ASSIGNMENT SIX

G A S    L A W S
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*The Gas Laws*

Kinetic Molecular Theory of Gases

1)  Gases consist of particles (atoms or molecules) in continuous, random motions.  Particles undergo frequent collisions with one another and with the container wall.  

2)  Collisions between gas particles are elastic.  When two particles collide, their individual energies may change, but the total energy of the system stays the same.

3)  The volume occupied by the atoms and/or molecules in a gas are negligibly small. In a sample of gas, the actual volumes of the molecules is so small, it is considered zero.

4)  The attractive forces between the atoms and/or molecules in a gas are negligible. In a sample of gas, the attractive forces are overcome by the speed and distance between the molecules.

5)  The average kinetic energy of a molecule or atom in a gas is directly proportional to the Kelvin temperature of the gas.  As the temperature of a sample of gas changes, the kinetic energy changes as a result of the change in temperature.

** The kinetic theory has been modified only slightly since then.  These postulates are assumptions for the imaginary ideal gas. You can just assume these laws are true. 
Important Laws:

1. Boyle’s Law


Boyle’s law states that the volume of a fixed amount of gas at a given temperature is inversely proportional to the pressure exerted.

Boyle’s Law: P​1V1 = P2V2
Example Problem

A sample of gaseous nitrogen in an automobile air bag has a pressure of 745 mm Hg in a 35.0 L bag.  If the same amount of nitrogen is used in a  25.0 L bag, what is the pressure of the gas in the smaller bag? Assume constant temperature.

Solution:

Original Conditions

Final Conditions

______________________________________________________________
P1 = 745 mm Hg


P2 = ?

V1 = 35.0 L


V2 = 25.0 L

______________________________________________________________
Use the Boyle’s Law, P​1V1 = P2V2; therefore,

 = (745 mm Hg)(35.0 L) / (25.0 L) = 1040 mm Hg
2. Charles’s Law


This law shows the effect of temperature on the volume of gas.  The law states that if a given quantity of gas is held at a constant pressure, its volume is directly proportional to the absolute temperature. The temperature must be converted to Kelvin for the equation to work. **Kelvin conversion = °C + 273

Example Problem

Suppose you have a sample of O2 in a gas-tight syringe.  The gas volume is 25.0 mL at 20.0°C.  What is the final volume of the gas if you hold the syringe in your hand to raise its temperature to 10°C? 

Solution:

Original Conditions


Final Conditions

V1 = 25.0 mL




V2 = ?

T1 = 20 + 273 = 293 K


T2 = 37 + 273 = 310. K

_________________________________________________________________
Use Charles’s Law, V1 / T1 = V2 / T2; therefore,

V2 = T2(V1 / T1) = (310. K) (25.0 mL / 293 K) = 26.5 mL
Charles’s Law: V1/T1 = V2/T2
3. Avogadro’s Law

Avogadro’s hypothesis was that equal volumes of gases under the same conditions of temperature and pressure have equal numbers of molecules.  From this hypothesis, the Avogadro’s Law was derived.  Avogadro’s Law is defined as the volume of a gas, at a given temperature and pressure, is directly proportional to the quantity of gas. When a gas is at standard temperature and pressure (STP), 0°C and 1 atm pressure, exactly 1 mol of gas occupies 22.414 L. Avogadro’s Law: n1/V1 = n2/V2
Example Problem

N2 (g) + 3 H2 (g)  2 NH3 (g)

If one begins with 15.0 L of H2​ (g) at a given T and P, what volume of N2 (g) is required for complete reaction (at the same T and P)?  What is the theoretical yield of NH​3, in liters?

Solution:

Since the volume and the number of moles of a gas are proportional, the problem can be treated like a stoichiometry problem by using volume of gas.

1. Calculate the volume of N2 required.

   15.0 L H2 (g) available (1.00 L of N2 (g) required / 3.00 L H2 (g) available) = 5.00 L N2 (g) required
2. Calculate the volume of NH3 produced.

    15.0 L H2 (g) available (2.00 L NH3 (g) produced / 3.00 L H2 (g) available) = 10.0 L NH3 produced
4. Ideal Gas Law ( Most Important! 

State of gas can be described with pressure, volume, temperature, and quantity (moles).  There are three gas laws that are used for the interrelated quantities.  There is one more law that can be used to find out about any of the quantity if all the others remain fixed.  This law is called the ideal gas law.  All of the other three laws previously mentioned can be derived from the Ideal Gas Law.  There is no such thing as an “ideal” gas, but many real gases are close to being “idealistic”.  The Ideal Gas Law is PV = nRT, where R is the proportionality gas constant.  **R is equal to 62.4 mm Hg L / mole K, or 0.0821 atm L / mole K. 

Example Problem

The nitrogen gas in an air bag, with a volume of 35 L, exerts a pressure of 1.1atm at 25.0°C.  How many moles of N2 are in the air bag?

Solution:

Information provided

V = 35 L
P = 1.1atm
T = 25.0°C
n = ?

______________________________________________________________
1)  Since the pressure is expressed as atm, we will use R = 0.0821 atmL / moleK

2)  Rearrange the Ideal Gas Law to solve for the number of moles: n = PV / RT
n = (1.1 atm) (35 L) / (0.0821 Latm / Kmole) (298 K) = 1.6 mole N2
5. Dalton’s Law of Partial Pressures

In 1803, John Dalton came up with a statement known as Dalton’s Law of Partial Pressures.  It says: 

For a mixture of gases in a container, the total pressure is the sum of the partial pressures of the gases present.  The partial pressure of a gas is the pressure that the gas would exert if it were alone in the container. 

For a mixture containing three gases, this statement ca be expressed by:

P(total) = P1 + P2 + P3
The subscripts refer to the individual gases (gas 1, gas 2, gas 3).  The pressures of those individual gases are the partial pressures (P1, P2, P3) each gas is responsible for its own part in the total pressure of the mixture.  You can calculate the partial pressures of each gas from the ideal gas law if the gases are assumed to behave ideally.

P1 = n1RT/V

P2 = n2RT/V

P3 = n3RT/V

P(total) = n(total) (RT/V)
~n(total) is the sum of the number of moles of the gases in the mixture.  It is the total number of moles of particles that is important, not the identity of the individual gas particles.  

The pressure exerted by an ideal gas is affected by the number of gas particles and is independent of the nature of the gas.  This tells us two important things about ideal gases: 

1. The volume of the individual gas particle (atom or molecule) must be very small compared to the total volume of gas.

2. The attractions among the particles are so weak, they can be ignored.

If those factors were important, the pressure of the gas would depend on the nature of the individual particles. 


Assignment 6

1.
A sample of NO​​2 gas is placed in a 125 mL flask where it exerts a pressure of 67.5 mm Hg.  What is the pressure of this gas sample when it is transferred to a 500. mL flask at the same temperature?

2.
A sample of N2 gas is placed in a container with an unknown volume where it exerts a pressure of 55 mm Hg. The sample is moved to a new flask with a volume of 88 mL in which the pressure of the gas is 78 mm Hg.  Find the volume of the first flask.  Assume that temperature is constant.

3.
A balloon is inflated with helium to a volume of 45 L at 25.0˚C.  If the balloon is inflated with the same quantity of helium on a very cold day (-10.0˚C), what is the new volume of the balloon?

4.
You have 3.5 L of hydrogen at a temperature of 22.0˚C. At what temperature will the volume occupy 3.7 L? (The pressure of the helium sample is constant.)

5.
Methane burns in oxygen to give the products, CO​​​2 and H2O.



CH4 (g) + 2 O2 (g )==> 2 H2O (g) + CO2​ (g)


If 22.4 L of gaseous CH4 is burned, what volume of O2 is required for complete combustion?  What volumes of H2O and CO2 are produced?  Assume all gases are measured at the same temperature and pressure.

6.
Using the same reaction as Problem #5, how many liters of O2 are required for complete reaction with 5.2 L of CH4?  How many liters of H2O vapor are produced?  Assume all gases are measured at the same temperature and pressure.

7.
Three 1.00 L flasks at 25.0 °C and 1013 hPa pressure contain: CH4 (flask A), CO2 (flask B) and NH3 (flask C). Which flask (or none) contains 0.041 mol of gas?
8.
 At STP, a 5.00 L flask filled with air has a mass of 543.251 g. The air in the flask is replaced        with another gas and the mass of the flask is 566.107 g. The density of air is 1.29 g/L. What is the gas that replaced the air?
9.
A 2.0 L flask contains a mixture of nitrogen gas and oxygen gas at 25˚C.  The total pressure of the gaseous mixture is 0.91 atm, and the mixture is known to contain 0.050 mol of N2.  Calculate the partial pressure of oxygen and the moles of oxygen present.

10. Consider a sample of hydrogen gas collected over water of 25˚C where the vapor pressure of water is 24 torr.  The volume occupied by the gaseous mixture is 0.500 L, and the total pressure is 0.950 atm.  Calculate the partial pressure of H2 and the number of moles of H2 present. 

11. 20.0 grams of Solid Calcium Carbonate is placed in a flask with excess Hydrochloric Acid at 740 mm Hg and at 30oC.  What volume of dry CO2 will be produced? 

Solutions
1. P2 = P1V1 / V2    (67.5mm Hg * .125 L)/ (.5 L)= 16.9 mm Hg
2. V2 = P1V1 / P2    (.088 L * 78 mm Hg)/(55 mm Hg)= 125 mL
3. V2 = T2(V1 / T1) 1. Convert all temperatures to Kelvin scale by adding 273.

   (263K)(45L/298 K)= 40 L
4. T2 = V2(T1 / V1) 1. Convert all temperatures to Kelvin scale by adding 273.

    (3.7L)(295K/3.5L)= 312 K or 39.0°C
5. According to the balanced equation, you need two moles of oxygen to combust one mole of methane. If there is one mole of methane in 22.4 L of methane, you need twice that amount, 44.8 moles, of oxygen. By looking at the balanced equation, you see that you receive one mole of carbon-dioxide and two moles of water for every mole of methane. The volumes of the products are 22.4L for CO​​​2 and 2(22.4L) or 44.8L for water.

6. You need twice the amount of oxygen as there is methane, so you multiply the volume of
methane by two. 2(5.2 L) = 10.4 L oxygen. According to the balanced equation, you get the same amount of water as the amount of oxygen you put in, 10.4 L.

7. Three important points:
     * All three flasks are at equal pressures (by the way, 1013 hPa is not usually seen. It is the same as 101.3 kPa, which is 1 atmosphere).

     * All three flasks are at the same temperature.

     * All three flasks have the same volume.

     The above satisfies Avogadro’s Hypothesis: equal volumes of gases under the same conditions               of pressure and temperature, contain equal number of molecules.

     Therefore, all three flasks either all contain 0.041 mol or none does. We will check flask A, using PV = nRT:

    (1.00 atm) (1.00 L) = (n) (0.08206 L atm mol¯1 K¯1) (298 K)

    n = 0.0409 mol

   All three flasks contain 0.041 mol 

8.  First calculate mass of air in flask:
1.29 g/L times 5.00 L = 6.45 g

  Then the mass of flask:

543.251 g minus 6.45 g = 536.801 g

  Next, calculate mass of unknown gas:

566.107 g minus 536.801 g = 29.306 g

Calculate moles of unknown gas:

PV = nRT

(1.00 atm) (5.00 L) = (n) (0.08206) (273 K)

n = 0.22319 mol

 
Calculate molar mass of unknown gas:

29.306 g / 0.22319 mol = 131.3 g/mol

The unknown gas could be Xenon.
9. Using the Ideal Gas Law, find the pressure of N2

pressure of  N2 = (nRT)/(V)



= (.050 mol * [0.0821 atm L /  mol K ] * 298 K ) / (2.0 L ) = 0.61 atm N2


pressure of O2 = 0.91 atm – 0.61 atm= 0.30 atm O2

Using the Ideal Gas Law, find the moles by n = (PV) / (RT)


n = (0.30 atm O2  * 2.0 L ) / ([0.0821 atm L / mol K ] * 298 K ) = 0.025 mol O2
10. 1 torr = 1 mm Hg, therefore 24 torr = 24 mm Hg H2O


total pressure = (.950 atm ) * (760 mm Hg / 1 atm ) = 722 mm Hg total


pressure H2 = total pressure – pressure of H2O



= 722 mm Hg – 24 mm Hg = 698 mm Hg H2 

Using the Ideal Gas Law, you can find moles of H2  by n = (PV) / (RT)


n = (698 mm Hg * .5 L ) / ([62.4 mm Hg L / mol K] * 298 K) = 0.0188 mol H2
11. CaCO3 + 2H+ + 2Cl- ( CaCl2 + CO2 + H2O

    20.0 grams (mol/100.1g)= .200 moles of CaCO3
    .200 mol CaCO3 x (1 CO2/1CaCO3) = .200 mol CO2       




(BEC)





PV = nRT ( V = (nRT)/P

[.200 mol CO2 (62.4 mmL/mol K)(30+273 K)]/740mm
= 5.11 L CO2
Example problem


Mixtures of helium and oxygen are used in the “air” tanks of underwater divers for deep dives.  For a particular dive, 12 L of O2 at 25(C and 1.0 atm and 46 L of He at 25(C and 1.0 atm were both pumped into a 5.0 L tank.  Calculate the partial pressure of each gas and the total pressure in the tank at 25(C. 


Solution:


Because the partial pressure of each gas depends on the moles of that gas present, we must first calculate the number of moles of each gas by using the ideal gas law in the form:


n = PV/RT


From the above description we know that


P = 1.0 atm


V = 12 L for O2 and 46 L for He


T = 25 + 273 = 298 K


R = 0.0821 L atm/K mol





Moles of O2 = (1.0 atm) (12 L) / (0.0821 L atm/K mol) (298 K) = 0.49 moles


	Moles of He = (1.0 atm) (46L) / (0.0821 L atm/K mol) (298 K) = 1.9 moles





The tank containing the mixture has a volume of 5.0L, and the temperature is 25(C (298 K).  We can use this data and the ideal gas law to calculate the partial pressure of each gas.


P(O2) = (0.49 mole)(0.0821 L atm/K mol) (298 K)/ 5.0L = 2.4 atm


	P(He) = (1.9 mole)(0.0821 L atm/K mole) (298 L)/ 5.0 L = 9.3 atm


The total pressure is the sum of the partial pressures:


	P(total) = 2.4 atm + 9.3 atm = 11.7 atm








