Introduction

This unit focuses on gases, but it is also about visualize molecules and their motion.  By creating pictures in the mind of particles in pure substances and mixture, it is easier to understand the reasons for the properties and behaviors of matter.   First we’ll look at how particles behave with the addition or removal of heat energy, then review states of matter, introduce kinetic molecular theory, discuss measurements for pressure and temperature, and then discuss the behavior and laws of ideal gases.  
Temperature and the Motion of Molecules

Particles of matter (atoms, molecules, and ions) have random speeds and directions, so particles have different energies.  The energy related to the motion of objects is called kinetic energy, as opposed to potential energy, which is the energy of an object’s position or configuration and, in the case of chemistry, the energy in the chemical bonds.  Heat is the energy transferred between objects of different temperature and is the total amount of kinetic energy in a sample.  The amount of heat energy can be affected by mass, where the total number of particles changes, and by changing velocity of particles, which is a measure of speed and direction of the particles.  Temperature is the average kinetic energy of the particles in a sample and is a measure of heat in a substance.  Heat is related to temperature by the equation:  Q = m•∆T•cP (energy = mass • change in temperature • specific heat capacity).  In this equation the average, temperature, is multiplied by the total amount, mass, and adjusted for different substances ability to change heat energy to temperature, specific heat capacity (this relationship is covered on the unit on thermodynamics). 

In this unit we need to model the behavior of particles and their temperature in order to understand the behavior of gases.  To model temperature a tail is added to a sphere that represents a particle of matter.  Although the different atoms will have different velocities, the model of the average speed is shown with each tail the same distance. 
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Models of Relative Amounts of Heat

Temperature is the average kinetic energy and is represented by the length of the tail.  Heat is both the velocity and the mass so high heat may represent high number of particles or high velocity. 

Measuring Temperature

Temperature is measured with a thermometer.  A standard liquid thermometer works because an increase in temperature causes a liquid in the thin tube to expand and rise up the tube.  Electric thermometers work because of the changing resistance in the metal tip as the temperature changes.  

While Galileo created an early thermometer, it was Gabriel Fahrenheit who made the first mercury thermometers and created a temperature scale shared by many chemists and still used in Britain and the United States.   The Fahrenheit scale assigns 32°F as the freezing point of water and 212°F as the boiling point of water (a difference of 180°).  About twenty years later, two Swedish scientists changed the scale so that it was broken into units of 10.  Carl Linnaeus and Anders Celsius created the centigrade or celsius scale, which used 0°C as the freezing point of water and 100°C as the boiling point of water.  While investigating heat energy, Lord Kelvin proposed that the lowest possible temperature should be when there is no motion of any particles.  The temperature where there is no molecular or atomic motion is called absolute zero and equals 0 Kelvin, 0 K (the  scale [image: image1]is not measured in degrees like Celsius or Fahrenheit).   Absolute zero, like its name implies, is the lowest possible temperature.  While absolute zero has not yet been created, it took extremely sophisticated equipment and very cleaver scientists for atoms to reach temperatures of a billionth of a Kelvin. (http://www.colorado.edu/physics/2000/bec/temperature.html)

The three scales can be converted to each other.  Fahrenheit is rarely used in science but the conversion to Celsius is:  C = 5/9 •(F – 32), where C is the Celsius temperature and F is the Fahrenheit temperature.  For example, “What is the Celsius temperature of 72°C?”  Fill in the formula to give:  C = 5/9 • (72 - 32) and solve to give: 22.2°C 

(note that 5/9 equals 100/180, which is ratio of the differences between melting and boiling for the two scales).  

The conversion between Celsius and Kelvin is even easier:  

K = C + 273  (to be more precise use 273.15).  For example, “What is the Kelvin temperature of 22.2 °C?”  Fill in the formula to give:  K = 22.2°C + 273 and solve to give 295 K (rounded based on rules for significant figures).  

This makes the temperature for absolute zero, 0K, equal to -273.16°C and -459.69°F (see if you can make these conversions yourself).

Modeling States of Matter

Melting point and boiling point of water have specific temperatures for every substance.  These values are temperatures at which a substance changes its state of matter (this is also known as a phase change).  There are three common states of matter: solid, liquid, and gas.  In addition to these states of matter, there is plasma, which is ionized gas.  Plasma is the most plentiful form of matter in the universe since it is found in suns (and fluorescent lights).  There is also the Bose-Einstein condensate, which found for atoms at temperatures very near absolute zero (http://visions.iop.org/v16.html).   

Solids can be modeled as spheres packed together in, usually, organized arrangements.  Solids take up a definite space, not filling the container, and definite volume, not taking the shape of the container.  Liquids are also packed spheres, but they move past each other freely.  Liquids take up a definite space but take the shape of their container (not the volume).  Gases can be imagined as spheres moving randomly with large distances between each particle.  Gases take up the shape and the volume of their container.  

The models below show how scientists visualize the different states of matter.  The models also show how to model atom, molecule, elements, and compounds. 
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Models of Matter

Models are labeled four ways: state of matter, type of pure substance, 

type of individual particle, & how the state of matter fills a container.

The kinetic molecular theory provides the basis for the pictures of the states of matter and for the relationship between heat and the states of matter.  
Kinetic Molecular Theory

Kinetic molecular theory, KMT, is one of the most useful theories in chemistry and is particularly good at explaining the behavior and properties of gases.  In kinetic molecular theory, atoms and molecules collide like super balls bouncing around indefinitely.     

Kinetic molecular theory has five postulates describing the behavior of atoms and molecules.

1. Atoms and molecules of a gas travel in straight lines until they collide but move in random directions.

2. Gas particles act like solid spheres and their behavior follows traditional physics of objects.  They have no attractive or repulsive forces affecting their motion. 

3. Atoms and molecules behave like particles that take up no volume when they are a gas. 

4. Collisions between particles and with the sides of containers are perfectly elastic, which means that no energy is lost when particles collide
 (although the energy can be transferred but the overall energy must remain constant).

5. The energy and speed of the particles is related to the temperature of the substance  (velocity is both speed and direction, so the velocity of the particle is related to temperature too).  Energy = 3/2 RT, where R is a constant, and velocity can be found by the equation  1/2 mv2 = 3/2 RT, which gives  v = √(3RT/m), where R is gas law constant with units of joules, J, 8.314 J/mol•K, and m is mass.

Interactive lecture on KMT: http://www.mpcfaculty.net/mark_bishop/KMT.htm 

There are two excellent simulations on the internet, Molecular Workbench and PhET Simulations, that provide a animations of the behavior of particles.  You are encouraged to refer to these simulations to see how heat and temperature are related and to understand the differences between states of matter. 

Heat and Temperature:  http://sam.concord.org/HeatandTemperature 

Solids, Liquids, and Gases:  http://mw2.concord.org/public/student/stateofmatter/sm.cml &  http://www.concord.org/~btinker/workbench_web/unit1/1-08StatesOfMatter.html 

Phase Changes between Different States of Matter: http://sam.concord.org/PhaseChange  and try http://phet.colorado.edu/en/simulation/states-of-matter 

The kinetic molecular theory provides a basis for visualizing and modeling the behavior of particles as gases.  Consequently, the macroscopic properties of gases, such as pressure, volume, temperature, and mass, can be related to the microscopic models of gases particles that are based on the physics of colliding spheres.  In the next section, we will relate the different laws of gases to our models of particle interactions at an atomic level.

Pressure
Pressure is the amount of force, which is the amount of push and pull, divided by the amount of area.  To reduce pressure and stay up on top of the snow, winter hikers will use snowshoes to distribute the push of their weight over a larger area.  To split a log the pressure of a sledge hammer can be increased by using a wedge, which transfers the force of the hammer to a small area of the point of the wedge.
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Pressure has several units of measurement.  The most common unit for chemists is the atmosphere, but there is also a pascal, which is J/m2 and favored by physicists; mmHg, which is millimeters of mercury; and pounds per square inch, which is used for measuring tire pressure in the US.  The units can be switched either by using dimensional analysis or by the ratios of the different units at the molar volume of gas, 22.4L / 1 mole, at 0°C or 273K.  

The standard pressures at 0°C for a molar volume of gas are: 

1
 atmosphere (atm.), 760 millimeters of mercury (mmHg or torr), 

101.3 kiloPascals (kPa, this is the same as 101,300 Pascals), and 14.7 pounds per square inch (lb/in2).  

Here’s an example of convert pressure using ratio[image: image14.jpg]


s: 

“What is the pressure in kPa of 500mmHg?”             

Known Ratio :               101.3 kPa             =           x kPa                             Unknown Ratio




    760 mmHg                     500 mmHg


Solve (cross multiply if necessary) to give:  x kPa  =  66.6 kPa (3 sig. figs)
In the models, it is the collisions on walls of the container that cause pressure.  These collisions are the force that the gas particles can exert.  For a soap bubble the gas particles are pushing the bubble’s walls outward in a near perfect circle, because their collisions are random.  In fact the pressure of a gas is in all directions, not just up because the density is low enough to allow the bubble to float, and not just down because of gravity pulls earthward on the gas particles. 

Gas Laws

The early history of chemistry is filled with the study of gases.  From Antoine Lavoisier, (who was beheaded by the guillotine), whose careful qualitative measurements and well-designed experiments helped give him the name Father of Modern Chemsitry, to James Presely, who contributed to the discovery of oxygen, to Robert Boyle, whose book The Sceptical Chymist presented a view of gases as particles, to Joseph Louis Gay-Lussac, who used a strong acid and a metal to form hydrogen gas for a lighter-than-air balloon that floated up to 23,000 feet to aid in his study of pressure and temperature variations.  These chemists and others discovered new elements, and they did formulated new laws in the earliest days of chemistry.

Learn more about some historic chemists at http://www.chemheritage.org/classroom/chemach/index.html and http://web.lemoyne.edu/~giunta/index.html .

Boyle’s Law
Boyle’s Law states that changes in pressure are inversely proportional to volume.  You understand the law from your own experiences.  How would you increase pressure by increasing or decreasing the volume?  Just like an empty water bottle, the pressure inside is increased with the decrease in the volume of the container.  Robert Boyle showed that there is a mathematical relationship between the two factors and showed that they are related to a constant, k, by the equation:  k = P•V, at constant temperature & amounts of gas.

Charles’ Law

Charles’ Law relates the change in volume to temperature.  Again you probably understand from your experiences what would happen to the vol[image: image15.jpg]
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ume of a container filled with gas that is heated?  Like a thin plastic empty water bottle left out in the sun or placed in a freezer, an increase in temperature causes the volume to increase.  Jacques Charles showed that changes in temperature are

 proportional to changes in the volume of a gas at constant pressure and amount of gas, or the equation:  k = V/T.

Avogadro’s Principle or Avogadro’s Hypothesis (or Avogadro’s Law)

You know that increasing the amount of gas will expand a container and you may even realize that adding twice as much gas expands a container, like a plastic bag, twice as big.  But it wasn’t clear that every gas actually

 obeyed this relationship in exactly the same way.  Avogadro hypothesized that equal volumes

of gases contained equal numbers of atoms or molecules.  Thus at constant pressure and temperature the change in the amount of gas is proportional to the volume of the gas, or: k = n/V, where n is the variable for the moles of gas.

Gay-Lussac’s or Amontons’s Law

Gay-Lussac’s actually published Charles’s Law first, but he was actually not the first person to discover the law experimentally, that was of course Jacques Charles.  So he is often associated with a law regarding the relationship of pressure and temperature.  But more correctly, Amontons’s Law states that the change in the pressure of a gas is proportional to the temperature change: [image: image18.jpg]


k = P/T.

Each of these laws can be graphed with a constant slope, k.
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These graphs show how the gas laws provide formula’s that are used to solve for unknown pressure, temperature, volume, and amount of gas.  Notice that all the laws provide a graph where all points on the graph give the same slope, k.  Therefore, Boyle’s law becomes 

P1V1 = P2V2, where P1 and V1 represent the initial conditions of the pressure and volume of the gas, and where P2 and V2 are the final conditions of the gas after a change.  

The equations associated with each gas law are:

Boyle’s Law :  P1•V1 = P2•V2

Charles’ Law :  V1/T1= V2/T2
Amonton’s Law :  P1/T1= P2/T2

Avogadro’s Principle : V1/n1= V2/n2       (n = moles)

Here’s an example of a question that requires Boyle’s Law:  “A gas is held in a 3.0 L container at 1 atm.  What is the pressure of the gas if the volume is collapsed to 1.0 L?”  I suggest a problem solving method where you list the variables and their amounts by reading carefully through the word problem, choose a formula based on the variables, fill in the formula (show work if necessary) and write the answer with units.  All problems that use a given formula can use these steps to solve word problems.   


Variables

|    Formula
    |  Work (filled in formula)      |    Answer w/ Units
 P1 = 1 atm
      P2 = x
 | P1V1=P2V2      |     1atm•3.0 L = x • 1.0 L         |
3.0 atm

  V1 = 3.0 L
      V2 = 1.0 L
 |
                |

Here are some hints to use the method most effectively:

1) First identify the unknown in the problem. This way you avoid placing a number where the x should go and it helps determine the correct formula.

2)  Compare the variables to make sure they have the same and correct units of measurement, that is, the pressure units are the same, the temperature units are the same, etc.  Convert units if necessary so that the units are the same. 

3) Check to see if you have been given all the variables you need to answer the question with your formula, otherwise, you may need a different formula.   Sometimes a more careful reading of the problem shows that you should use 1 mole or use known values like STP or that the volume, pressure, temperature, or amount of gas is constant so the beginning and ending values are the same.

4) Finally, the units of the unknown are usually the units of the paired variable; so in our first example use P1 to determine the units of P2.  

5) Read the question and make sure you have answered the question.  Often the answer is one more step beyond the gas law like changing to new units or finding the difference of change.

Always Use Kelvin!

To use gas law formulae correctly there can be no negative numbers, because this would lead to negative volumes and negative pressures: which are impossible.  Since the Celsius scale includes negative numbers it can’t be used for any gas calculation, unless it requires ∆T, or change in temperature.   Always use Kelvin temperatures for gas law problems.  

More Examples:

“What is the pressure of a gas held in a rigid container if 2.0 atm of gas is heated from 25°C to 100°C?”


Variables

|     Formula     |  Work (filled in formula)    |    Answer w/ Units
  P1 = 2.0 atm    P2 = x
 |  P1 =  P2           |   2.0 atm•298K = x•373K
     |
x = 1.6 atm

  T1 = 25°C
    T2 = 100 °C |  T1     T2
    |

  T1 = 298 K      T2 = 373 K           {always convert to Kelvin}

“Find the volume of a gas that is held in a flexible container at a constant pressure as it is heated from 400K to 750K, if the original volume of the container was 0.50 L.”

 
Variables
            |  Formula
|  Work (filled in formula)    |    Answer w/ Units
  V1 = 0.50 L    V2 = x
                                                | V1 =  V2         |   0.50 L =        x
                       |
  x = 0.94 L

  T1 = 400 K
    T2 = 750K   |  T1      T2
 |   400K
750K

For more on rounding using significant figures see: http://www.fordhamprep.org/gcurran/sho/sho/lessons/lesson23.htm .

“In a chemical reaction, the amount of gas was increased from 0.25 moles to 1.33 moles.  If the pressure and temperature were constant and the volume increased from 10.0 L to a new volume, then what is the new volume in mL ?”

 
Variables

    |  Formula
      |  Work (filled in formula)    |    Answer w/ Units
  V1 = 10.0 L atm    P2 = x
              |  V1 =  V2         |   10 L       =     x 
                     |
       x = 13 L

  n1 = 0.25 mol  n2 = 0.33 mol    |  n1      n2
      | 0.25mol    0.33 mol



    


{convert to answer to the question}
  1300 mL

Use Your Experiences
Knowing how to use these gas laws is great, but your own experience is very useful for making sure that the answers are correct.  Conceptually, you should be able to answer any question about changing pressure, volume, temperature, or moles, changes any of the other variables.  For example, “If the temperature increases then the volume of the container holding the gas at constant pressure will  a) increase   b) decrease  c) stay the same?”  You could probably answer this question using your own experience, with a balloon in a hot car, a ball left out in the sun, or a water bottle that expands when left in the heat.  Each of the gas laws states a relationship like this that you should be able to answer conceptually (that is without numbers but with terms like increase, double, decrease, remain constant).  Also when you complete a gas law problem, check to see if the answer makes sense by asking if it makes sense that the value increased or decreased.  
Combined Gas Law

All of these simple gas equations can be combined into one equation called the combined gas law:  P1V1  =  P2 V2          {the amount of gas                           { if it doesn’t            P1V1  =  P2 V2
           T1            T2              remains constant usually}                  use this}               n1T1        n2T2 

The combined gas law is used when a gas is changed from one set of conditions to another set of conditions.  For example

“A gas is held in a 2.00 L flexible container at 450 mmHg at a temperature of 300K.  When the container is reduced to 1.00 L and the temperature is reduced to 200K what is the new pressure in the container?”

 
Variables

    |    Formula     |  Work (filled in formula)    |    Answer w/ Units
  P1 = 450mmHg  P2 = x
              |  P1V1 =  P2V2 |   450mmHg•2.00L   =   x•1.00L  |      x = 600 mmHg

  V1 = 2.00L           V2 = 1.00L   |     T1          T2    |     300 K

       200 K
  T1 = 300 K
       T2 = 200K
           {the amount of gas, n, remains constant}

Here is an example where the initial conditions are not listed first.  Notice how the beginning conditions are labeled “1” and the ending conditions “2”.

“In an experiment, the pressure of a gas increases to 100 kPa.  Originally the temperature was 25°C but the experiment raised the temperature to 55°C.  If the final volume was 3.00 L, then what was the original pressure in a volume of 2.00 L? “

 
Variables

    |     Formula    |  Work (filled in formula)    |    Answer w/ Units
  P1 = x                P2 =100 kPa          |  P1V1 =  P2V2 |   x•2.00L   =   100kPa•3.00L  |
       x = 136 kPa

  V1 = 2.00L        V2 = 3.00L       |      T1          T2    |     298 K
               328 K
  T1 = 25°C
    T2 = 55°C
           

  T1 = 298 K
    T2 = 328 K             {Always use Kelvin!}

STP
Standard temperature and pressure are the standard conditions for gases when using gas laws.  The standard temperature and pressure, STP, are 273.15 K (0°C) and 1 atm. (760 mmHg or 101.3 kPa).   You have to memorize these values and use them when a problem mentions STP.  For example, 

“A gas in a 5.00 L container is at STP.  It is allowed to expand to 10.00 L while the pressure is increased to 120 kPa. What is the new temperature of the gas?”

    Variables
              |    Formula     |  Work (filled in formula)      |    Answer w/ Units
  P1 = 1 atm        P2 =120 kPa    |  P1V1 =  P2V2 | 101.3kPa•5.00L = 120kPa•10.00L  |
       x = 647 K

  P1 = 101.3 kPa                                 |      T1          T2   |         273 K
                          x
  V1 = 5.0 L
      V2 = 10.0 L           

  T1 = 273 K
       T2 = x                                 {Pressure units must be the same.}

Ideal Gas Law

The ideal gas law is an extension of the combined gas law where all the “1” variables are filled with the values for a molar volume of gas at STP.    The first set of conditions are simply the variables P, V, T, and n (so the calculation will give a new equation).


    Variables
       |      Formula    |  Work (filled in formula)  |   Reduced Expression
  P1 = 1 atm        P2 = P      |  P1V1 =  P2V2  |         1 atm•22.4L = P•V      | 0.0821 atm•L  =  PV = R
   V1 = 22.4 L         V2 = V    |   n1 T1    n2 T2  |        1 mol • 273 K
   n•T                      mol•K     nT
   T1 = 273 K
    T2 = T      |

   n1 = 1 mol
    n2 = n      |      {add n to the combined gas law}

 We end up with the Ideal Gas Law:   P•V  = R.  or rearranged it becomes PV = nRT
                                                                   n•T

The constant, R, is called the ideal gas law constant and has values of:


R = 0.0821  atm•L    or    R = 8.314 kPa•L    or     R = 62.4 mmHg•L



        mol•K

            mol•K                           mol•K

These R’s differ only in the units of pressure and the units of pressure must be the same for R and for the variable, P.  If you only know one R value then convert the pressure to the correct units. 

Example problems

“8.00 moles of methane gas is pressurized to 10.0 atm.  At 25°C what volume does the gas take up?”  


    Variables
            |   Formula    |  Work (filled in formula)             |   Answer & Units
 P1 = 10.0 atm     P2 = NG     |    P1V1 = R    |      10.0 atm•x =   0.0821 atm•L   |    196 L
 V1 = x                         V2 = NG    |    n1 T1           | 8.00  mol • 298 K
           mol•K    

 T1 = 25°C 
    T2 = NG      |

 T1 = 298 K

 n1 = 8.00 mol
    n2 = NG      |      {add n to the combined gas law}

NG is not given.  This is an ideal gas law problem because to determine the volume you are using one set of conditions for the gas.  Also, three of the four variables for the gas are given so the ideal gas law can be applied.  The combined gas law is used when there are multiple values for pressure, volume, temperature and even moles, while the ideal gas law is used when you have three of the four variables of the gas. 

“The container holding a gas is changed from 3.00 L to 0.50 L.  If the new pressure is 200 kPa at 200K then how many moles of gas are in the container?”


    Variables
          |   Formula    |    Work (filled in formula)          |   Answer & Units
 P1 = NG      P2 = 200kPa     |    P1V1 = R    |   200 kPa•0.50L = 8.314 kPa•L   |    0.0601 mol
 V1 = 3.00L   V2 = 0.50 L      |    n1 T1           |    x mol • 200K
          mol•K    

 T1 = NG      T2 = 200K          |                                                    {R is chosen because of the pressure units}
 n1 = NG       n2 = x                   |   {3 of the 4 variables are given}    

Ideal Gases & Real Gases

This unit has been based on the hypothesis that all gases behave exactly the same.  The kinetic molecular theory support the idea of ideal gases by the two postulates:  1) all gases have volumes that are insignificant compared to their container, and 2) all gases have no attractive or repulsive forces that affect their motion.  If these two hypotheses are true then the behavior of gases is constant regardless of the size of the gas or by its attractive character, such as hydrogen bonding, dipole-dipole force, or London forces.  

For many gases, these assumptions are true especially when the temperatures are high (like a baking oven) and the pressures are low (like atmospheric pressure).  So large molecular gases like perfumes and gasoline behave like small molecular gases like H2, O2, and N2, or atomic gases like He and Ne.  Moreover, polar molecules like water and alcohols, provide results similar to small non-polar molecules like methane, CH4, and fluorine, F2, at high temperatures that increase the energy of the moving molecules.  

Of course gases no longer behave like ideal gases when the temperatures are low and the pressures are high or when the gas has significant volume or attractive forces.  The ideal gas laws are remarkably successful at calculating accurate results, but they can be improved upon to account for the size and attractive forces of a gas.  Van der Waal’s equation can be used to accurately reflect the behavior of real gases because it includes two extra factors:  a, a coefficient that corrects for attractive forces, and b, a coefficient that corrects for size.  


[P+ a(  n  ) ]•  [  V  – b ] =  RT


            V             n
To use this equation a table of a and b values is provided, but nearly all problems in chemistry use the gas laws and very few problems require the use of the more refined Van der Waal’s equation. 

Dalton’s Law of Partial Pressure

In a mixture of gases, each type of gas causes its own pressure by colliding with the walls of the container.  Partial Pressure is the portion of the total pressure that is due to a certain gas.  The total pressure, PT, is equal to all the partial pressures added together:  PT = Pa + Pb + … Pfinal.  This is Dalton’s Law of Partial Pressure, which states that the total pressure is equal to the sum of the partial pressures.   The partial pressure of any gas can be found using the ideal gas law:  PaV = naRT, where na represents one type of the gas.  

Moreover, if the gases in the mixture all behave the same way, then the sum of the moles of gas can be used to find the total pressure, PT:   PTV = (na + nb ... + nfinal)RT, where na is the moles of one gas, nb is moles of a second gas, and so on to the final gas, nfinal.  Many problems will have multiple gases in them.  To solve for pressure you can determine the pressure of each gas, or you can combine moles of gas to determine the total pressure of all gases. 

Another equation that can be derived from this relationship uses a mole fraction.  A mole fraction is the moles of a gas a divided by the total amount of gas:  Χa = na /nT.  By manipulating the equations of Pa and PT from the ideal gas law the partial pressure can be found by:  Pa = PT • Χa.  

Graham’s Law

Graham’s Law is an equation that compares the velocity of two gases with the molar mass of the gas.  From your own experience, you should know that a small object can be thrown faster than a large object if the same amount of energy is used.  Thus gases with a small molar mass will travel faster than gases with larger molar masses if the temperature (which reflects energy) is the same. 

The energy of a particle can be determined by two equations: Energy = 1/2 mv2 = 3/2 RT, where m is mass, v is velocity, R is the ideal gas law constant with units of joules, J (8.314 J/mol•K), and T is temperature.  At the same temperature, the 3/2RT term is constant for any gas.  Thus, two gases have velocities that are related by:

1/2 mavb2 = 1/2 mbvb2   leads to  mavb2 = mbvb2  which becomes  ma/mb = vb2/va2   

Using molar mass, M, for mass and taking the square root of both sides, gives Graham’s Law.


 ∕ma   = ⎛ ma ⎞½ =  vb             

            √  mb      ⎝ mb ⎠       va                     

A common mistake is to keep ma and va in the numerator on both sides of the equation.  The “a” switches from the numerator to the denominator on the other side of the equation.

For example

“A sample of helium effuses (which means the gas passes through a small hole into a vacuum—so no particles affect it motion) from a container at a rate of 1 mole in 64 seconds.  How long will it take 1 mole of oxygen effuse from the same container at the same temperature?”   


    Variables
                         |  Formula    | Work (filled in formula) |Answer & Units
  MHe = 4.0 amu   MO2 = 32.0 amu | ( ma )½ = vb |    (4)½ =             x                 rate = 0.00552 mol/s
   vHe =  1mol/64 sec      vO2 = x        |  ( mb)½     va |    (32)½    (1mol/64sec)              







{answer the question}    time = 181 s for 1 mole

Note that (4)½/(32)½ = (4/32)½ .

Also rate is moles per unit time.  So once rate is determined, solve for time by: Rate = n/time (and n is usually 1).

Another example, “What noble gas effuses 2.2 times slower than ammonia, NH3?” 


    Variables
                         |  Formula    | Work (filled in formula) |Answer & Units
  MNH3 = 17.0 amu   Mx = x amu    | ( ma )½ = vb |    (17)½ =         1                 x = 82.28 amu
   vNH3   =  1                           vx = 1/2.2•1   |   (mb)½     va |     (x)½             2.2              

  vNH3   =  2.2                       vx =  1


{answer the question}      82~84 = Kr, krypton

Graham’s law is about comparisons.  That is “the noble gas is 2.2 times slower.”  You don’t use the exact velocity (usually); you use the ratio of the velocities. 

Maxwell-Boltzmann Distribution

As Graham’s law shows mass affects speed and smaller molecules can reach higher speeds at the same temperature.  Since the velocity of atoms is random some molecules will travel slowly and others quickly.  There will be a whole distribution of speeds (a bell curve), but for molecules with low molar mass, the distribution is broader since these molecules can attain higher speeds with their low mass.  This idea is shown in the graph at the right.


Maxwell-Boltzmann Distribution

http://commons.wikimedia.org/wiki/File:Maxwell-Boltzmann_speed_distributions.png 

Summary

The behavior of gases can be modeled as an infinitely small, neutral spheres acting as atoms and molecules of any gas.  The pressure of gases is caused by the collisions of the particles of gas against the container walls, and the temperature of a gas is proportional to the velocity of the particles.  These behaviors are incorporated into the kinetic molecular theory, KMT, which also states that gases move randomly in direction and velocity, have no volume or attractive forces, and collide without loss of energy( perfectly elastic collisions).  Temperature is measured in Celsius and Kelvin in chemistry, but Kelvin temperatures must be used in gas law equations.  The conversion between the two temperature scales is K = C + 273.  Pressure = force/area and is measured in atmospheres (atm.), millimeters of mercury (mmHg or torr), and kilopascals (kPa, which is based on SI units kJ/m2).  Pressure can be converted from one unit to the other using ratios where the standard values are one ratio and the known and unknown values are the other ratio.  Standard values for pressure are: 1 atm, 760 mmHg, and 101.3 kPa.

Nearly all gases behave the same at typical conditions like room temperature and sea level pressure.  We calculate the behavior of gases very closely by assuming they are ideal gases.  Gas laws are mathematical relationships between the variables of a gas in a container: pressure, P, volume, V, temperature, T, and moles of gas, n.  Some gas laws have two variables:  Boyle’s Law, P1V1 = P2V2 ; Charles’ Law, V1/T1 = V2/T2 ; Avogadro’s Principle, 

V1/n1 = V2/n2 ; and Amontons’ Law, P1/T1 = P2/T2.  The combined gas law is used when more than one of the variables changes:  P1V1  =  P2V2   when n is constant,      or:   P1V1  =  P2V2   . 

                                                                T1           T2                                                                               n1T1           n2T2

One mole of all ideal gases fills 22.4 L at standard temperature and pressure, STP, which is 273 K and 1 atm.  22.4L is the molar volume of a gas.  Filling in the combined gas law with these constant values in the variables labeled “2”, leads to the ideal gas law and R, the ideal gas law constant: P1V1 = P2V2 ; leads to P1V1  = 1atm•22.4L  = 0.0821 atm•L  = R; thus P1V1  = R

                                n1T1        n2T2                   n1T1     1mol•273K                 mol•K                    n1T1 

Rearranged the ideal gas law is PV = nRT where R is the ideal gas law constant that changes as the pressure unit changes:  R = 0.0821 atm•L  =  8.314 kPa•L = 62.4 mmHg•L . 

                                                                   mol•K                mol•K              mol•K

The ideal gas law is used when three of the four variables of a gas are known and the question asks for the fourth variable. 

The particle gas model uses physics to model the behaviors and characteristics of a gas.  The speed or velocity of a gas particle is fast when the particle’s molar mass is small and slower when the particle’s molar mass is large (just like with everyday objects like balls).  Graham’s Law quantifies the ratio of velocity and mass allowing the calculation of relative speeds and 

masses:  Ma  =  vb2        leads to     ∕Ma =  vb    or  ⎛ Ma ⎞½  =  vb         {notice “a” and “b” switch

               Mb         va2                         √ Mb      va           ⎝ Mb ⎠        va           between top and bottom}

Gases and Their Properties 

4.The kinetic molecular theory describes the motion of atoms and molecules and explains the properties of gases. As a basis for understanding this concept:
a.Students know the random motion of molecules and their collisions with a surface create the observable pressure on that surface.
b.Students know the random motion of molecules explains the diffusion of gases.
c.
Students know how to apply the gas laws to relations between the pressure, temperature, and volume of any amount of an ideal gas or any mixture of ideal gases.

d.Students know the values and meanings of standard temperature and pressure (STP).

e.
Students know how to convert between the Celsius and Kelvin temperature scales.

f.
Students know there is no temperature lower than 0 Kelvin.

g.* Students know the kinetic theory of gases relates the absolute temperature of a gas to the average kinetic energy of its molecules or atoms.

h.* Students know how to solve problems by using the ideal gas law in the form PV = nRT.

i.
* Students know how to apply Dalton's law of partial pressures to describe the composition of gases and Graham's law to predict diffusion of gases.

Starred standards are non-tested standards on the California Standards Test
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�Is this correct?


�Realign text.





