Name: ______________________________________  Date: ___________________

IB Chemistry: Chem 1 Atomic Structure and Periodic Trends Review


Atomic Structure

Our model of the atom continues to evolve as new discoveries are made. The first atomic model that was based on scientific experiments came from John Dalton.  He believed that each element had a smallest subunit, which he called the atom.  He believed the atom could not be subdivided into smaller parts.  Later, we learned, his model was inadequate.  After J.J Thompson’s experiments with cathode ray tubes, the electron was discovered and after Ernest Rutherford’s gold foil experiment it became clear that an atom consisted of a very tiny, dense, positively charged nucleus surrounded by an electron cloud.  Later, after searching in vain for a positively charged particle nearly the same size as an electron, Rutherford’s experiments led him to the fact that the positively charged particle he was searching for, eventually named the proton, is 1840 times more massive than the electron even though it carries the same amount of charge.  

Before the nucleus was discovered, scientists had noticed and measured radioactivity in atoms.  They observed that a sample of a pure substance like Radon would give off large amounts of energy and then, somehow, become impure (mixed with other elements).  They had also measured the relative masses of the atoms but could not figure out what made up an atom’s mass since they knew the number of protons and electrons must be equal, but electrons were too tiny to really contribute to the mass.  In addition, they noticed that some atoms had the same properties as others but different masses.   Once the neutron was discovered in 1932 and once scientists put together Einstein’s idea of E=mc2, these observations could be explained.    

Some atoms have isotopes, which means they have the same number of electrons and protons but different numbers of neutrons. This gives them different masses (the mass of the atom comes mostly from protons and neutrons since electrons are 1/1840 the size of a proton), but the same chemical and physical properties because they have the same number of electrons and protons.  Radioactivity is caused by unstable nuclei that are too large or have too many or too few neutrons.  Unstable nuclei split apart into smaller atoms, which is why a pure sample becomes impure after sitting for a while.  When the nuclei split, some of the mass is converted to energy – an amount of energy that can be calculated from Einstein’s equation E=mc2, and this is where the radiation observed was coming from.  

Because a given element can have multiple isotopes, it becomes important to be able to distinguish between them. We do this using isotope notation by either writing the “symbol-mass number” as in C-12 or C-14, or by writing the mass number as an exponent to the left of the atom’s symbol as in 14C or 146C, where the atomic number of the atom is the subscript to the left of the symbol.  

Also, because isotopes exist, it is important to know that the masses listed on the periodic table are weighted averages.  For example, Carbon has 2 isotopes, C-12 and C-13 with masses of 12 amu and 13 amu respectively. (Remember that amu stands for atomic mass unit and is a unit that scientists made up since they couldn’t weigh individual atoms.  Since then we’ve been able to determine that 1 amu = 1.66 x10-27 Kg). The most abundant carbon isotope is Carbon-12 since it makes up 98.93% of the carbon on earth.  The other 1.07% is the carbon-13.  In order to use these masses in a practical way (solving stoichiometry problems), we need to have an accurate way of knowing the mass of 1 mole of each element.  We must take into consideration the abundance of a particular isotope when calculating the average atomic mass.  Since only 1.07%, in carbon’s case, will contribute a heavier mass to the average. To calculation average mass use the following equation: 

(mass1)(abundance1) + mass2(abundance2)+…  = average atomic mass

(Don’t forget to divide the percentages by 100).

Atomic Structure and Isotopes

1. Give the three subatomic particles, relative charges, relative size, and locations in the atom

2. Determine the number of protons, neutrons, and electrons for the following

 a.  28Si



b. 131Xe




c. 207Pb 

3. What is the difference between Copper-65 and Copper-63?  Do they have the same chemical and physical properties?

4. If the mass of Carbon-12 is defined as 12.000 amu, why isn’t Carbon’s mass on the periodic table 12.000 amu?

5. Write the following isotopes in isotope notation (see #2 for help) 
a. Neon-22

b. Helium -4

c. Cesium-133

d. Uranium-235

6. Silver exists as 51.84% 107Ag and 48.16% 109Ag.  The actual mass of 107Ag is 106.90509 amu and the actual mass of  109Ag is 108.90476.  What is the average atomic mass of silver?

7. Calculate the average atomic mass of chlorine if Cl-35 has a mass of 34.968852 amu and an abundance of 75.77 percent and Cl-37 has a mass of 36.965903 amu with an abundance of 24.23%. 

Bohr Models
Niels Bohr used atomic emission spectra to change the model of the atom from one with a nucleus and undefined electron cloud, to an atom with a nucleus and distinguishable energy levels.  Use the Light Emission and Absorption Tutorial at http://www.wwnorton.com/college/chemistry/chemistry3/ch/07/chemtours.aspx to answer the next few questions

8. What is the difference between an emission spectrum and an absorption spectrum? 

9. What is the difference between an excited state and a ground state? 

10. Why do only certain wavelengths show up in an emission spectrum?  

Bohr used the atomic emission spectrum to explain that the amount of energy a particular atom can absorb or emit is quantized (meaning it comes in only certain sizes).  He used this to explain why electrons don’t fall into the nucleus and why a particular element has unique emission spectra.  It also helps explain chemical properties of elements. 

Bohr Models are used to show, roughly, how electrons are arranged in an atom.

Recall that a series of rings are drawn to show each energy level.  

· The first energy level contains 2 electrons in the s sublevel
· The second contains 8 (2 in the s sublevel and 6 in the p sublevel)
· The third contains 8 (2 in the s sublevel and 6 in the p sublevel)
· The fourth contains 18 (2 in the s sublevel, 6 in the p sublevel, and 10 in the d sublevel)
10. Identify the elements shown in the Bohr models below and give the number of valence electrons: Valence electrons are the number of electrons in the outermost shell (s and p sublevels ONLY).

a.



b.



c.
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11. List two errors for each of the following Bohr models? 


a.



b.
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12.  Give the element that has an electron configuration 

a. 1s22s22p63s23p4
b. 1s22s2
c.1s22s22p63s23p64s23d104p4
13. Which subatomic particle do atoms gain or lose to become ions?

14.  Determine the protons, neutrons, and electrons for each of the following ions:


41Ca2+


19F-


74As3-
15. Read pages 47-56. What is the relationship between energy, frequency, and wavelength? If a photon has a short wavelength, does the frequency increase or decrease? What about the energy of the photon?
16. Using the Bohr model, would a photon that caused an electron to jump from the first energy level to the 3rd energy level have a shorter or longer wavelength than a photon that caused an electron to jump from the 2nd energy level to the 3rd energy level?
Periodic Trends

1. Give the number of valence electrons for each of the following groups and give the ion they are most likely to form: (use the P.T. in your data book as the group numbers are different on different versions) Remember that, “An outer ring of 8 makes an atom feel great!” Atoms want to attain the electron arrangement of the most stable atoms they are nearest to.  They lose or gain electrons to do this. 
	
	Valence Electrons
	Ion Formed

	Group 1
	
	

	Group 2
	
	

	Group 3
	
	

	Group 5
	
	

	Group 6
	
	

	Group 7
	
	


1. Why do you think I didn’t ask you to predict the ion formed for groups 4 and 0?
2. List 6 ions that have the electron arrangement 1s22s22p6
2. Give the number of protons, electrons and neutrons for the following: 

a) 3816S2-    

    b) 20683Bi        


c) 20882Pb+4     


    d)42He+2   
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Match each of the following families with its position on the periodic table above.
	Noble Gases
	
	Alkaline Earth Metals
	

	Non-Metals
	
	Lanthanides
	

	Alkali Metals
	
	Actinides
	

	Halogens
	
	Metalloids
	

	Transition Metals
	
	Metals
	


Fill in the blank

1. Elements that have the most stable electron configurations _________________________

2. Element that forms a 2+ ion to have the same electron configuration as Ar _____________

3. Give the element in group 2, period 3  ______________________________

4. Give the halogen in period 5 _______________________________________

5. The diatomic gas in the s block _____________________________________

6. Elements that share properties of non-metals and metals and are often used as semi-conductors ____________________
7. Soft metals that react violently with water ____________________________________

8. Highly reactive colored gases _____________________________________
9. Explain the relationship between electron arrangement, chemical properties and the arrangement of the periodic table.  

3. Remember that physical properties can be observed or measured with out changing the composition of the substance while chemical properties require changing the composition of the substance.  Label the following as either chemical or physical properties 

i. ____ Density

ii. ____ Color

iii. ____ Texture

iv. ____ Reactivity

v. ____ Flammability

vi. ____ Electronegativity

vii. ____ Elasticity

viii. ____ Viscosity

ix. ____ Conductivity

x. ____ Solubility

4. Elements on the periodic table are in order of increasing _____________________.  They are also organized into groups or families according to common physical and chemical properties.  These trends allow us to make predictions about how elements will react and what kinds of compounds they will form.   

The trends can be explained through atomic structure.  Recall that an atom has a tiny nucleus in the center where the positive charge of the atom is located.  Electrons exist in the space around the nucleus in energy levels that make up the electron cloud.  Scientists don’t really know what holds the electrons in a particular energy level, or what prevents them from falling into the nucleus.  However, it is useful to think of the electrons as attracted to the nucleus and repelled by electrons close by.   As atomic number increases, the positive charge in the nucleus increases and electrons, within the same energy level, are more strongly attracted to the nucleus.  The electrons are, therefore, closer to the nucleus and more strongly held (For you physics students: remember that the electrostatic force, F=kq1q2/r2 increases as r, radius, decreases).  As energy level increases, valence electrons are less tightly held to the nucleus for two reasons, they are farther from the nucleus and some of the attractive force of the nucleus is cancelled out by the inner electrons.  We say that the valence electrons are shielded by inner electrons.  The more energy levels, the more shielding that occurs.  These two factors, nuclear charge and shielding, are used to explain the trends in atomic radius, ionization energy, and electronegativity.   

5. Which of the following is most important in determining the periodic trends across a period?

a. Nuclear charge

b. Shielding

c. Increasing numbers of electrons

d. Increasing energy levels
6. Which of the following is (are) important in determining the trend going down a group?

a. Nuclear charge
b. Shielding

c. Increasing numbers of electrons
d. Increasing energy levels
7. Ionization energy is the energy required to remove an electron from a gaseous atom. Electronegativity is an atom’s ability to pull electrons toward itself in a bond and determines whether or not a particular bond is ionic, polar or non-polar.  Atomic radius is the distance from the nucleus of the atom to the outermost energy level.  Based on your answers to the previous questions, give the trends going across and down the periodic table for each of these. 

	
	Trend from Left to Right
	Trend Down

	Ionization energy
	
	

	Atomic radii
	
	

	Electronegativity
	
	


8. Put the following in order of INCREASING atomic radius

Arsenic, Potassium, Phosphorus, Chlorine, Titanium
9. Put in order of increasing electronegativity:
      Phosphorus, Cobalt, Zinc, Rubidium, Oxygen
10. Which of the following has greater ionization energy? 

a. Nitrogen or Phosphorus?

b. Sodium or Magnesium?

c. Bromine or Hydrogen?
11. When an atom gains electrons to form a negative ion, the increased repulsion between the electrons causes the radius of the atom to increase. When an atom loses electrons the decreased repulsion between electrons due to the loss of one causes the radius to decrease.  What happens to the atomic radii when 

a. An anion forms?

b. A cation forms? 

c. Which atom would be larger?  

i. Al3+ or Mg2+?

ii. Cl-1 or S2-?

12. You could use the activity series to figure out the following questions, but don’t do that.  Think about the periodic trends.  You will have these questions on your exam when you don’t have access to a data book.

Based on your knowledge of the trend in ionization energy going down a group 

a. Which halogen most easily gains electrons? 

b. Which halogen most easily loses electrons? 

c. Do halogens prefer to lose or gain electrons? 

d. Given your answers to and c, predict the trend in reactivity from fluorine to iodine

e. Based on your answers above, predict whether the following reactions will occur

i. Br2 + 2I-1 ( I2 + 2Br-1
ii. Br2 + 2Cl-1 ( Cl2 + 2Br-1
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