AP Chemistry Fall 2011 Final Review Chapters 
You should be able to do the following:

· Calculate

· Density

· Significant figurations

· Define precision and accuracy

· Relate atomic structure to the model of the atom

· Classify materials in terms of element, compounds, and mixtures

· Name chemical compounds & acids

· Perform mole calculations

· Calculate empirical and molecular formula from percent composition

· Perform stoichiometric calculations including limiting reactant and percent yield

· Define the terms concentration and molarity.

· Calculate the molarity of a solution and describe how the solution is made (in DETAIL). 

· Perform calculations using stoiciometry and limiting reagent problems from Unit 3, given initial amounts of reactants (or products) in terms of molarity and volume of solution. 

· Know general solubility rules and prediction of precipitate production.

· Be able to write molecular or ionic equations

· Predict the products from single displacement or double displacement reaction  

· Know strong vs. weak acids and bases

· Write the neutralization equation for a reaction between an acid and a base, either as a 
molecular equation or as a net ionic equation

· Be able to assign oxidation numbers to all elements in any compound

· Define the terms oxidation, reduction, oxidizing agent and reducing agent.

· Balance oxidation-reduction reactions in acidic or basic solutions using the method of half-
reactions (ion-electron method).

· You need to know how to do dilutions and titration calculations.

· AP EQUATIONS – NET IONICS
· define the term atmospheric pressure and describe how a mercury barometer works.

· state the units for measuring pressure and carry out conversions between different pressure units.

· state the mathematical relationship for Boyle's Law and carry out calculations using the relationship.

· state the mathematical relationship for Charles' Law and carry out calculations using the relationship.

· describe one experiment that yields a value for absolute zero.

· write the ideal gas equation and define each variable.  

· use the ideal gas equation to solve for any of its variables or a ratio of variables, such as denisity. 

· determine the molecular weight of an unknown gas, and determine the molecular formula of that gas using that info.

· extract Boyle's Law, Charles' Law and Avagadro's Law from the ideal gas equation.

· use the ideal gas law to calculate the amount of product formed, or reactant consumed, in a chemical reaction, given the initial amount of one reactant (or product) and assuming the other reactant is in excess.

· display the relationship between Dalton's Law of partial pressures and the ideal gas equation and solve problems using Dalton's Law of partial pressures.

· state the postulates of the kinetic-molecular theory.

· explain the relationship between the temperature of a sample of gas and the kinetic energy of the particles of the gas.

· relate the macroscopic behavior of an ideal gas to the kinetic-molecular model of a gas.

· calculate relative effusion or diffusion rates of gases.

· explain the shortcomings of the ideal gas model when dealing with real gases.

· define the terms thermodynamics and thermochemistry. 

· describe the difference between temperature and heat

· distinguish between the system and the surrounding in a chemical process. 

· define the terms exothermic and endothermic as they apply to chemical reactions.  

· define the terms specific heat and heat capacity and use both concepts to calculate heat flow.

· calculate heat flow in a coffee-cup calorimetry experiment.

· calculate heat flow in a bomb calorimeter experiment.

· state the first law of thermodynamics. 

· write the mathematical equation defining the internal energy change in a chemical reaction.

· calculate the internal energy change for a chemical process in terms of heat flow and work.

· write the mathematical equation for heat flow in chemical reactions at constant volume and constant pressure.

· define the term enthalpy (H) and distinguish it from internal energy (E).

· list the important characteristics of enthalpy of a chemical reaction.

· describe and recognize state functions.     

· calculate the enthalpy change in a chemical reaction using Hess's Law.


· define the term standard state as it is applied to an element or compound.

· write a chemical equation describing the formation of any compound and look up its heat of formation in table of standard heats of formation.

· calculate the enthalpy change in any chemical reaction using standard enthalpies of formation.   

· define these terms: electromagnetic radiation; wave; wavelength; frequency; amplitude; and velocity.

· state the mathematical relationship between wavelength and frequency. and calculate the wavelength of light, given its frequency and the speed of light.

· define the terms quantum, quantized and photon in terms of the interaction of matter with electromagnetic radiation.

· state the mathematical relationship between energy and frequency for light and calculate the energy of photons of light at a given frequency or wavelength.

· state the postulates Bohr used to account for the experimentally observed emission spectrum of hydrogen.    

· explain the importance of the principal quantum number. 

· calculate the Bohr radius and the energy of an electron in the Bohr atom, given the principal quantum number. 

· define the terms: excited state; ground state
· describe the properties of matter waves and calculate the wavelength of an object, given its velocity and mass.  

· explain how the uncertainty principle relates to our knowledge of the properties of electrons in atoms.

· compare and contrast the Bohr model and the quantum mechanical model for describing the properties of electrons in atoms.  

· define the term orbital.

· define principal quantum number, azimuthal quantum number and magnetic quantum number and describe how each of these numbers relate to the energy, shape and orientation of an electronic orbital in an atom.

· write the full set of quantum numbers for an electron in a particular energy level.

· draw a complete energy level diagram (through n = 4) for the hydrogen atom, based on the quantum mechanical model of the atom and label the diagram with the correct orbital designations.

· draw the shape of 's', 'p' and 'd' orbitals.

· define the terms effective nuclear charge and screening effect and explain how the energy of the atomic orbitals are effected by the presence of more than one electron.

· describe the electron spin quantum number. 

· define and apply the Pauli exclusion principle to the process of building up a multi-electron atom.  

· list the four quantum numbers associated with each electron in multi-electron atoms and write the electron configuration for any element in the periodic table.

· define and apply Hund's rule.   

· define valence electrons and core electrons and distinguish between them for any element in the periodic table.  

· identify the sections of the periodic table that contain s orbital, p orbital, d orbital and f orbital valence electrons. 

· identify electron configurations for elements from these regions of the periodic table: alkali metals, alkaline earth metals, transition metals, chalcogen, halogen, noble gas, lanthanide and actinides.  

· identify electron configurations for charged atoms and explain why they form those charges

· describe the trend in atomic radii among elements within groups and periods of the periodic table. 

· describe the trend in ionization energy among elements within groups and periods of the periodic table. 

· describe the trend in electron affinity among elements within groups and periods of the periodic table. 

· Explain how intermolecular forces such as surface tension, capillary action, viscosity, vapor pressure, and boiling point affect the properties of liquids.

· Rank a substance in order of increasing/decreasing properties such as boiling points.

· Understand the different types of solids and know examples of each.

· Know characteristic points of heating curves and phase diagrams.

· Perform calculations with different solution concentrations such as molarity, mass percent, molality, and mole fraction.

· Discuss effects of temperature, pressure, and structure on solubility.

· Understand colligative properties such as boiling point elevation, freezing point depression, and vapor pressure lowering.

· Use colligative properties to determine the molar mass of a solute. 
1. Determine how many mL of 0.203 M BaCl2 are needed to completely react with 34.5 mL of 
0.165 M AgNO3.

2.
Write the molecular and net ionic for the following reactions. (all are solutions unless otherwise specified.


a.
iron(III) nitrate mixed with potassium hydroxide.


b.
silver nitrate mixed with calcium chloride.


c.
sodium metal with water


d.
potassium metal added to zinc nitrate


e.
sulfuric acid with sodium hydroxide


f.
hydrosulfuric acid mixed with sodium hydroxide

3.
It takes 43.56 mL of 0.3451 M NaOH to titrate 20.00 mL of HCl.  Determine the concentration of the acid.

4.  Balance the following in an acidic environment


ClO3- (aq) +  I2 (g)  -->    IO3- (aq)   +  Cl- (aq)

5.  Balance the following equation in a basic environment



NO2-(aq)  +  Al(s)  -->  NH3(g)  +  AlO2-(aq)

6. A sample of helium is heated from 115 oC to 223oC.  If it's original volume was 457 mL, what was the final volume?

7. Calculate the total pressure in a 10.0 liter flask at 21 ˚C which contains 4.00 g H2, 12.0 g O2 and 8.00 g He.

8.
Calculate the density of methane, CH4, at STP.

9.


2 HCOONa + H2SO4 ( 2 CO + 2 H2O + Na2SO4

A 0.964 gram sample of a mixture of sodium formate and sodium chloride is analyzed by adding sulfuric acid. The equation for the reaction for sodium formate with sulfuric acid is shown above. The carbon monox​ide formed mea​sures 242 milliliters when col​lected over water at 752 torr and 22.0˚C. Calculate the percentage of sodium formate in the original mixture.  The vapor pressure of water at 22.0oC is 19.8 torr.

10.
The van der Waals equation of state for one mole of a real gas is as follows:

(P + a/V2)(V - b) = RT

For any given gas, the values of the constants a and b can be determined experimentally. Indicate which physical properties of a molecule determine the magni​tudes of the constants a and b. Which of the two molecules, H2 or H2S, has the higher value for a and which has the higher value for b? Explain.

11.
An unknown gas is found to diffuse 5.39 times as fast as butane (C4H10).  What is the molecular weight of the unknown gas?

12.  When 1.000 g of KNO3 is dissolved in 120.0 g of water initially at 24.25 ˚C in a coffee-cup calorimeter, the final temperature is found to be 23.44 ˚C.  Calculate the heat absorbed per gram and per mole when KNO3 dissolves in water.  (Assume the heat capacity of the calorimeter is zero.)

13.  Calculate the heat produced per mole of aspirin when 2.216 g of C9H8O4 are reacted with excess oxygen in a bomb calorimeter containing 4.40 kg of water.  The temperature change measured is 2.32 ˚C.  The heat capacity of the calorimeter is 2340  EQ \F(J,˚C)  .

14.  Predict whether the following processes are exothermic or endothermic.  What is the sign of ∆H for each process?


a)
H2O(g) → H2O(l)


b)
I2(g) →  I2(s)



c)
Cu(s) →  Cu(l)

15.  The enthalpy change for the reaction 

Ca(s) + Br2(l) → CaBr2(s)

is -683 kJ.  Calculate the heat produced when 2.57 g of CaBr2 are formed.

16.  For which of the following reactions is ∆E different from ∆H?  Explain your reasoning in each case.



a)
Ca(s) + Br2(l) →  CaBr2(s)



b)
3NO2(g) + H2O(l) →  2HNO3(aq) + NO(g)

                  c)  
H2(g) + Br2(l) →  2HBr(g)

17.  Given the following equations;

Equation #
Chemical Equation  
∆H˚  (kJ)


1
4NO2(g) + 6H2O(l) →  4NH3(g) + 7O2(g)
+1764


2
4NH3(g) + 5O2(g) →  4NO(g) + 6H2O(l)
–1166


3
4NH3(g) + 3O2(g) → 2N2(g) + 6H2O(l)
–1530
From the above reactions apply Hess's Law to determine the standard heat of formation (∆H˚f) of NO(g).  

18.  Given the following thermodynamic data,

	Substance
	∆H˚f   EQ \B(\F(kJ,mol)) 

	Ca2+(aq)

Cl-(aq)

CaCl2(s)
	-542.8

-167

-795.8




Calculate ∆H˚rxn for 1 mol of CaCl2 dissolving in water.  Is the dissolution of CaCl2 endothermic or exothermic?


19.  If 18.0 g of CaCl2 is added to 100. g of water initially at 23.5 ˚C, calculate the temperature of the solution after the CaCl2 dissolves.  (Assume no heat is lost to the container or the surroundings and the specific heat of the solution is the same as that of water.)

20. Determine the standard enthalpy of vaporization (transition from liquid to gas) for CCl4(l).

21.  An argon laser emits light with a wavelength of 488 nm.  Calculate the energy of a photon of light emitted from the laser.

22.  What is the mass of the above photon?

23.  An electron initially in the n = 2 energy level in a hydrogen atom absorbs a photon of light with a frequency of  6.167 x 1014 s-1.  Calculate the new energy level the electron will occupy.

24.  How do electrons shells, subshells and orbitals differ?

25.  What are the possible values of l, and ml for the n = 2 shell?

26.  What are the set of quantum numbers for an electron in a 2s orbital?  A 3d sublevel?  A 6f orbital?

27.  Write the electron configuration for Pm ,Bi, N3-,Co2+.

28.  List the possible values of the four quantum numbers for each electron of the valence electrons in Br.

29.  Draw the orbital diagrams for S and Mo.

