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Periodicity Essay ?s. Use the correct terminology in explaining, focus on the forces of attraction and repulsion! 

1. a. Place the following elements in order of increasing atomic size: tellurium, bromine, argon, cesium, strontium, and selenium.

Ar, Br, Se, Te, Sr, Cs


b. Explain why there is a difference in size between the selenium and tellurium atoms. (Do not use placement on table as a reason!)

Se has a smaller atomic radius than Te. Te has an additional energy level of electrons, making it larger.


c. Explain why there is a different in size between the strontium and tellurium atoms.  (Do not use placement on table as a reason!)

Sr is larger than Te.  Both atoms have 5 energy levels occupied, but Te has one more proton in its nucleus. This gives Te a greater effective nuclear charge pulling its electrons in closer.

2. The first ionization energy for phosphorus is 1060 kJ/mol, and that for sulfur is 1005 kJ/mol. Explain this difference in ionization energy. (Do not use placement on table or stability in electron configuration as a reason!)

P requires more energy to remove its outermost electron than S.  P and S both have 3 energy levels of electrons occupied.  P is s2p3 while S is s2p4.  The additional electron in S that changes the half-filled p subshell to now have a pair of electrons in one p orbital is easier to remove than an electron from the half-filled p subshell seen in P.  The paired electrons in the s subshell and the first paired electron in the p subshell offer e- e- repulsion. 

3. Consider atoms with the following electron configurations:
a. 1s22s22p6
b. 1s22s22p63s1
c. 1s22s22p63s2
Identify each atom. Which atom has the largest first ionization energy, and which one has the smallest second ionization energy? Explain your choices.

Ne
Na
Mg

Ne has the largest 1st ionization energy. It has 8 valence electrons, complete configuration.  It is a smaller atom with a greater effective nuclear charge having a greater attractive force on its valence electrons, making it more difficult to remove.
Mg will have the smallest 2nd ionization energy. It has two valence electrons, while Ne has 8 and Na has 1.  

4. Look at group 15. Carbon is at the top of the group and classified as a metal.  Lead is at the bottom of the group and is classified as a nonmetal.  Explain how these two elements could be in the same group but have different classifications.  Compare their atomic radii, ionization energy, and electronegativity to support your answer.  

Both Carbon and Lead have s2p2 outer configuration. However, Lead has 6 energy levels, while carbon only has 2.  Lead as a result is a much larger atom, so the nucleus is shielded by the core electrons requiring less energy to remove a valence electron.  If the electron gets lost more easily it has higher metallic character.  Carbon is a smaller atom with less shielding.  The valence shell is closer to the nucleus so the atom has a greater electronegativity and will attract electrons as a nonmetal.  
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5. The following table gives the electron affinities, in kJ/mol, for the group 1B and group 2B metals: (a) Why are the electron affinities of the group 2B elements greater than zero? 

This is an endothermic process. Adding an electron to these atoms requires an input of energy. Like seen with S2 and s2p6 elements having + electron affinity, s2d10 also has a + electron affinity.  Adding an electron to a new subshell with higher energy requires an input of energy.


(b) Why do the electron affinities of the group 1B elements become more negative as we move down the group? 
If the electron affinities become more negative, than there is more energy released as an electron is added.   There must be a greater attraction for this electron. As you go down the group, the average distance of the added electron from the nucleus steadily increases, causing electron-nucleus attraction to decrease. However, the orbital that holds the outermost electron is increasingly spread out, reducing electron-electron repulsions.  These repulsions outweigh the further distance.


6. Predict the trend in radius for the following atoms/ions: Xe, Sn4+, and I-. Explain.
Sn4+, Xe, I-

[bookmark: _GoBack]Sn, Xe and I have the same number of energy levels occupied.  The nuclear charge increases Sn->I->Xe so 
the atomic radius decreases Sn->I->Xe. When Sn loses electrons the ion formed is smaller because it loses a energy level of electrons and has a greater ratio of p:e.  When I gains electrons the ion formed is larger because it decreases the ratio of p:e and the additional electrons repel each other, spacing out. The smallest atom gets larger and the largest atom gets small, so it is hard to compare these. I looked up the values and the smallest radii is Sn+4, followed by Xe and then I-.  
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