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ELEMENTS
You will be expected to memorize the names and symbols of the following elements that occur more commonly than others in this course. Atomic number and location (Period, the horizontal row) on the Periodic Table are given for reference.

Atomic 

Number
Element
Symbol
First period:

1

Hydrogen
H

2

Helium

He

Second period:

3

Lithium

Li

4

Beryllium
Be

5

Boron

B

6

Carbon

C

7

Nitrogen
N

8

Oxygen

O

9

Fluorine
F

10

Neon

Ne

Third period:

11

Sodium

Na

12

Magnesium
Mg

13

Aluminum
Al

14

Silicon

Si

15

Phosphorus
P

16

Sulfur

S

17

Chlorine
Cl

18

Argon

Ar

Fourth period:

19

Potassium
K

20

Calcium

Ca

21

Scandium
Sc

22

Titanium
Ti

23

Vanadium
V

24

Chromium
Cr

25

Manganese
Mn

26

Iron

Fe

27

Cobalt

Co

28

Nickel

Ni

29

Copper

Cu

30

Zinc

Zn

Atomic 

Number
Element
Symbol
Fourth period (continued):

31

Gallium

Ga

32

Germanium
Ge

33

Arsenic

As

34

Selenium
Se

35

Bromine
Br

36

Krypton

Kr

Other periods:

38

Strontium
Sr

47

Silver

Ag

48

Cadmium
Cd

50

Tin

Sn

53

Iodine

I

56

Barium

Ba

78

Platinum
Pt

79

Gold

Au

80

Mercury
Hg

82

Lead

Pb

86

Radon

Rn

88

Radium

Ra

92

Uranium
U





Atoms and Molecules
Definitions:

Element - a substance that cannot be broken down into a simpler substance by ordinary chemical change.

Compound – a substance containing two or more elements that has a fixed elemental composition by mass.

Atom - is the smallest building unit of an element.

Molecule –  is the smallest building unit of a covalent compound.

Ion – is the smallest building unit of an ionic compound.

Law of Definite Proportion -  A given compound always has the same elements in the same proportions by mass.

Chemical formula – is a notation representing a chemical compound with a subscript number showing the number of atoms for each element. e.g. NaCl, Mg3(PO4)2, CaCl2(2H2O, etc.

Empirical Formula – A chemical formula showing the simplest whole-number ratio of the atoms in a molecule of a compound. 

Molecular Formula – An actual chemical formula showing the number of atoms of each element in a molecule of a compound.

Mole – 6.02 x 1023 units of a something (atoms, molecules, formula, eggs, marbles, etc.)

Molar Mass – mass in grams/mole for one mole of something.

Gram Atomic Mass – mass in grams for one mole of atoms of that element.

Formula Mass – mass of each formula representing a chemical compound in amu.

Molecular Mass – mass representing each molecule in amu.

amu – a mass corresponding to 1/12 of one atom of C-12 isotope.
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       EXERCISE (Classification of Matter):



(Show your answer on separate sheet for credit.)

1.
Classify each of the following properties as chemical or physical:  


a)   hardness of a diamond;
b)   combustibility of gasoline;


c)   corrosive character of an acid;   d)    elasticity of a rubber band;

2.
which among the following are physical changes:


a)   blowing glass 
b)    fermenting grapes;      c)   forming a snowflake;


d)   evaporation of dry ice     e)   decomposing a substance by heating it.

3.
Classify the following as compounds or elements:    


a)   silver bromide (used in photography)       b)    calcium carbonate 
(limestone)        c)   sodium hydroxide (lye)     d)   uranium       e)    tin

4.
Which of the following are the heterogeneous mixtures?     


a)   Sterling silver      b)   freshly opened root beer      c)   an ice cube


d)   scrambled eggs     e)   motor oil

5.
Indicate whether each of the following statements describes a physical or 
chemical property:  


a)   Lithium burns in oxygen with a bright red flame


b)   Magnesium is a solid at room temperature.


c)   Gold will not dissolve in either hydrochloric or nitric acid.


d)   Aspirin tablets can be pulverized with a hammer.

6.
Classify each of the following changes as physical or chemical.


a)
evaporation of water from a lake


b)
"scabbing over" of a skin cut


c)
rusting of an iron nail


d)
melting of some wax

7.
Does each of the following statements describe a physical change or 
chemical change?


a)
Heat is given off when magnesium ribbon is burning in air.


b) 
An Alka-Seltzer tablet  fizzes in water.


c)
Deodorant spray is released from a can.


d)
A firecracker explodes.

8.
Classify each of the following as a homogeneous or heterogeneous 
mixture.  


a)
liquid water and vinegar


b)
liquid water, oil, and ice


c)
carbonated water (soda water) and ice


d)
oil, ice and salt solution

9.
Name the following elements:


Be  ______________________
Cr  ______________________


Mn  ______________________
Na  ______________________


P  ______________________
Pb  ______________________


Hg  ______________________   
Sn  ______________________

10.
Write the chemical symbols for the following:


fluorine  ________
nitrogen  ________
iodine  _______

cadmium  ________
mercury  _______

tin  ________


magnesium  ______ 

gold  ________
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Exercise: (Physical Measurements)
(Do this exercise on separate sheet and show your work for credit.)
1.
Fill in the blanks:   Measurements in the SI/metric system.

	
	Base quantities
	Derived quantities

	
	mass
	length
	time
	temp
	chem..amount
	volume
	density

	Base Unit
	
	
	
	
	
	
	


2. SI/metric prefixes:  fill in the blanks:
	
	mega
	kilo
	deci
	centi
	milli
	micro
	nano

	Symbol
	
	
	
	
	
	
	

	Exp.notation
	
	
	
	
	
	
	


3.
Using the following equations---


°C =  (°F-32°) / 1.8       °F  =   1.8 °C  +  32            K  =   °C  +  273.15


a)   
98.6 °C  =  _______°F

b)   450°F  =  ______ °C


c)
-12.5°F = ______ °C

d)   273°C  =  ______  K


e)
0.0  K  =  ______  °C

f)   298 K  =  ______  °F

4.
Make the following conversions:  use exponential notation when appropriate.


a)
225 g  =  __________  kg  =  __________  mg


b)    85.0 mg/L  =  _________  g/L  =  _________  µg/L


c)
250 mL  =  ___________  L  =  __________  dL


d)
0.00075 L  =  ___________  dL  =  ___________  mL


e)   
1.00 mL  =  ___________  cm3

5.
How many significant figures are there in ...


a)
200.5 kg   _______          
b)   0.005 g  _______



c)    5.00 mg  ______

d)    0.0050 g  _______

6.
Round off to 3 sig fig  and express in scientific notation:


a)
19890 ft  


 ft


b)
0.056721 g  


  g


c)
45820  






d)  
0.00000060039 m  

m 

7.
What is the difference, if any, between "0.04 m" and "0.0400. m"?


How would you express these measurements using scientific notation?

8.
Round each of the following, 68375, 96.518, and 0.014535 to  


a)  three 
significant figures,  b)  four significant figures and    

9.
Perform the following arithmetical operations, giving proper number of 



sig. fig. (and units) to your answer:


a)
27.5 m  +  0.0055 m  =  __________________



b)
27.5 m  x  0.0055 m  =  __________________


c)
27.524 g/9.90 mL  =  __________________



d)
37.5 m3/(6.245 x 102 m2) =  __________________

10.
Convert the following using appropriate conversion factor.


Show the dimension in your calculation.


(a)
2155 lb  =  ____________  kg


(b)
16.0 oz  =  ____________  g

11.
Which of the masses in each of the following pairs is larger?


a)
0.1 g

or
10 mg


b)
1 kg

or
10000 g


c)
1 pound
or
0.5 kg     (1 kg = 2.2 pounds)

12.
Circle the larger volume in each of the folowing pairs.


a)
1 cubic meter
or 
1 litre


b)
1 millilitre
or
1 litre


c)
1 litre

or
1 gallon


d)
0.010 litre
or
100 mL

13.
The density of a solution was determined four times and the results are




listed as follows:





Measurement
              Density  (g/mL)




1

1.079




2

1.082




3

1.076




4

1.080


a)
What is the average (mean) density?  


b)
If the density is theoretically 1.032 g/mL, what is the % error of the mean density in (a)?

14.
Perform the following conversions:


a)
15.5 pounds to kg and mg units.


b)
11.5 inches to m and cm units.


c)
1.0 m3 to in3.

15. Complete the following density problems, using conversion factors.

	substance
	density
	mass
	volume

	Aluminum
	
	7590 g
	A block 45 cm long

25 cm wide and 2.5 cm thick

	Methyl alcohol
	0.801 g/mL
	10.0 g


	

	Lead
	11.35 g/cm3
	
	175 cm3
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EXERCISE (Atomic Theory):




(Show your work on separate sheet.)

1.
Sodium oxide and sodium peroxide are two compounds made up of the elements sodium and oxygen.   62 g of sodium oxide consists of 46 g of sodium and 16 g of oxygen;  78 g of sodium peroxide are made up of 46g of sodium and 32 g of oxygen.   Show how these figures confirm the Law of Multiple Proportions.

2.
Complete the following table:

	Subatomic

particle
	Electric

Charge (relative)
	Mass (amu)
	Mass (gms)
	Symbols

	electron
	           -1
	
	9.1 x 10-28
	

	proton
	
	          1
	1.7 x 10-24
	      P+ or  P

	neutron
	
	
	1.7 x 10-24
	


3. Consult the diagram in the Text that shows the Rutherford's famous gold foil scattering experiment.   To what conclusions did this lead Rutherford in regards to atomic structure? (Discuss briefly in full English sentences.)

4.
What particle(s) have a mass of approx. one amu?


5.
What isotope of which element is used as the standard for the relative atomic mass?


______________________

_______________________



element



isotope

6.
Define the word "Isotope".

7.
Name and give symbols for the three isotopes of hydrogen.

8.
Cite the difference(s) between  235U and 238U in their subatomic structures.

9. Complete the following table:

	Atomic

No.
	Number of

protons
	Number of 

electrons
	Number of 

neutrons
	Mass No.
	Nuclear 

Symbol (   35Cl )

	      20
	
	
	
	      40
	

	
	        35
	
	      46
	
	


10.
A certain isotope of silicon is 2.42 times as heavy as [image: image2.png]


 isotope. What is the mass of this 
silicon isotope on the amu scale?

11 Write complete nuclear symbols (e.g.  2He) for atoms with the following 









characteristics. (Consult the Periodic Table.)


a)
contains 20 electrons and 24 neutrons


b)
radon atom with a mass number of 211


c)
silver atom that contains 157 subatomic particles


d)
beryllium atom that contains 10 nucleons

12.
What is the average atomic mass (amu) of element number 16?

13.
There are two naturally occurring isotopes of element X-58 and x-60.


The two isotopes always occur in the same ratio of approximately 3:1.


Find the average atomic mass of X. (Assume X-58 weighs 58.0 amu, X-60, 


       
60.0 amu)

14. Lithium exists in two natural isotopes.   The atomic mass of one is 6.01512 amu, and the other is 



7.01600 amu.    Why is not the atomic mass of lithium on the periodic table 6.51556, the 



Arithmetic average of these two numbers?

15. Indicate which subatomic particle (proton, neutron, or electron) correctly matches each of the 



following statements.   More than one particle can be used as an answer.


a)
has no charge


b)
has charge equal to but opposite in sign to that of an electron


c)
is not found in the nucleus


d)
has a positive charge
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EXERCISE:




(Balancing Equations; Types of Reactions)



(Use separate sheet to show your answer.)

Writing Chemical Equations:

1.   Convert the following "word equations" into balanced chemical equations.


Be sure the formula of all reactants and products are correct before you start 


to balance the equations.


(a)
carbon  +  oxygen  ->   carbon dioxide



(b)
methane  +  oxygen  ->  carbon dioxide  + water


(c)
nitrogen  +  hydrogen  ->  ammonia


(d)
hydrogen  +  chlorine  ->  hydrogen chloride


(e)
ammonia  +  hydrogen chloride   ->  ammonium chloride


(f)
ammonium chloride  + silver nitrate  -> silver chloride +  ammonium nitrate 


(g)
calcium carbonate  +  heat  ->  calcium oxide  +   carbon dioxide


(g)
sulfur trioxide  +  water  ->  sulfuric acid


(h)
barium hydroxide  +  sulfuric acid  ->  barium sulfate  +  water


(i)
sodium oxide  +  water  ->  sodium hydroxide


(j)  
hydrogen sulfide +  sulfur dioxide  ->  sulfur  +  water


(k)
copper  +  silver nitrate  ->  copper(II) nitrate  +  silver



methane = CH4,   ammonia = NH3

2.
Balance the following equations:


(a)

NO   +   O2 -->   NO2

(b)

SO2   +   O2  -->   SO3

(c)

C2H6   +    O2   -->   CO2  +   H2O


(d)

Fe2O3    +   H2   -->   Fe   +    H2O


(e)

Ca(OH)2   +    HCl   -->   CaCl2   +   H2O


(f)

Al2O3   +    H2SO4   -->   Al2(SO4)3   +   H2O

Balance the following chemical equations for different types of reactions:

3.
Synthesis (Combination):   A +  B  -->  AB


(a)
Mg   +    O2  -->      MgO


(b)
Al   +     O2   -->      Al2O3

(c)
Na   +     P   -->      Na3P


(d)
H2   +     O2   -->    H2O


(e)
H2   +     N2   -->     NH3

(f)
CO2  +     H2O   -->   H2CO3

(g)
CaO   +    H2O  -->   Ca(OH)2
4.
Decomposition:
AB   --->   A   +   B


(a)
HgO(s) ----->     Hg(l)   +   O2(g)

(b)
CaCO3 (s) ---->   CaO(s)   +   CO2(g)

(c)
KClO3(s)  ---->   KCl(s)  +   O2(g)

(d)
H2CO3 (aq)  ---->   H2O(l)  +   CO2(g)
5.
Single-replacement reaction:  


A  +  BC   --->  B  +   AC (in aqueous solution, consult activity series table.)


(a)
Zn(s)   +   CuSO4 (aq)  --->


(b)
Cu(s)   +   AgNO3(aq)   --->


(c)
Pb(s)  +   Cu(NO3)2(aq)   --->  


(d)
KI(aq)  +  Cl2(aq)   --->   


(e)
NaBr(aq)   +   Cl2(aq)   ---> 

6.
Double-replacement reaction:   


AB  +  CD  --->   AD  +  CB  (consult solubility table.)


(a)
NaOH   +   HCl   --->


(b)
NH4OH   +   H2SO4   --->


(c)
AgNO3   +   KCl   --->


(d)
CaCl2  +   Na2CO3   --->  


(e)
BaCl2   +   Na2SO4  --->


(f)
CaCO3  +   HCl   --->


(g)
Na2SO3   +   HCl   --->  
[image: image3.emf]

[image: image4.emf]
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EXERCISE (Moles and Molar Mass):

(Use separate sheet to show your work and answers.)

1.
Distinguish precisely and in scientific terms the differences between items  in each of the 
following groups:

a)  Atomic mass vs. Gram atomic mass;  


Molecular mass vs. Gram molar mass


b)
Molecule vs.  Mole


c)
Mole vs.  Avogadro's number


d)
Empirical formula vs. Molecular formula

2.
Calculate to three significant figures the molar mass of each substance listed.


a)
Lithium chloride


b)
Aluminum carbonate


c)
Calcium chloride dihydrate


d)
Silver nitrate


3.
Ammonium bromide is a raw material in the manufacture of photographic film.   
What mass of 
bromine(Br) is found in 7.50 g of the compound?

4.
Calculate the grams of oxygen in 445 g of table sugar, C12H22O11.

5.
Acetone, CH3COCH3, is a solvent that is widely used in manufacturing many organic chemicals.  
How many grams of hydrogen are in 87.1 g acetone?


Percent Composition:

6.
Calculate the percentage composition of each of the following  compounds



 by each element:


a)
silver nitrate, AgNO3


b)
ammonium sulfate

7.
Conversion between Mass and Moles:


Find the number of moles for each mass of substance.


a)
70.3 g C4H10

b)
25.9 g Zn3(PO4)2

8.
Calculate the mass in grams for each of the following substances.


a)
0.0551 mol Br2


b)
0.0898 mol AgNO3

9.
Determine how many atoms, molecules, or formula units are in each of the following:


a)
3.84 mol CH4      

molecules


b)
0.469 g LiBr   

formula units


c)
24.3 g  Cu   

atoms

10.
Answer the following with appropriate answers to 3 significant figures.


a)
How many nitrogen molecules are in 52.4 g N2?


b)
How many nitrogen atoms are in 52.4 g N2?

11.
Mass and Mole relationship:


a)
100. g  of S =  ________  moles of S


b)
100. mol S =  ________  g of S


c)
100 g SO2 =  ________ mol SO2


d)
16.0 g O2 =  ________ mol O2


e)
1.00 x 10-3 mol SO3 = ________ g SO3


f)
0.505 g SO3 =  ________ mol SO3


Empirical (Simplest) Formula vs. Molecular Formula:

12.
A compound is 17.2 % C, 1.44 % H, and 81.4 % F.   Find the empirical 
formula.

13.
What is the empirical formula of a compound that is 19.2% sodium, 1.7% hydrogen, 25.8% 
phosphorus, and 53.3% oxygen.

14.
A coolant widely used in automobile engines is 38.7% carbon, 9.7% hydrogen, and 51.6% 
oxygen.  Its molar mass is 62.0 g/mol.  What is the molecular formula of the compound?
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EXERCISE: 




(Chemical Stoichiometry)


(Use separate sheet to show your work and answers.)

1.
Consider the following chemical reaction:




SO2  +  2 H2S  ->  3 S  +  2 H2O


a)
If 1.0 mole of H2S reacts (with sufficient SO2), how many moles of S are produced?



b)
How many moles of S are produced by the reaction of 0.500 mole of H2S?


c)
If 10.0 g of H2S reacts, how many grams of SO2 reacts with it?


d)
How many grams of H2S are required to produce 12.0 g of S?


e)
If you want to produce 6.00 g of S, how many grams of SO2 must react?



(assume sufficient H2S is available)

2.
Answer the following questions using the balanced equation below:



2 C4H10  +   13 O2    ->    8 CO2   +    10 H2O


a)    How many moles of O2 are required to burn 4.26 mol of C4H10 (butane)?


b)     How many moles of CO2(g) will be produced for above reaction?


c)     How many moles of H2O will be produced in part (a)?


d)    How many grams of O2 is required to burn 2.00 moles of butane completely?


e)    How many grams of C4H10 will react completely with 203 gms of O2?


f)    Calculate the amount of CO2 in grams that will be produced by burning 100.g of butane.



       of butane.
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EXERCISE: 




(Atomic Structure/Periodicity)

(Use separate sheet and show your work and answers for credit.)

1.
How many orbitals are in the s sublevel? the p sublevel?  the d sublevel?  the f sublevel?

2.
What is the largest number of electrons that can occupy the 4p orbitals? 
the 3d orbitals?   the 5f 
orbitals?

3.
Complete the following chart showing the arrangement of electrons in various 
atoms.   The electron dot structure represents the no. of electrons in the outer shell 
(valence) of that element.



                   
electron configuration         


	element
	 atomic 

no.
	1st
shell
	2nd
shell
	3rd
shell
	4th
shell
	no. of Valence 
electrons
	Group
no.
	electron
dot 

structure

	C
	6
	2
	4
	
	
	4
	IVA
	
[image: image5.wmf]C

.
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	Na
	
	
	
	
	
	
	
	

	Mg
	
	
	
	
	
	
	
	

	Cl
	
	
	
	
	
	
	
	



Which of the above elements are metals?  ___________


non-metals?  ___________ :          metalloids?   ___________

4.
The electron configuration of an element is 1s22s22p5.   What element is this?   
What period is 
it in, and what group is it in?

5.
1s22s22p63s23p4 is the electron configuration of an element.   What element is it?   In which 
period and group of the Periodic Table is it located?

6.
Give a full electron configuration for the Argon core?   What is its symbol?

7.
Write a complete electron configuration for each of the following element:


a)
Nitrogen (Z=7) 

b)
Magnesium (Z=12)


c)
Calcium (Z=20)

d)
Aluminum (Z=13)

Periodic Table:

1.
To what family does the electron configuration ns2np5 belong?

2.
What are the valence electrons of aluminum, Z=13?

3.
Identify the chemical family of each of the following elements:  


sodium (Z=11);   beryllium (Z=4);   sulfur (Z=16);   Krypton (Z=36)

4.
Why does atomic size increase as you go down a column in the periodic 
table?

5.
Name one element:


a.
alkali metal   _____________________


b.
alkaline earth metal  _____________________


c.
transition metal  _____________________


d.
nonmetal  _____________________


e.
metalloid  _____________________

6.
Give formula for all of the diatomic elements.


________________________________________________

7.
Which of the following would be larger?


a.
iodine atom or fluorine atom?  __________


b.
potassium atom or zinc atom?   ___________


c.
sulfur atom or S2- ion?  ___________


d.
calcium atom or Ca2+ ion?  ___________


e.
iodine atom or I- ion?  ___________


f.
hydrogen atom or H+ ion?  ___________

8.
Ion formation generalizations:


(a)  Any Alkali Metal element "M" will form an ion as shown below:



M      (      ______   +       e- 



(b)  Any Halogen element "X"  will form an ion as shown below:



X    +     e-    (         ______    

9.
Draw arrows on the Periodic Table (draw a rough sketch of the outline of the Periodic Table) to 
show trends in the tendency of the elements to lose or gain electron.

10.
Define the word "Ionization Energy".

11.
The First Ionization Energy of the elements. (see Text for diagram)


Which group of elements has the highest ionization energy?   Explain this phenomenon.

12.
Which group of the elements has the lowest ionization energy?  Explain this phenomenon.

[image: image6.emf]
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EXERCISE  (Chemical Bonds):
(Use separate sheet and show your work and answers for credit.)
1.
Ion formation generalizations:


(a)  any Alkali Metal element "M" will form an ion as shown below:



M     (    ______      +        e- 


(b)  any Halogen element "X"  will form an ion as shown below:



X   +      e-     (         _______

2.
Using electron dot structures, show how ionic compounds are formed by atoms of 


a)    Na and F

b)    Be and O


c)    Al and Cl

d)    Ca and N   

3.
Identify the pair among the following that are not isoelectronic:


a)    Ne and Na+;          b)   S2-  and Cl-;     

c)   Mg2+  and Ar;        


d)    K+ and S2-;  
e)    Ba2+ and Te2-  (Z=52)

4.
Write the formula for an ionic compound formed from S2- ion and each of the following ions.  


a)    K+              b)   Li+               c)   Al3+                 d)   Be2+  

5.
Determine the formula for the ionic compound in which the Mg2+ ion is 
combined with each of 
the following polyatomic ions.


a)    PO43-             b)    CO32-                  c)   ClO3-               d)  C2H3O2-

6.
Define "Electronegativity".:


Rank the following elements in order of increasing electronegativity.



F,  C,  H,  O  &  N  


7.
Using chemical periodicity trends, arange each of the following sets of atoms in 
order o f 
increasing electronegativity.

a)  Be, N,  C,  B
b)    Te, S, O, Se         c)    B, Na, Al, Mg        

d)   F, K, Al, N

8.
Classify each of the following bonds as nonpolar covalent, polar covalent, or  ionic.


a)     cesium - oxygen


b)     sodium - fluorine


c)     hydrogen - hydrogen


d)     sulfur - phosphorus

9.
Consider the following bonds:   F-Cl; Cl-Cl; Br-Cl; I-Cl.   Arrange these bonds in order of 
increasing polarity (lowest polarity first).   Using the Electronegativity  table in the Text, classify 
each bond as:   



a)    nonpolar     or     b)  polar covalent.

10.
Compare the bond between potassium and chlorine in potassium chloride (KCl) 
with the bond 
between two chlorine atoms in chlorine gas (Cl2).   Which bond is ionic, and which is covalent?    
Describe how each bond is formed.

 11.
 For each of the following hypothetical triatomic molecules, indicate whether the bonds  are polar 
or nonpolar and whether the molecule  is polar or nonpolar.  Assume that A and X have different 
electronegativities.




[image: image7.wmf]c)
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12.
Write the electronic dot structure and the common covalency for the following 
elements.

	Element

e.g.  C
	Electron dot

Structure


[image: image8.wmf]C
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	Common

Covalency

4

	N
	
	

	O, S
	
	

	F, CL, Br, I
	
	

	H
	
	


13.
Using the above table, predict the formula of the compound.


e.g.  
O,  H
  H2O     (Formula start, usually, with the least  electronegative 




element first)



C, Cl
_______



N, Cl
_______



Br, H
_______



Si, H
_______



P, Cl
_______

14.
Write Lewis (electron dot structure) diagrams for each of the following sets of molecules or ions: 



a)       OH-  ;   ClO3-;     NO3-


b)      CH4O;   C2H4O;    C2H6O2
15.
For each molecule that follows, describe the a)  electron -pair geometry, 
and  b)  the molecular 
geometry predicted by the Valence Shell Electron-pair Repulsion Theory (VSEPR).


a)   BH3


b)   NF3


c)   CF4


d)  C2H4 (indicate for each carbon atom)

e)  C2H2 (indicate for each carbon atom)

16.
The nitrogen-fluorine bond has an electronegativity differnece of 1.0 - less  than the 
electronegativity  difference between carbon and fluorine in CF4.  


Yet the NF3 molecule is polar, while CF4 is nonpolar.   How can this be?

17.
There are two possible Lewis structures for the compound with the 
molecular formula of C2H6O,  both of which exist as isomers.  The first isomer is C2H5OH (ethanol, or ethyl alcohol), referred to as drinking alcohol.  The second is CH3OCH3 (dimethyl ether), the anesthetic and solvent.    

(a) Draw Lewis dot structure with arrows to indicate the direction of bond polarity around the oxygen atom for each compound. 

(b) Is C2H5OH (ethanol) a polar or non polar compound?   What would you expect of the polarity of CH3OCH3 (dimethyl ether) compared to C2H5OH?

(c) Which of the above two compounds would be expected to be more soluble in water? Explain your answer.
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EXERCISE:  Gases and  Liquids


(Instruction:   Use separate sheets to show all your work and answers.)
1
A and B are containers of the same volume containing the same amount of gas.   A has a piston 
top which is free to move.      B is a hollow rigid container.





[image: image9.wmf]A
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Each container is heated.   What effect will be observed …


in A?   ____________________________________________


in B?   ____________________________________________


Explain these effects in terms of the kinetic molecular theory: 


(i.e. in terms of change in behavior of the molecules.)

2.
Consider only container A.   Assume the volume to be 1.0 L with the weight on top of the piston 
equal to 1.0 kg.     What will be the new volume if the weight is increased to 3.0 kg?   (assume the 
temperature is kept constant.)

3. Consider only container B.   Suppose at room temperature, 25°C, the pressure gauge reads 545 
mm Hg.   Calculate the new pressure if the temperature is raised to 100°C.  


(First:  calculate the temperature in Kelvin.   Then substitute into the equation.) 










 




new P = old P  x      [image: image11.png]new T (K)
old T (K)




4.
Dry air is about 21 % oxygen and 79 % nitrogen, by volume.   If the 
barometric pressure is 750 mm Hg.  What is the ---


a)
Partial pressure of the oxygen? (in mm Hg)


b)
Partial pressure of the nitrogen?  (in mm Hg)

5.
Complete the following table:

	atm
	lb/in2
	Inches Hg
	cm Hg
	mm Hg
	torrs
	Pa
	kPa

	
	13.9
	
	
	
	
	
	

	1.84
	
	
	
	
	
	
	


6.
Give a definition of pressure.

7.
Tell why a gas exerts pressure using kinetic molecular theory for your  
explanation.

8.
The temperature of a gas is an indication of the :


a.
average kinetic energy of the gas molecules.


b.
chemical energy of the gas molecules.


c.
total energy of the gas molecules.


d.
large distance between the gas molecules.

9.
Consider two samples of a gas in two different one-liter containers.   The same gas is in each 
container.    The pressure of the gas samples is the same.    The temperature in flask 1 is greater 
than the temperature in flask  2.   Circle the correct answer for each of the following.


a.
There are ( less,  more,  same  ) molecules in flask 1 than(as) in flask 2.


b.
The average velocity of molecules in flask 1 is (  less,   greater,   same ) 




than(as) in flask 2


c.
Effect of each collision of the molecules with the walls in flask 1 is ( smaller,  greater,  same  ) than(as) in flask 2.


d.
Average kinetic energy of molecules in flask 1 is (  less,   greater,   same  ) than(as) in flask 2.

10.
"Equal volumes of gases at the same temperature and pressure contain equal number of 
molecules."   This statement is referred to as  






________________________________________ .     

11.
What is the conditions of standard temperature and pressure (STP).




________________
________________ 

12.
At STP one mole of any gas occupies  _____________  liters.


Calculate the density of CO2 at STP.        _____________   

13.
If one cubic foot-28.4 L- of air at common room conditions of 23°C and 749 torr were adjusted to 
STP, what would the volume become?

14.
The volume of hydrogen gas at 705 torr and 24°C is 73.9 mL.   Calculate the amount of gas (in 
moles) for the gas.

15.
0.710 g of an unidentified gas is placed in a 390 mL cylinder.   At 52°C the gas yields a pressure 
of 520 torr.   Find the molar mass of the gas.

16.
Find the volume of 36.0 g of N2 gas at STP.

17.
Define the boiling point of a liquid.

18.
Using the vapor pressure curves given (refer to Fig. in the Text), determine the "normal" boiling 
points of the following liquids:


a.
H2O   _________________


b.
Ethyl ether  _________________


c.
Ethyl alcohol   _________________

19.
List the elements most likely to be involved in hydrogen bonding and make a general statement 
about these elements.

20.
Show diagrams of hydrogen bonding between the following molecules.


a.
H2O  and  H2O


b.
HF  and    H2O


c.
C2H5OH  and   H2O

21.
What effect does hydrogen bonding have on b.p.  (boiling point) of a 
substance?



increases                decreases                  no effect

22.
Cite and explain the effect that hydrogen bonding and polarity have on the boiling point, and 
dissolving properties of water.

[image: image12.emf]
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EXERCISE: Writing Ionic and Net ionic equations:
For each of the following , write the balanced:  a)  full or molecular equation;   b)  the total ionic equation;  and  c)  the net ionic equation.    If NO reaction occurs,  write "NO REACTION" (NR).  (Type of reaction is given for each and use solubility table if necessary.)


1.
Aluminum metal is added to nitric acid solution. (Single-replacement)


2.
Ferric nitrate solution is added to barium chloride solution. (Try double-replacement)


3.
Sulfuric acid solution is added to potassium hydroxide solution.(Double-replacement)


4.
Lead (II) nitrate solution is added calcium chloride solution.(Double-replacement)


5.
Acetic acid (HC2H3O2) solution is added to sodium hydrogen 




carbonate solution.  (Double-replacement)


6.
Iron (II) chloride solution is added to ammonium sulfide solution. (Double-replacement)

7.  Hydrochloric acid solution is added to sodium acetate (NaC2H3O2) 



solution. (Double-replacement)

Chem.15





EXERCISE: Solution,




Concentration Units




(Use separate sheet to show your work and answers)
1.
Percentage Concentration:

a)
A solution is labeled 35.0 %(v/v) ethanol.


How many mL of ethanol are needed to prepare 250 mL of this solution?

b)  
If you need 25.0 mL of ethanol (pure), what volume of this solution should 



you measure out?

2.  
Dilution:  How would you prepare 100 mL of 0.10 M NaCl solution from 



0.50 M NaCl solution available on the shelf? (filling in the following blanks 



will help you solve this problem step by step.)


The NaCl solutions  

initial (1)
diluted (2)



molarity (M)

M1 = 0.50 M 
M2 =  0.10 M


moles of solute present
moles = _______ moles = _______ 


Using  V1M1 = V2M2,  solve for V1=  ____________


Enter volume of solution here
V1 =  _______   
V2 = 100. mL


Using the above calculation, can you now write a procedure for preparing 



100 mL of 0.10 M NaCl solution?

3.
From Molarity to % (m/m):


Calculate the % (m/m) concentration of 6.00 M H2SO4.   The density of 




the 6.00 M H2SO4 solution is 1.34 g/mL.

4.
Relating moles to % composition:

a)  How many moles of NaCl are contained in 150 g of a 1.25 % (m/m) 



NaCl solution ?

b)  You need 0.150 mole of KOH for a reaction.  Available is some 2.50 



% (m/v) KOH solution.   What volume of the solution is needed?

5.  135 g of solution contain 18.5 g of dissolved salt.   What is the percentage 



of the salt in the solution?

6.
Calculate the percentage concentration of a solution prepared by dissolving 5.29 g of calcium chloride in 81.0 g of water.

7.
Sodium carbonate is one of the most widely used sodium compounds.     How many grams are required by an analytical chemist to prepare 400. mL of 0.800 M Na2CO3 solution?

8.
If 75.0 g of NH3.is needed for the reaction, how many mL of concentrated ammonia solution (15.0 M) is required?

9.
How many moles of solute are in 65.0 mL 2.20 M NaOH?

10.
The density of 18.0% HCl is 1.09 g/mL.  Calculate its molarity (M).

11.
0.150 M NaCl is to be the source of 8.33 g of dissolved solute.  What volume of solution is needed?

12.
How many milliliters of concentrated  nitric acid, 16 M HNO3, will you use to prepare 750.mL 0.50 M HNO3?
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EXERCISE: (Acids and Bases)
Acids and Bases:
1.
Define:


a)
Arrhenius acid:



Arrhenius base:


b)
Bronsted acid:



Bronsted base:

2.
List three properties of acids:

3.
Write equations to show the following acids dissolved in water.


Use a pair of arrows of appropriate lengths to show which side is favored. 


Name each anion formed.


a)
HBr (g)  +  H2O


b)
HC2H3O2  +  H2O

4.
What ionic species, if any, are understood to be present in the following aqueous solutions?


a)
KOH(aq) 

b)    H2SO4(aq)


c)
NaHCO3 (aq)

d)    Na2CO3 (aq)


e)
HC2H3O2 (aq)*


* Write ions only if ions outnumber un-ionized molecules.

5.  Balance the following acid-base neutralization reaction equations.   


(Assume complete neutralization.)


a)
 NaOH
+       H2SO4   ->


b)
KOH    +           H2CO3   ->


c)
Ca(OH)2   +    H3PO4   ->

Concentrations of Acids and Bases
Note:  Review.  as necessary, exponential notation. Appendix I,Text.

6.
A.   
 Underline the larger number in each pair:

(a)  1 x 10-5   or  1 x 10-6   
(b) 1 x 10-5  or  5 x 10-6  

(c)  1 x 10-5  or  5 x 10-5    


B.   In any aqueous solution, the ion product, [H+][OH-], is constant, and at 25°C,  [H+][OH-] = 1.0 x 10-14.



In some solutions, and always in pure water,  [H+] = [OH-]. 



When this is true,  then the numerical value of each is 




_____________  
mol/L., and we say the solution is _____________ .



In an acidic solution, the [H+] is greater than _____________ mol/L.



In a basic solution, the [H+] is less than _____________ mol/L.


C.
Complete the following table.   (A, B & N stand for acidic, basic, and 




neutral, respectively:  circle one of them for each solution.)



sol'n
           [H+]
                    [OH-]

The solution is:



#1
      1.1 x 10-9           
_____________
   A      B      N



#2
      4.0 x 10-7           
_____________
   A      B      N



#3
  _____________        
9.4 x 10-8
   
A      B      N



#4            1.0 x 10-7          
 _____________             
   A      B      N



#5     
_____________             1.0
 A      B      N


pH:
7.
What is the meaning …


- of the "p" in pH?  ____________ :    - of the "H" in pH?  ____________


Define pH mathematically:        __________________________

8.
Complete the following table:



decimal value
exponential
      log [H+]        pH              Sol'n is:


e.g.
0.1

     1 x 10-1
           -1            1            A     B     N


1)
0.001

__________           ____       ____        
 A     B     N


2)
0.0000001         
  ___________         _____     _____       
 A     B     N


3)
0.00000001          
___________         _____     _____      
A     B     N


Note: Numbers like 1 x 10-3 or 1 x 10-7 are often written 10-3 or 10-7.

9.
Complete the following table:

	Strongly acidic                                                                                                                                   Strongly basic

	pH
	1
	
	3
	
	5
	6
	
	8
	9
	10
	
	12
	13
	

	[H+]
	
	10-2
	
	10-4
	
	
	10-7
	
	
	10-10
	
	
	
	

	[OH-]
	
	
	
	
	
	10-8
	
	
	
	
	10-2
	
	
	


10.
What is the pH…


a)  of 0.001 M HNO3? (asuming 100 % ionization)        _________


b)  of 0.001 M NaOH? (assuming 100 % ionization)       _________


If the pH of 0.100 M "HX" is 5.0, what can we say about acid HX?



Is it 100% ionized?  _____     Is it a strong or weak acid?   _________


If a solution has a pH = 7.35, then we can say that:



- the [H+] is (greater than, less than)  1 x 10-7 M, and 



- the [H+] is (greater than, less than) 1 x 10-8 M.

Acid-Base Titration:

11.
If 25.00 mL of H2SO4 solution is titrated to an end point with 32.16 mL of 0.1986 M NaOH, what is the Molarity (M) of the H2SO4 acid?

12.
What volume of 0.2135 M Ba(OH)2 in mL is required to neutralize 40.05 mL of 0.5216 M HCl?

13. If 19.25 mL of oxalic acid (H2C2O4) solution is  titrated to an end point with 24.52 mL of 0.2109 M NaOH, what is the molarity (M) of the oxalic acid?

Precipitation Titration:

14.
25.0 mL of 0.235 M NiCl2  are combined with 30.0 mL of 0,260 M KOH.    How many grams of nickel hydroxide will precipitate?

15.
If 60.0 mL 0.322 M KI are combined with 20.0 mL 0.530 M Pb(NO3)2,

how many grams of PbI2 will precipitate?       
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