AP CHEMISTRY SUMMER PACKET

About AP Chemistry Summer Packet

This packet is designed to fill some “holes” in content that a student coming from regular Chemistry to AP Chemistry might experience, while refreshing the content for a student entering Chemistry AP from Chemistry Honors. I have put together some things to memorize, some to understand and do problems on. In addition, please refer to Chemistry AP website and look at Unit A. You might want to go over the powe rpoint and concepts of unit A, so the pace of AP Chemistry does not faze you.

Please let me know if you have questions. My email is Kavita_gupta@fuhsd.org
Sincerely,

Mrs. Gupta
Common Cations with Variable Valency (Must Memorize)
	Antimonous, Antimonic
	Antimony
	Sb
	Sb 3+
	Sb 5+

	Cuprous, Cupric
	Copper
	Cu
	Cu +
	Cu 2+

	Cobaltous, Cobatic
	Cobalt
	Co
	Co 2+
	Co 3+

	Chromous, Chromic
	Chromium
	Cr
	Cr 2+
	Cr 3+

	Ferrous, Ferric
	Iron
	Fe
	Fe 2+
	Fe 3+

	Plumbous, Plumbic
	Lead
	Pb
	Pb 2+
	Pb 4+

	Mercurous, Mercuric
	Mercury
	Hg
	Hg2 2+ 
	Hg 2+

	Stannous, Stannic
	Tin
	Sn
	Sn 2+
	Sn 4+


Common Polyatomic ions (Must Memorize)


	Ammonium
	NH4+
	Chlorate
	ClO3-
	Thiosulfate
	S2O32-

	Nitrate
	NO3-
	Perchlorate
	ClO4-
	Thiocynate
	SCN-

	Phosphate
	PO43-
	Chlorite
	ClO2-
	Peroxide
	O22-

	Hydroxide
	OH-
	Hypochlorite
	ClO-
	Sulfite
	SO32-

	Sulfate
	SO42-
	Permanganate
	MnO4-
	Nitrite
	NO2-

	Carbonate
	CO32-
	Acetate
	C2H3O2-

CH3COO-
	Phosphite
	PO33-

	Chromate
	CrO42-
	Bicarbonate (hydrogen carbonate)
	HCO3-
	Bisulfate (hydrogen sulfate)
	HSO4-

	Dichromate
	Cr2O72-
	Cyanide
	CN-
	
	


Solubility Rules

Always soluble:

alkalies, NH4+, NO3-, ClO3-, ClO4-, C2H3O2-

Generally soluble

Cl-, Br-, I-     Soluble but Ag+, Pb2+, Hg22+

SO42-            Soluble but Ca2+, Sr2+, Ba2+, Pb2+

Generally insoluble:
O2-, OH-      Insoluble but Ca2+, Sr2+, Ba2+

CO32-, PO43-, S2-, SO32-

                    Insoluble but NH4+, alkalies


Determining empirical formula from combustion data (Understand and do practice problems) 
http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/flashfiles/stoichiometry/stoic_excess_oxy.html
When a compound containing C,H and O undergoes combustion, it forms CO2 and H2O. Then from
the mass of CO2 and H2O, we can calculate the mass of C and Hand then find the mass of O by subtracting the sum of masses of C and H from total g present of that substance. From the mass of C,H and O, we can calculate the moles of C,H and O. Then the smallest whole number ratios of these moles will give the empirical formula.

 

Ex.  A 0.6349 g sample of the unknown produced 1.603 g of CO2 and 0.2810 g of H2O. Determine the empirical formula of the compound.  Ans. C7H6O2

 

Strategy: From g of CO2---àg of C

               From g of H2O---àg of H

                To calculate g of O,

                        =  total g- (g of C+ g of H)

Convert C,H,O to moles

Find the simplest whole number ratios of the moles and write the empirical formula.

Determining Formula of a Hydrate Animation (learn the concept and do the problems)

http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/flashfiles/stoichiometry/empirical.html

Quantum Numbers (Learn the concept and do problems)
· http://ull.chemistry.uakron.edu/genobc/animations/n=2.mov 
· http://www.wwnorton.com/COLLEGE/chemistry/gilbert/tutorials/ch3.htm
· http://video.google.com/videoplay?docid=1352214063763175788#

	ml
	Magnetic Q.N.
	3-D orientation of the orbital
	s has 1
p has 3
d has 5
f has 7 
	ml = -l, -l +1, …, 0, l, …, +l 
  
There are
(2l + 1) values.  

	ms
	Spin Q.N.
	Spin of the electron 
	Parallel or antiparallel to field 
	ms = +½  or
-½  


Practice Problems on Quantum Numbers

Quantum Mechanical Model:  Chap 4 W/S-1   

                                  Name:__________________  

Guided Reading




    Group: _________________

1. Which scientist was responsible for the current model used to describe electron motion in atoms?
2.  How is the behavior of electrons described according to the quantum mechanical model?  How is this similar to the particle and wave descriptions of electromagnetic radiation?

3.  How is the location of an electron described?

4.  Define atomic orbital according to the quantum mechanical model.
5.  a.  What four letters are commonly used to identify the shapes of orbitals?

b. What does the shape of an orbital tell us about the electron’s position?

6.  How many quantum numbers are used to identify and atomic orbital?

7.  Distinguish between a ground state and an excited state.
8.  The principal quantum number:

a. Is designated by what letter?

b. Specifies what property of the electron?

c. Has what allowed numerical values?

9.  The azimuthal quantum number:

a. Is designated by what letter?
b. Governs what property of an orbital?
c. Has what allowed numerical values?
d.  Order the following sublevels in the order in which they fill:  p, s, f, and d.
e.  Fill in the following table.

	n
	Number of subshells
	Letter designations
	Numerical values

	1
	
	
	

	2
	
	
	

	3
	
	
	

	4
	
	
	


f. Describe or sketch the shapes of an s and a p orbital.

10.  The magnetic quantum number:

a. Is designated by what letter?
b. Labels what property of the orbitals?
c. Has what allowed values?
d. Fill in the following table.

	Subshell
	Number of orbitals
	Maximum number of electrons

	s
	
	

	p
	
	

	d
	
	

	f
	
	


11.  What is the name of the quantum number used to describe the spin of an electron inside an atom?

12.  What letter is used to represent this quantum number?  What property of the electron does it describe?

13.What are the allowed values of the spin magnetic quantum number?

14.  Which energy level is closer to the nucleus:  n=1 or n=3?  Which is lower in energy?

15.  How many subshells are allowed in the energy level with n=10?  Is this energy level found in a ground state or an excited state for known elements?  What is the highest value of n for ground states of known elements?

16.  Sketch or describe the relative shapes of a 1s-orbital and a 2s-orbital.

17.  The maximum number of electrons possible in any orbital is 2.  The maximum number of electrons possible in a principal energy level is obtained by using the following formula:  maximum number of electrons = 2n², where n is the principal quantum number.  Justify this formula.  

Answers

1. Which scientist was responsible for the current model used to describe electron motion in atoms?

Schrodinger

2.  How is the behavior of electrons described according to the quantum mechanical model?  How is this similar to the particle and wave descriptions of electromagnetic radiation?

e¯  behave as waves, showing particle-wave nature.  EMR which are waves, behave as particles as well as showing dual. 

3.  How is the location of an electron described?

Using quantum numbers.

4.  Define atomic orbital according to the quantum mechanical model.

>90% probability of finding an e¯  at any time.

5.  a.  What four letters are commonly used to identify the shapes of orbitals?


s, p, d, f.

c. What does the shape of an orbital tell us about the electron’s position?

Where it is most likely to be found.  

6.  How many quantum numbers are used to identify and atomic orbital?


3

7.  Distinguish between a ground state and an excited state.


Ground state:  lowest energy state (close to nucleus)


Excited state:  higher energy state

8.  The principal quantum number:

d. Is designated by what letter?

n
e. Specifies what property of the electron?

Energy of obital in which e¯  is present.
f. Has what allowed numerical values?

 1, 2,3,4,5,6,7
9.  The azimuthal quantum number:

d. Is designated by what letter?

l

e. Governs what property of an orbital?

Shape of orbital
f. Has what allowed numerical values?

0 to (n-1)

d.  Order the following sublevels in the order in which they fill:  p, s, f, and d.


s, p, d, f
e.  Fill in the following table.

	n
	Number of subshells
	Letter designations
	Numerical values

	1
	1
	s
	0

	2
	2
	s, p
	0, 1

	3
	3
	s, p, d
	0, 1, 2

	4
	4
	s, p, d, f
	0, 1, 2, 3


g. Describe or sketch the shapes of an s and a p orbital.

[image: image6.jpg]




  S orbital                 
         P orbital                            

10.  The magnetic quantum number:

e. Is designated by what letter?

m

f. Labels what property of the orbitals?

Orientation of orbital

g. Has what allowed values?

-l to +l  (or 2l + 1)

h. Fill in the following table.

	Subshell
	Number of orbitals
	Maximum number of electrons

	s
	1
	2

	p
	3
	6

	d
	5
	10

	f
	7
	14


11.  What is the name of the quantum number used to describe the spin of an electron inside an atom?


Spin quantum number
12.  What letter is used to represent this quantum number?  What property of the electron does it describe?


s, spin of e¯  

13.What are the allowed values of the spin magnetic quantum number?


-1/2 or +1/2

14.  Which energy level is closer to the nucleus:  n=1 or n=3?  Which is lower in energy?


n=1, n=1
15.  How many subshells are allowed in the energy level with n=10?  Is this energy level found in a ground state or an excited state for known elements?  What is the highest value of n for ground states of known elements?


10 energy level, No, 7

16.  Sketch or describe the relative shapes of a 1s-orbital and a 2s-orbital.




1s








2s


Both are spherical, but 2s is larger than 1s
17.  The maximum number of electrons possible in any orbital is 2.  The maximum number of electrons possible in a principal energy level is obtained by using the following formula:  maximum number of electrons = 2n², where n is the principal quantum number.  Justify this formula.  


2n² = 2(1) ² = 2, n=1, s orbital present, # e¯ = 2


2(2)² = 8, n=2, s and p orbitals,  (s= 2e¯ ) +  (p = 6e¯) = 8e¯


2(3)² = 18, n=3, s, p, and d orbitals, s= 2 e¯






         p= 6 e¯






         d= 10 e¯






 
  18 e¯

Chemical Bonding

Chemical Bond means the forces that hold groups of atoms together and make them function as a unit.

· Bonds form because the energy of the system is lowered, making the molecule more stable.

· Bond Energy is the energy required to break  a bond.

Types of chemical bond: There are two types of chemical bonds:

1) Intramolecular Bonds: holds atoms WITHIN a molecule, much stronger than intermolecular bonds. There are four types of intramolecular bonds:

· Ionic Bonds

· Covalent Bonds (Polar Covalent, Non Polar Covalent Bonds and Coordinate Covalent Bond)

· Covalent Network Bonding

· Metallic Bond

2) Intermolecular Bonds: attractions BETWEEN two or more molecules already bonded by intramolecular bonds. They are of four types:

· Hydrogen Bonds

· Dipole –Dipole Interactions

· London Dispersion Forces

· Ion- Molecule Interactions

Intramolecular Bonds ( Generally referred to as bonding)

Ionic Bonding: It is due to the electrostatic attraction  between a cation and an anion. A metal and a nonmetal-usually solids

Example:

   1. NaCl

   2.CaCl2
   3. Na2S

Characteristics of ionic bonding:

· Arranged in crystal lattices (orderly arrangement)

· High m.p.s (strong bond)

· Brittle (slight change in arrangement of one or two ions can cause a large build up of repulsive forces)

· Dissolve in water and separate into ions. (good conductor of electricity)

· DO NOT conduct electricity in solid form.

· Formula unit of an ionic compound shows the ratio of the ions present in a sample of any size. Ex.

Types of Ions: 

1)Monatomic ions: One atom ions, Ex. Cations: Ca, Mg, Na, K

                                                            Anions: Cl, Br, F

2)Polyatomic ions: Ions consisting of more than one atom. Ex: SO42-, NO3-
Criss Cross method for writing the formula: 

Covalent bonding : A covalent bond is formed by a shared pair of electrons between two atoms. Between two non metals- usually liquids and gases

· A group of atoms that are united by covalent bond is called a molecule and the substance made of molecules is called a molecular compound.

· Molecular formula shows types and numbers of atoms tied together to form a molecule.

· Formation of a covalent bond happens when there is net lowering of potential energy.

· Bond length: It is the average distance between two bonded atoms.

Examples:

1. H2 molecule

2. H2O molecule

Polar and Non Polar covalent bonds

Non Polar Covalent Bond: e are shared equally by both nuclei equally,. Ex. H2,  N2
 Polar Covalent Bond: In polar covalent bond, the e tend to be more towards the atom having a higher electro negativity.  Ex. H2O

Electro negativity difference and bonding: The difference in the electro negativity value of the two atoms will decide as to what kind of bond will be formed.

· Electro negativity difference of 0.3 or less non polar covalent

· Electro negativity difference of 0.3 – 1.6 polar covalent

· Electro negativity difference of 1.7 or more Ionic bond

Properties of covalent bonds: 

· Lower melting points than the ionic bond

· Polar covalent bonds tend to have dipole moments and bond polarity.

· Dipole Moment:  It means that molecule has two poles, a positive and a negative pole.

· The arrow showing dipole moment points to the center of negative charge and the tail is at the center of positive charge.

· Example: HF

  CHCl3

· It becomes more difficult to calculate dipole moment with three or more atoms in a molecule because individual dipole moments can cancel each other.

Ex. CO2
Covalent Network Bond:

In covalent network solid each atom is covalently bonded to its nearest neighboring atoms. The covalent bonding extends throughout a network that includes a very large number of atoms. Ex: diamond (Cx), quartz(SiO2)x, silicon carbide(SiC)x. Such solids are essentially giant molecules. The subscript x in these formulas indicates that the component with in the parentheses extends indefinitely. The network solids are hard and brittle (Why?). They have rather high mps.

Metallic Bond:

The chemical bonding that results from the attraction between metal atoms an the surrounding sea of electrons is called as metallic bonding




Electron Sea Model for Metals

With in a metal, the vacant orbitals in the atom’s outer energy levels overlap. This overlapping of orbitals allows the outer electrons of the atoms to roam freely throughout the entire metal. The freedom of motion in the network of metal atoms accounts for the high electrical and thermal conductivity characteristic of all the metals. This model also explains the malleability and ductility of the metals. (Why?)
Comparison of Ionic Solids, Metallic Solids, Covalent Molecular Solids and Covalent Network Solids

	
	Ionic Solid
	Nonpolar Covalent Solids
	Polar Covalent Solids
	Metallic Solids
	Covalent Network Solids

	How is it formed?


	
	
	
	
	

	Examples


	
	
	
	
	

	Melting points and boiling points
	
	
	
	
	

	Conductivity


	
	
	
	
	

	Hardness


	
	
	
	
	

	Brittle


	
	
	
	
	

	Structural Particles


	
	
	
	
	

	 Forces Within Particles
	
	
	
	
	

	Forces Between Particles
	
	
	
	
	


Intermolecular Bonds

· Intermolecular bonds are also called as weak interactions, since their strength is much less as compared to intra molecular bonds, such as ionic, covalent, metallic and covalent network bonds.

· Intermolecular bonds depend on distance between molecules that is why solid, liquids and gases have different properties.

· Importance of intermolecular bonds

-Intermolecular bonds are important because they are directly related to properties such as melting point, boiling point, and energy needed for phase changes.

-they determine the solubility of substances in various solvents.

-they determine the structure of biologically important molecules such as DNA and proteins.

· Intermolecular bonds or intermolecular forces of attraction are of four types:

1. Dipole-dipole Attractions: When two polar molecules (having permanent dipole) encounter each other, the positive end of one molecule is attracted to the negative end of the other molecule. This interaction is called as “dipole-dipole” interaction. 

[image: image1.png]Covalent bond
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Dipole-Dipole Interaction between two HCl molecules




(http://www.800mainstreet.com/08/0008-0012-interforce.html)

2. Hydrogen Bonds: When hydrogen is bonded to F,O or N (highly electronegative atom), due to large electronegativity differences, the opposite ends of such molecules attract each other and it is called as hydrogen bond.

[image: image2.png]



Hydrogen Bonds between Water Molecules

(http://www.webchem.net/notes/chemical_bonding/dipoledipole.htm)

3. London Dispersion Forces (LDFs): Due to the constant movement of electrons in the electron cloud around the atoms, electron density can be asymmetrical causing the atom to have “instantaneous dipole”. These momentary induced dipole interactions are called as London Dispersion Forces. These occur in non polar molecules and increase with the size of the atom (more electrons).

[image: image3.png]



London Dispersion Forces as a result of Induced Dipole

[image: image4.png]neon xenon




LDFs increase with the size of atoms because of larger number of electrons in bigger atoms

(http://www.chemguide.co.uk/atoms/bonding/vdw.html#top)

4. Ion-dipole Interactions: Ions interact with the charged ends of the polar molecules to give ion-dipole interactions. 

· LDFs and dipole-dipole interactions are collectively called as “Van Der Waals forces”.

· Several types of intermolecular forces may be at work in a single type of molecule.

· The strength of intermolecular bonds is in the order Ion-dipole> dipole-dipole (including H-bond) > dipole/induced dipole LDFs

	Summary of Intermolecular Forces

	Type of Interaction
	Forces Responsible for Interaction
	Approximate Energy (kJ/mol)
	Example

	Ion-Dipole


	Ion charge, magnitude of dipole
	40-600
	Na+…..H2O

	Dipole-dipole


	Dipole Moment (depends upon atom electro negativities and molecular structure)
	20-30
	H2O, HCl



	Hydrogen Bonding
	Very polar X—H bond (where X= F,N,O) 
	5-30
	H2O… H2O

	London Dispersion Forces
	Polarizability
	0.05-40
	I2………I2
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Summary of Types of Intermolecular Forces

(http://www.miramar.sdccd.cc.ca.us/faculty/fgarces/ChemProj/Ch201_Sp2001/Margarita/IMF.htm)

Lewis Structures

Lewis structures are used to depict bonding pairs and lone pairs of electron in the molecule.

Step 1

· Total number of valence electrons in the system: Sum the number of valence electrons on all the atoms . Add the total negative charge if you have an anion. Subtract the charge if you have a cation.

Example: CO32-   
Step 2
· Number of electrons if each atom is to be happy:  Atoms in our example will need 8 e (octet rule) or 2 e ( hydrogen). So, for the ex.
Step 3

· Calculate number of bonds in the system: Covalent bonds are made by sharing of e. You need 32 and you have 24. You are 8 e deficient. If you make 4 bonds ( with 2 e per bond) , you will make up the deficiency. Therefore,

# of bonds= ( e in step 2- e in step 1)/2 =(32-24)/2= 4 bonds

Step 4

· Draw the structure: The central atom is C (usually the atom with least electro negativity will be in the center). The oxygens surround it. Because there are four bonds and only three atoms, there will be one double bond. 

Step 5

· Double check your answer by counting total number of electrons.

Draw the Lewis structures for the following using above steps. Show work!

A.Cl2     B. CH2Cl2   3. NH3
Exceptions to octet rule:

 ICl3
Resonance: When a molecule has more than one Lewis structures, it is said to have resonance.

Ex.  SCN-

Formal Charge

· Number of valence electrons- number of e assigned to the atom in Lewis structure

· It is used to decide the correct Lewis structure for the atom

· The Lewis structure in which atoms bear minimum formal charge is the right one

· When two Lewis structures have the same charge, the structure with the more negative charge on the more electronegative atom is the right one.

How to assign formal charges

· Half the electrons of a bond are assigned to each atom in the bond.

· Lone pair of electrons are assigned to the atom that they belong to

· Formal charge on a neutral molecule is zero

· Formal charge on an ion is equal to the charge on that ion

Examples:

NCO-
COCl2

SOCl2
VSEPR  ( Please go to the following link , understand the concept and do the problems!)
http://intro.chem.okstate.edu/1314F97/Chapter9/VSEPR.html
· Lewis structure is a flat drawing showing the relative placement of atoms, bonds etc in a molecule, but does not tell anything about the shape of the molecule.

· VSEPR theory helps construct molecular shape (3-D) from the Lewis structures, which are 2-D structures.

· The basis principal of VSEPR is the each group of valence electrons (electron domain) around a central atom tend to be as far as possible from each other to minimize repulsions.

· Electron domain may be a single bond, a double bond, , a triple bond or a lone pair. (= is treated same as a – in VSEPR).

· Repulsions between two e domains are : lone pair-lonepair>lone pair-bond pair> bond pair-bond pair

· Valence-shell electron-pair repulsion theory

· Because e- pairs repel, molecular shape adjusts so the valence e- pairs are as far apart as possible around the central atom.

· Electron domains: areas of valence e- density around the central atom; result in different molecular shapes

· Includes bonding e- pairs and nonbonding e- pairs

· A single, double, or triple bond counts as one domain

· Summary of LmABn (Tables 9.1 - 9.3):

L = lone or non-bonding pairs


A = central atom


B = bonded atoms 

· Bond angles notation used here:

< xº 

means ~2-3º less than predicted


<< xº 

means ~4-6º less than predicted
Worksheet for VSEPR

Draw the Lewis Structures and predict the geometry for the following molecules using VSEPR theory.

1.I3-

2. CO2
3.IF3
4. ClO4-
5.SeO3
6.BrF5







Net Ionic Equations Worksheet (Please understand and complete the ws)
Before doing this worksheet, please remember the following:

1. All acids are aqueous (ionize or break into ions)

2. Big B bases ionize.

3. Metal are insoluble and are atomic, written as (s) in these equations.

4. Molecular compounds such as gases (CO2, H2S Etc.) are written as (g) and will not dissociate into ions.

5. Water is written as (l) and does not dissociate.

6. While we are reviewing, remember the difference between Zn and Zn2+ and Cl2 and 2 Cl-…. (
Write net ionic equations for the following chemical reactions:

1. Barium Chloride + Potassium Sulfate( 

2. Zinc + Hydrochloric Acid (
3. Silver Nitrate + Hydrogen Sulfide ( 

4. Zinc + Cupric Chloride (
5. Hydrobromic Acid + Sodium Hydroxide ( Sodium Bromide + Water

6. Sodium bicarbonate + Sodium Hydroxide ( Sodium Carbonate + Water

7. Barium Bromide + Zinc Sulfate (
8. Ammonia + Hydrochloric Acid ( Ammonium Chloride

9. Calcium Iodide + Sodium Sulfate (
10. Carbon dioxide + Sodium Hydroxide ( Sodium Carbonate + Water

Answer Key:

1. BaCl2(aq) + K2SO4(aq) ( BaSO4(s) + 2KCl(aq)

Ba2+(aq) + 2Cl-(aq) + 2K+(aq) + SO42- ( BaSO4(s) + 2K+(aq) + 2Cl-(aq)  

Spectator Ions 

Ba2+(aq) + SO42-(aq) ( BaSO4(s)  

2. Zn(s) + 2HCl(aq) ( ZnCl2(aq)  + H2(g)
Zn(s)  + 2 H+ (aq)  + 2Cl- (aq) ( Zn2+(aq)  + 2Cl-(aq)  +H2(g)
Zn(aq) + 2H+(aq) ( Zn2+(aq) + H2(g)

3.   2AgNO3(aq)  + H2S(g)  ( Ag2S(s) + 2HNO3 (aq)
2Ag+(aq)  +2NO3‑(aq)  + H2S(g)   ( Ag2S(s)  + 2H+(aq)   + 2NO3-(aq)  
2Ag+(aq)   + H2S (g)  ( Ag2S(s) + 2H+(aq)   

4. Zn(s) + CuCl2(aq)   ( ZnCl2 (aq)  + Cu 

Zn (s) + Cu2+ (aq)  + 2Cl- (aq)  ( Zn2+(aq)   + 2Cl-(aq)   + Cu(s)

Zn(s) + Cu 2+(aq) ( Zn 2+(aq) + Cu(s)

5. HBr (aq) + NaOH(aq)  ( NaBr(aq)  +H2O(l)

H+(aq)  + Br-(aq)  + Na+(aq)  + OH-(aq)  ( Na+ (aq) + Br -(aq)  + H2O(l)
H+(aq) + OH-(aq)  ( H2O(l)

6. NaHCO3(aq)  + NaOH(aq)  ( Na2CO3(aq)  +H2O(l)

Na+(aq)  + HCO3- (aq) + Na+(aq)  + OH- (aq) ( 2Na+(aq)  + CO32-(aq)  + H20(l)

HCO3-(aq) + OH-(aq) ( CO3 2-(aq) + H2O(l)

7. BaBr2(aq)   + ZnSO4(aq) ( BaSO4(s) + ZnBr2(aq)  

Ba2+ (aq)+ 2Br-(aq) + Zn2+(aq)   + SO42-(aq) ( BaSO4(s)   + Zn2+ (aq)  + 2Br-(aq)  

Ba 2+(aq) + SO4 2-(aq) ( BaSO4(s)

8. NH3(g) + HCl(aq) ( NH4Cl(aq)  

NH3(g)  + H+ (aq)  + Cl- (aq)  ( NH4 +(aq)   + Cl-(aq)  
NH3(g) + H+(aq) ( NH4 +(aq)

9. CaI2 (aq)  + Na2SO4(aq)   ( CaSO4(s) + 2NaI(aq)  

Ca2+(aq) + 2I-(aq) + 2Na+(aq) + SO42-(aq)( CaSO4(s) + 2Na+(aq) + 2I-(aq)

Ca 2+(aq) + SO4 2-(aq) ( CaSO4(s)

10. CO2(g)   + 2NaOH(aq)   ( Na2CO3(aq)   + H2O(l)

CO2(g) + 2Na+ + 2OH-(2Na+ + CO32-(aq) + H2O(l) 

CO2(g) + 2OH-(aq) ( CO3 2-(aq) H2O(l) 

No





No





No





No





No





Yes





Yes





Yes





Yes





Yes





Yes








See next page for details





 Look for coordination compounds


 Balance charges


 Precipitates, gases can be found here


 NET IONIC


 Ammonium hydroxide, carbonic acid, and sulfurous acid are unstable and must be shown as decomposed products!





Forms water and a salt (balance charges)





First write the formulas, (balance charges) then balance the equation using coefficients





See next page for details





 In presence of oxygen, forms water and CO2 in limited oxygen, makes CO


 In presence of halogen, it is a combination reaction


 Any  combination with oxygen will make oxides (every element with oxygen)


 





Double 


Replacement





Acid/Base





Single Replacement





Synthesis





Combustion





Decomposition





Both reactants are ionic compounds





Reactants are acids and bases





One Reactant is an element and another is an ionic compound





Is there a hydrocarbon present, or pure oxygen?





All Reactants are elements?





One Reactant?





	Acid Bases


 Salts of weak acid + strong base are basic


 Salts of strong acid + strong base are neutral


 Salts of strong acid + weak base are acidic


 Salts of weak acid + weak base can be acidic, basic or neutral depending on Ka and Kb (whichever is greater)


 





	Common gases in Reactions


 


 H2S	  any sulfide salt and acid


 CO2  any carbonate salt plus any acid form CO2 and water


 SO2	  any sulfite salt plus acid forms SO2 and H2O


 NH3  any ammonium salt plus any soluble strong hydroxide + heat to form water NH3 and Salt





	Synthesis Reactions


 


 Metal combines with nonmetal to form salt


 Metallic oxides and water form bases


 Nonmetallic oxides and water form acids


 Metallic oxides and nonmetallic oxides form salts


 Hydrocarbons and halogens





	Oxidation Reduction  (don’t worry for now)


 


Common Oxidizing agents			Products formed


MnO4– in acidic solution			Mn2+


MnO2 in acidic solution			Mn2+


MnO4– in neutral or basic solution		MnO2


Cr2O7– in acidic solution			Cr3+


HNO3 concentrated			            NO2


HNO3  dilute				            NO


H2SO4 hot concentrated			SO2


Metallic ions (higher oxidation #)		Metallous ion


				(Lower Oxidation)


Free Halogens				Halide Ion


Na2O2					NaOH


HClO4					Cl-


C2O42-					CO2


H2O2					O2, H2O


 


 


 


Common Reducing Agents		Products formed


Halide ions				free halogen


Free metals				metal ions	


Sulfite ions or SO2			sulfate ions


Nitrite ions				nitrate ions


Free halogens, dilute basic solution		hypohalite ions


Free halogens, concentrate basic solution	halite ions


Metallous ions (lower oxidation #)		metallic ions 


				(higher oxidation #)





	Decomposition Reactions


 


 Carbonates —> CO2 + Oxide


 Chlorates —> chloride compound + O2


 Ammonium carbonates —> NH3+ H2O + CO2


 Sulfurous acid —> SO2 + H2O


 Carbonic acid —> CO2 + H2O


 Binary compound —> Two elements


 Hydrogen peroxide —> H2O + O2


 Ammonium hydroxide —> NH3 + HOH 








