· From the balanced equation for such a reaction you can calculate the amounts (mol) of reactants and products and convert these amounts into masses or numbers of molecules. 

Ideal Gas Law
Ideal Gas Law
Molar ratio from balanced equation






4.5 The Kinetic-Molecular Theory: A Model for Gas Behavior

· The kinetic-molecular theory is the model that accounts for macroscopic gas behavior at the level of individual particles (atoms or molecules). 

How the Kinetic-Molecular theory Explains the Gas Laws

· Let us address some questions that the theory must answer. Then we will state some postulates and draw conclusions that explain the gas laws and related phenomena. 


Questions Concerning Gas Behavior

· Observing gas behavior at the macroscopic level, we must derive a molecular model that explains it: 

1. Origin of Pressure. Pressure is a measure of the force that a gas exerts on the surface. How do individual gas particles create this force? 
2. Boyle’s law. A change in gas pressure in one direction causes a change in gas volume in the other direction. What happens when external pressure compresses the gas volume? And why are liquids and solids much less compressible. 
3. Daltons Law. The pressure of a gas mixture is the sum of the pressures of the individual gases. Why does each gas contribute to the total pressure in proportion to its number of particles? 
4. Charles’s Law. A change in temperature causes a corresponding change in volume. What effect does higher temperature have on gas particles, causing an increase in gas volume? This question raises a more fundamental one: What does temperature measure on the molecular scale? 
5. Avogadro’s Law. Gas volume opens on the number of moles present, not on the chemical nature of the gas. But should 1 mol of heavier particles not exert more pressure and thus take up more space, than 1 mol of lighter particles?

Postulates of the Kinetic-Molecular Theory

· The theory is based on three postulates: 

1. Particle Volume. A gas consists of a large collection of individual particles with empty space between them. The volume of each particle is so small compared with the volume of the whole sample that is assumed to be zero; each particle is essentially a point of mass. In addition, since the particles are so small and there is so much space between them, there are essentially no interactions between the particles. The concept of ideality relies largely on the necessity that the particles move about independently without exerting any forces upon one another. 
2. Particle Motion. The particles are in constant, random, straight-line motion except when they collide when the container walls or with each other. 
3. Particle Collision. The collisions are elastic, which means that, like minute billiard balls the colliding molecules exchange energy but do not lose any energy through friction. Thus their total kinetic is constant. Between collisions the molecules do not influence each other by attractive or repulsive forces. 

Root-Mean-Square Speed

· Let us derive an expression for the speed of a gas particle that has the average kinetic energy of the particles in a sample:


Effusion and Diffusion

· The movement of a gas into a vacuum and the movement of gases through one another are phenomena with some vital applications 

The Process of Effusion

· The process by which gasses escape through a tiny hole in its container into an evacuated space. 
· Thomas Graham studied the effusion rate of a gas, the number of molecules escaping per unit time, and found that it was inversely proportional to the square root of the density of gas. 
· Density is directly related to the molar mass, so Grahams law of effusion is stated as follows: the rate of effusion of a gas is inversely proportional to the square root of its molar mass 



The Process of Diffusion

· Closely related to effusion is the process of gaseous diffusion, the movement of one gas through another. Graham’s law can also be used to describe diffusion rates


· For two gases at equal pressures, such as , moving through another gas or a mixture of gases, such as air, we find



· The reason for this dependence on molar mass is the same as it is for effusion rates: lighter molecules have higher average speeds than heavier molecules so they move farther in a given time. 



Mean Free Path

· From a particle’s diameter, we can obtain the mean free path, the average distance it travels between collisions at a given temperature and pressure. Mean free path is a key factor in the rate of diffusion and the rate of heat flow through a gas. 

Collision Frequency

· Divide the most probable speed (meters per second) by the mean free path (meters per collision) and you will obtain the collision frequency, the average number of collisions per second that each particle undergoes. 

4.6 Non-Ideal Gases: Deviations from Ideal Behavior

· Gas particles are not points of mass but have volumes determined by the sizes of their atoms and the lengths and directions of their bonds. 
· Attractive and repulsive forces do exist among gas particles because atoms contain charged subatomic particles and many bonds are polar. 
· These real situations cause deviations from ideal behavior under extreme conditions of low temperature and high pressures. The deviations mean that we must alter the simple model and the ideal gas law to predict the behavior of gases under extreme conditions 

Effects of Extreme Conditions on Gas Behavior 

· At ordinary conditions – relatively high temperatures and low pressures – most gases exhibit nearly identical behavior. 
· Yet, at even STP 0 C and 1 Bar, gases deviate slightly from ideal behavior. 
· The deviations increase as boiling points rise. 

The van der Waals Equation: Adjusting the Ideal Gas Law

· To describe non-ideal gas behavior more accurately, we need to adjust the ideal gas equation in two ways: 

1. Adjust p up by adding a factor that accounts for inter-particle attractions.
2. Adjust V down by subtracting a factor that accounts for particle volume. 
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